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ERRATA 


Volume 47y Number 6 , June , 1948 

The authors are indebted to Dr. J. L. York and Mr. J. T. Banchero, Depart¬ 
ment of Chemical and Metallurgical Engineering, University of Michigan, for 
drawing their attention to errors in the tie-line data given in table 3 of their 
paper (J. Phys. Chem. 47 , 450 (1943)). They have checked these figures from 
their laboratory notes, and have submitted a corrected version of columns 2 and 
3 of that table. 


TABLE 3 


System n-hezane-methylcyclopenlane~aniline: data for drawing tie lines 


EQUILIBRIUM rk-MPERATURE 

TOTAL MIXTURE 

r * 

1 vt 

°C. 


1 

j 

25.0 

0.417 

0.048 


0.370 

0.097 


0.333 

0.192 


0.244 

0.233 


0.161 

0.375 


0 079 

0.413 

« 

0.038 

0.430 

345 

0.417 

0.047 


j 0.371 

0.097 


j 0 370 

0.096 


| 0.287 

0.190 


0.241 1 

0.231 


0.217 

0 286 


0.163 1 

0.375 


1 0.082 ! 

0.408 


0.082 

0.412 


0.041 

0.454 

# 45 .0 

0.391 

0.019 


0.420 ’! 

0.097 


0.333 

0.192 


0.169 

0.264 


0.220 

0.338 


* P “ mole fraction of paraffin in the total mixture, 
t N « mole fraction of naphthene in the total mixture. 




ERRATA 

Volume 47, Number 1 , January , 1948 

Page 27: In lines 2 and 3 of the legend for figure 2, for “The space 
group is C\ v — Pbn” read “The space group is C\ v — Pna”. 

Page 29: Line 4 should read “or 0 kl, thus leading to space group 
C\ v - Pmm”. 

Page 29: In line 16 substitute n for a. 

Page 29: The last line before the summary should read “which is 
C\ -P2”. 


Volume 48, Number 9 f December, 1942 

Page 1168: The address of L. Z. Pollara should be given as Depart 
ment of Chemistry, Siena College, Loudonville, New’ York. 




THE ACTIVITY COEFFICIENT OF POTASSIUM IODIDE IN SULFUR 
DIOXIDE FROM VAPOR-PRESSURE MEASUREMENTS 

W. G. EVERSOLE and ALLEN L. HANSON 
Division of Physical Chemistry, Stale University of Iowa, Iowa City, Iowa 
Received September 11, 1942 

Walden and Centnerswer (8) noted that potassium iodide dissolves readily 
in liquid sulfur dioxide to form a series of yellow solutions. They found the 
solutions to be highly conducting, indicating that the salt behaves as a strong 
electrolyte. Unusual colligative properties of the solutions seemed to indicate 
either molecular association of the solute or a high degree of solvation. 

Since sulfur dioxide has a high vapor pressure at ordinary temperatures, the 
system should be admirably suited to the determination of activity coefficients 
by differential vapor-pressure measurements. 

MATERIALS 

The sulfur dioxide used in the determination was the liquefied sulfur dioxide 
of commerce, which was purified by bubbling through concentrated sulfuric acid 
to remove any of the trioxide, and then dried by passing through a battery of 
calcium chloride tubes followed by a phosphorus pentoxide train. The vapor 
was then condensed and collected in 75-cc. bulbs and sealed in glass until used. 
Since in the course of the experiment it was necessary to transfer the solvent by 
distillation, it was possible to eliminate impurities, particularly water, which is 
absorbed readily by dry sulfur dioxide. As a check on the purity of the reagent 
the absolute vapor pressure of sulfur dioxide was determined with a mercury 
manometer, one arm of which was open to the atmosphere. At 0°, 10°, 15°, 20°, 
and 25°C. the vapor pressure was found to check the values reported in the 
literature (5). 

Merck’s reagent quality potassium iodide was twice recrystallized from con¬ 
ductivity water and dried in the oven at 115°C. It was kept in a desiccator 
over phosphorus pentoxide until used. 

PROCEDURE 

Experimental 

By means of a differential mercury manometer the lowering of the vapor 
pressure of sulfur dioxide by potassium iodide was observed. The manometer 
was made of G-mm. Pyrex tubing, and was approximately 2 meters high. It 
was connected with two thin-walled Pyrex bulbs of 40-ml. capacity, as shown 
schematically in figure 1. A weighed portion of pure potassium iodide was 
introduced into one bulb through side-arm b , the other bulb being empty. The 
two bulbs were then connected to a Hyvac oil pump at b and c, and the whole 
system was evacuated and heated with the torch to remove adsorbed gases and 
air occluded by the mercury. By means of a three-way stopcock arrangement 

1 
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the system was twice flushed with sulfur dioxide vapor from the storage bulb, 
being evacuated between flushings. While the bulbs were chilled with an ice- 
salt mixture, the sulfur dioxide was then distilled simultaneously into the two 
bulbs. The latter precaution was taken to insure similarity of the two sulfur 
dioxide samples. By distilling fractionally and discarding the last few drops 
of residue, it was possible to remove any traces of water which might have been 
taken up from the atmosphere whenever the system was opened to the air. 
After introducing the solvent, the bulbs were sealed off with the torch at b and c, 
thus providing a well-sealed all-glass system. The bulbs were then set into the 
constant-temperature water bath. They were constantly shaken by attaching 
them to an eccentric in order to hasten the attainment of thermal equilibrium 
and to insure uniform concentration throughout the solution. 

When the liquids had come to the temperature of the bath, the mercury levels 
in the manometer were read to the nearest thousandth of a centimeter with a 
travelling microscope. For the more concentrated solutions, where the lower¬ 
ings were greater than 15 cm., a cathetometer, accurate to 0.005 cm., was used. 
Check readings were taken with the thermometer slowly rising and falling at 
the temperature considered, the two readings being required to check to 0.001 



Fig. 1. Diagram of vapor-pressure apparatus 

or 0.002 cm. The readings were taken in this manner at 10°, 15°, 20°, and 25°C. 
and recorded. In a few cases it was impossible to obtain the 10°C. readings, 
owing to inadequate cooling facilities. 

To complete each series .of determinations the system was removed from the 
bath, and the bulb containing the solution was removed by sealing off at a 
(figure 1) (necessarily chilling with salt and ice). The bulb was then weighed, 
after which the sulfur dioxide was removed by distillation. The residue of salt 
in the solution bulb was taken up with water for a check determination of po¬ 
tassium iodide by a modified Volhard analysis. The dry empty bulb was then 
weighed, and the amount of sulfur dioxide obtained by difference. This quan¬ 
tity was augmented to give the total weight of the component by adding the 
weight of sulfur dioxide which remained in the manometer as vapor. The latter 
was determined by drawing it through an absorption bulb containing standard 
alkali and titrating with standard acid, using phenolphthalein as indicator. 

Calculation of remits 

The two experimental data used in computation were (1) the differential 
lowering of vapor pressure, and (2) the molality of the solution. In determining 
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the latter, cognizance was taken of the fact that some of the sulfur dioxide 
remained in the vapor state. The volume of the bulb, less the volume of liquid 
(read from graduations on the calibrated bulb), was added to the measured 
volume of the manometer. This total volume of vapor was multiplied by the 
vapor density of sulfur dioxide to give the weight of sulfur dioxide in the vapor 
phase. The vapor densities for the various temperatures were calculated from 
those determined by Eversole, Wagner, and Bailey (3) for pure sulfur dioxide 
by making the necessary correction for the slightly lower pressure according to 
the van der Waals equation. Hence, 

_ moles of KI X 1000 
total S0 2 — S0 2 in vapor 

Table 1 gives values calculated from the data at each of the four temperatures, 
i.e., 10°, 15°, 20°, and 25°C. The quantities represented are as follows: 

P° = vapor pressure of pure sulfur dioxide, 
m = moles of potassium iodide per 1000 g. of solvent, 

A P = vapor-pressure lowering, 
ai a* activity of solvent, 

r ass mole ratio of ionic solute to solvent, 2m/K, where K is number of 
moles of sulfur dioxide per 1000 g., and 

h f = — a - 1 /— 1 (6), where N\ = 1/(1 + r) is the mole fraction of solvent. 

r 

The activity of the solvent was found by use of the Raoult relationship: 

a x =* 1 - AP/Po 

Calculation of the activity coefficients was made from the equation: 

ln/» = —h' — 2 4 h'/r w dr m (5) 

Jo 

In order to evaluate the two terms necessary for this calculation, the values of 

were plotted against r 1/2 as is shown in figure 2. The limiting values at infinite 
dilution were obtained by calculation from the Debve limiting law for activity 
coefficients, using the equation formulated by Eversole and Hart (2) for this 
purpose. 

For the reaction KI —► K + + I~, the limiting values for the different tem¬ 
peratures were obtained. These are given below, together with the corre- 


TEMPERATURE 

D 

V 

lim A7r»/« 
0 

•c. 




10 

14.53 

45.45 

17.61 

15 

13.8 

45.90 

18.43 

20 

12.8 

46.33 

19.99 

25 | 

11.7 

46.80 

22.21 
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TABLE 1 


Vapor-pressure data 


m 

A P 


ft/* 

Ayr*/* 


T - 

10 °C.;P> = 171.456 cm. 


0.0000 

0.000 

1.00000 

0.00000 

(17.61) 

0.0136 

0.175 

0.99898 

0.04175 

9.998 

0.0233 

0.170 

0.99909 

0.05461 

7.88 

0.0252 

0.341 

0.99801 

0.05673 

6.72 

0.4257 

2.349 

0.98630 

0.23355 

3.09 

0.5040 

2.750 

0.98396 

0.25412 

2.83 

0.9367 

4.621 

0.97305 

0.34642 

2.25 

1.0512 

4.889 

0.97149 

0.36698 

1.97 

1.3141 

7.206 

0.95846 

0.41032 

1.64 

1.3194 

5.510 

0.96786 

0.41191 

1.77 

2.6734 

31.999 

0.81337 

0.58525 

0.44 


T = 

15°C.; P» = 205.96 cm. 


0.0000 

0.000 

1.00000 

0.00000 

(18.43) 

0.0136 

0.105 

0.99949 

0.04175 

16.49 

0.0235 

0.212 

0.99879 

0.05492 

11.95 

0.0252 

0.407 

0 99802 

0.05688 

6.75 

0.0684 

0.812 

0.99606 

0.09357 | 

5.83 

0.1249 

1.137 

0.99448 

0.12652 

5.11 

0.2195 

1.825 

0.99114 

0.16769 

3.85 

0.4267 

2.760 

0.98660 

0.23382 

3.11 

0.5051 

3.186 

0.98453 

0.25438 

2.86 

0.9400 

5.295 

0.97429 

0.34704 

2.28 

1.0540 

5.595 

0.97284 

0.36748 

2.00 

1.3174 

7.783 

0.96221 

0.41084 

1.69 

1.3225 

6.683 

0.96755 

0.41162 

1.76 

2.6825 

36.979 

0.82045 

0.58623 

0.48 

2.8474 

43.406 

0.78925 

0.60399 

0.34 


T - 

20°C.; po = 245.33 cm. 


0.0000 

0.000 

1.00000 

0.00000 

(19.99) 

0.0085 

0.172 

0.99930 

0.03294 

11.05 

0.0137 

0.182 

0.99926 

0.04180 

13.47 

0.0234 

0.289 

0.99882 

0.05471 

11.01 

0.0253 

0.466 

0.99810 

0.05688 

7.19 

0.0685 

0.980 

0.99601 

0.09370 

5.77 

0.1254 

1.483 

0.99396 

0.12677 

4.86 

0.2205 

2.111 

0.99140 

0.16805 

4.05 

0.4278 

3.218 

0.98682 

0.23382 

3.11 

0.5064 

3.665 

0.98506 

0.25472 

2.89 

0.9738 

6.049 ‘ 

0.97534 

0.34774 

2.30 

1.0570 

6.398 

0.97392 

0.36800 

2.02 

1.3214 

8.550 

0.96515 

0.41147 

1.74 

1.3275 

7.682 

0.96869 

0.41241 

1.79 

2.6921 

42.580 

0.82644 

0.58729 

0.52 

2.8570 

49.933 

0.79647 

0.60501 

0.38 
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TABLE l—Concluded 


m 

AP | 

ai 

f i/a 

h'/rU * 


T - 

25°C.; * 290.63 cm. 


0.0000 

0.000 

1.00000 

0.00000 

(22.21) 

0.0085 

0.203 

0.99930 

0.03300 

11.20 

0.0137 

0.248 

0.99915 

0.04192 

11.79 

0.0234 

0.328 

0.99887 

0.05477 

11 28 

0.0253 

0.544 

0.99813 

0.05698 

7.41 

0.0687 

1.282 

0.99559 

0.09384 

5.26 

0.1260 

1.741 

0.99401 

0.12707 

4.88 

0.2216 

2.490 

0.99143 

0.16849 

4.05 

0.4290 

3.768 

0.98704 

0.23444 

3.14 

0.5078 

3.812 

0.98688 

0.25508 

3.00 

0.9480 

6.846 

0.97644 

0.34852 

2.32 

1.0612 

7.129 

0.97547 

0.36873 

2.05 

1.3257 

9.735 

0.96650 

0.41214 

1.76 

1.3323 

8.920 

0.96931 

0.41268 

1.78 

2.7048 i 

48.328 

0.83371 

0.58868 

0.57 

2.8678 

: 

57.525 

0.80207 

0.60616 

0.42 



Fig. 2. Data for potassium iodide in sulfur dioxide 


spending values of the dielectric constant (/>) and the molar volume (V) of 
sulfur dioxide. 

The best curve was drawn through the plotted points in figure 2. In the 
range of extreme dilution extrapolation was made to the limiting values. At 
all but the very low concentrations the points plotted for the different tempera¬ 
tures, though lying in the same order as those at zero concentration, were sepa¬ 
rated by intervals so small as to be neglected in drawing the curve. However, 
since the limiting values are noticeably separated, the one curve branched into 
four in the extrapolated range. It has been shown (2) that the limiting slope 
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of the curves is zero. Therefore the error in extrapolation was minimized to a 
great degree. 


TABLE 2 


Activity coefficients of 'potassium iodide in sulfur dioxide 


m 

h* 

-rl/* 

2 J o A'/W*dri/* 

Nt 

fN 

At 10°C. 

0.0001 

0.0630 

0.1267 

0.0000128 

0.827 

0.0005 

0.1410 

0.2817 

0.0000641 

0.655 

0.001 

0.1991 

0.3978 

0.000128 

0.551 

0.005 

0.4450 

0.8848 

0.000640 

0.265 

0.01 

0.6275 

1.2378 

0.001280 

0.155 

0.05 

0.4922 

2.0399 

0.006365 

0.0800 

0.1 

0.5761 

2.4035 

0.012650 

0.0508 

0.2 

0.8499 

2.8285 

0.024984 

0.0309 

0.3 

0.6960 

3.1014 

0.037014 

0.0224 

0.4 

0.7289 

3.3055 

0.048750 

0.0177 

0.5 

0.7466 

3.4701 

0.060203 

0.0148 

0.6 

0.7597 

3.6065 

0.071384 

0.0127 

0.7 

0.7636 

3.7239 

0.082303 

0.0113 

0.8 

0.7652 

3.8255 

0.092967 

0.0102 

0.9 

0.7606 

3.9151 

0.103387 

0.00933 

1.0 

0.7445 

3.9946 

0.113569 

0.00875 

1.5 

0.6490 

4.2808 

0.161201 

0.00724 

2.0 

0.5011 

4.4487 

0.203974 

0.00709 

2.5 

0.3622 

4.5367 

0.242597 

0.00746 

3.0 

0.2418 

4.5944 

0.277645 

0.00794 

At 15°C. 

0.0001 | 

0.0659 

0.1217 

0.0000128 

0.821 

0.0005 

0.1475 

0.2962 

0.0000641 

0.642 

0.001 

0.2085 

0.4182 

0.000128 

0.534 

0.005 

0.4600 

0.9289 

0.000640 

0.248 

0.01 

0.6583 

1.3036 

0.001280 

0.141 

0.05 

0.4922 

2.1183 

0.006365 

0.0735 

0.1 

0.5761 

2.4879 

0.012650 

0.0467 

0.2 

0.6499 

2.9129 

0.024984 

0.0284 

0.3 

0.6960 

1 3.1858 

0.037014 

0.0206 

0.4 

0.7289 

3.3899 

0.048759 

0.0163 

0.5 

0.7466 

3.5545 

0.060203 

0.0136 

0.6 

0.7597 

3.6910 

0.071384 

0.0117 

0.7 

0.7636 

| 3.8083 

0.082303 

0.0104 

0.8 

0.7652 

3.9090 

0.92967 

0.00933 

0.9 

0.7606 

3.9995 

0.103387 

0.00857 

1.0 

0.7445 

4.0790 

0.113569 

0.00805 

1.5 

0.6490 

4.3652 

0.161201 

0.00665 

2.0 

0.5011 

4.5308 

0.203974 

0.00653 

2.5 

0.3622 

4.6211 

0.242597 

0.00686 

3.0 

0.2418 

4.6788 

0.277645 

0.00730 
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TABLE 2 —Concluded 


m 

h' 

2J o A7rV*dri/* 

Nt 

fN 

At 20°C. 

0.0001 

0.0715 

0.1432 

0.0000128 

0.807 

0.0005 

0.1600 

0.3198 

0.0000641 

0.619 

0.001 

0.2262 

0.4519 

0.000128 

0.508 

0.005 

0.5054 

1.0051 

0.000640 

0.221 

0.010 

0.7138 

1.4103 

0.001280 

0.120 

0.050 

0.4922 

2.2540 

0.006365 

0.0642 

0.1 

0.5761 

2.6236 

0.012650 

0.0408 

0.2 

0.6499 

3.0485 

0.024984 

0.0248 

0.3 

0.6960 

3.3214 

0.037014 

0.0180 

0.4 

0.7289 

3.5255 

0.048750 

0.0142 

0.5 

0.7466 

3.6902 

0.060203 

0.0118 

0.6 

0.7597 

3.8267 

0.071384 

0.0102 

0.7 

0.7636 

3.9439 

0.082303 

0.00903 

0.8 

0.7652 

4.0455 

0.092967 

0.00815 

0.9 

0.7606 

4.1352 

0.103387 

0.00749 

1.0 

0.7442 

4.2146 

0.113569 

0.00703 

1.5 

0.6490 

4.5008 

0.161201 

0.00581 

2.0 

0.5011 

4.6687 

0.203974 

0.00569 

2 5 

0.3622 

4.7567 

0.242597 

0.00599 

3.0 

0.2418 

4.8145 

0.277645 

0.00638 

At 25°C. 

0.0001 

0.0795 

0.1589 

0.0000128 

0 789 

0.0005 

0.1778 

0.3553 

0.0000641 

0.655 

0.001 

0.2513 

0.5023 

0.000128 

0.471 

0.005 

0 5616 

1.1187 

0.000640 

0.186 

0.01 

0.7936 

1.5708 

0.001280 

0.0940 

0.05 

0.4922 

2.4504 

0.006365 

0.0528 

0.1 

0.5761 

2 8200 

0.012650 

0.0335 

0.2 

0.6499 

3.2450 

0.024984 

0 0204 

0.3 

0.6960 

3.5179 

0.037014 

0.0148 

0.4 

0.7289 

3.7220 

0.048750 

0.0117 

0.5 

0.7466 

3.8867 

0.060203 

0.00973 

0.6 

0.7597 

4.0231 

0.071384 

0.00838 

0.7 

0.7636 

4.1404 

0.082303 

0.00742 

0.8 

0.7652 

4.2420 

0.092967 

0.00670 

0.9 

0.7606 

4.3316 

0.103387 

0.00615 

1.0 

0.7445 

4.4111 

0.113569 

0.00677 

1.5 

0.6490 

4.6973 

0.161201 

0.00477 

2.0 

0.5011 

4.8652 

0.203974 

0.00468 

2.5 

0.3622 

4.9532 

0.242597 

0.00492 

3.0 

0.2418 

5.0109 

0.277645 

0.00524 


The two terms necessary in calculating the activity coefficient from equation 
5 were determined from the curve in figure 2. For certain chosen molalities 
(to which certain values of r m correspond), the product of ordinate and abscissa 
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gave the necessary values of h\ The integral term was found in every instance 
by graphical integration between the limits r in = 0 and r 1/2 ~ r m . The areas 
were measured with the aid of a polar planimeter. From the values of it is 
possible to compute the activity coefficients in other concentration scales (2). 
The results for the different temperatures are given in table 2. 

DISCUSSION Or RESULTS 

A profound change in the magnitude of the activity coefficients will be noted 
in table 2. The values range from approximately 0.8 at extreme dilutions 
(N = 0.00001), to the order of 0.005 to 0.008 for the highest concentrations 
investigated (N = 0.25). When the logarithms of the coefficients were plotted 
against the square roots of the corresponding mole fractions, three distinct 
regions were noted on the curve. From N = 0 to N = 0.015 the curve was 
linear, as was to be expected since this was the region extrapolated according to 
the Debye theory. The observed slopes agreed within less than 1 per cent with 
the slopes calculated from the Debye limiting law (4), thus showing the extra¬ 
polation to be accurate. Tn the second region, extending to N — 0.18, the curve 
was approximately exponential in nature, being convex toward the reference 
axes. The third region, which included the remainder of the curve, exhibited a 
minimum value for the activity coefficients at about N = 0.20. The minimum 
can also be noted from the tabulated values. 

The reason for the occurrence of the minimum value is probably the same as 
the one usually given for the phenomenon in aqueous solutions, namely, that 
the solvation of an increasing amount of solute tends to immobilize considerable 
solvent. As a result, there is an increase in the activity of the solute. Although 
potassium iodide does not tend to combine with water (it does not, at any rate, 
form stable crystalline hydrates), Walden and Centnerswer (8) found definite 
proof of the existence of a tetrasolvate or sulfone, with sulfur dioxide, having the 
formula KI*4S0 2 . They also claimed evidence for the existence of a higher 
sulfone, containing fourteen molecules of solvent, which occurs at very low 
temperatures. DeForcrand and Taboury (1) have reported a trisulfone. Tt is 
therefore likely that -solvation plays an important r61e in determining the 
activity of potassium iodide in these solutions. This is particularly true at 
high concentrations, although even at low concentrations (A r = 0.0005) the 
solutions have a distinct yellow color, the same as that of the solid solvate. 

Conductivity measurements carried out by several investigators have indi¬ 
cated that the solution is that of a strong electrolyte. Interpreted on the basis 
of incomplete dissociation, as was the general practice in his time, Walden (7) 
calculated the apparent degree of dissociation and “dissociation constant” for 
solutions at —15°C. The former varied from 0.232 at a dilution of 31.25 liters 
per mole to 0.974 at 64,000 liters per mole. The “dissociation constant” was 
reported to vary so as to give approximately a 6 per cent decrease for a 10° rise 
in temperature. In the present investigation, with the interpretation on a more 
modern basis, the activity coefficient was found to decrease a corresponding 
4 per cent. 
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Considering the relatively low dielectric constant of sulfur dioxide, it was 
conceivable that association of the solute might occur, particularly so when the 
tendency to form polyhalide complexes is recalled. Thus, it was supposed that 
the ionization might take place as follows: 

(KI) 2 -> K + + KIJ or (KI), -» K 2 I + + I~ 

Assuming such reaction to take place, the necessarily revised values of h'/r 1 ' 2 
were computed and plotted. It was apparent that the values obtained in this 
way do not approach the required limiting values as satisfactorily as do those 
calculated for the salt when it is assumed to dissociate as a simple binary salt. 

SUMMARY 

1. Differential lowering of vapor pressure was measured for sulfur dioxide 
solutions of potassium iodide. 

2. Using the Randall-Longtin h' function, the activity coefficients for po¬ 
tassium iodide were calculated. 
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QUANTITATIVE INVESTIGATIONS OF AMINO ACIDS AND 

PEPTIDES. X 

Equilibria between Amino Acids and Formaldehyde: Leucine and 

V-Methylleucine 1 

EDWARD H. FRIEDEN, 2 MAX S. DUNN, and CHARLES D. CORYELL 
Department of Chemistry , University of California , Los Angeles, California 

Received September 11, 1942 

In paper VII of this series (4), attention was called to the fact that the 
equilibria between amino acids and formaldehyde could be studied conven¬ 
iently by a polarimetric procedure, and the application of the method to the 
reaction of formaldehyde and i(— )-proline was described. Similar studies have 
now been completed for a number of other amino acids. This paper describes 
the application of the polarimetric procedure to the reaction of formaldehyde 
with the anions of d{— )-N-methylleucine and /( —)-leucine. In addition, a 
potentiometric study of the former reaction is reported for comparison. 

experimental 

i(—)-Leucinc 3 4 was obtained from Amino Acid Manufactures. d( —)-jV- 
Methylleucine was prepared from crude i( — )-leucine by first converting the 
latter to active a-bromoisocaproic acid with nitrosyl bromide, and allowing the 
freshly distilled bromo acid to react with an excess of methylamine in aqueous 
solution. The solid obtained upon evaporation of the solvent was twice re¬ 
crystallized from methyl ethyl ketone (Analysis: [a]™° = —18.9° (c = 0.614 
l « 2.00, a = -0.232°)\ Calculated for CyH^N: C = 57.80, H = 10.40; 
found: C - 57.60, 57.78; H = 10.32, 10.14.) 5 

The polarimetric studies were made using the apparatus and procedure 
described previously, with one modification. The sodium-vapor lamp was 
replaced by a General Electric 3H mercury-vapor lamp. When equipped with 
a combination of Corning HR yellow shade and didymium-glass filters, no lines 
other than 5461 A. were detectable with a Beckman quartz spectrophotometer. 
The intensity of the light makes this lamp admirably suited to polarimetry. 

1 For the ninth communication in this series, see Dunn, Frieden, Stoddard, and Brown: 
J. Biol. Chem. 144 , 487 (1942). 

This paper is part of a thesis submitted by Edward H. Frieden to the Graduate School of 
the University of California in partial fulfillment of the requirements for the degree of 
Doctor of Philosophy, October, 1942. 

Some of the material herein was presented at the Boston Meeting of the American Society 
of Biological Chemists, April, 1942. 

This work was aided by grants from Merck and Company and from the University of 
California. 

* Present address: Department of Chemistry, University of Texas, Austin, Texas. 

• A.P., lot #4. 

4 Fischer and Mechel (3) give [o]S° = —19.77°. 

5 The carbon and hydrogen analyses were made by Mr. Edward Duncan. 
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The potentiometric study of the formaldehyde-methylleucine equilibrium 
was made according to the procedure of Levy (5), except that pH measurements 
were made with a Beckman industrial model pH meter instead of the hydrogen 
electrode. The pH of a solution of iV-methylleucine to which half an equivalent 
of sodium hydroxide had been added was measured as a function of the concen¬ 
tration of added formaldehyde. 


RESULTS 

The data obtained from the potentiometric titration of half-neutralized A r - 
methylleucinc with 12.0 M formaldehyde are given in table 1. The results of 
the polarimetric titrations are listed in tables 2 and 3. The results of each study 
will be discussed separately. 

The data of table 1 can be adequately treated by the method of Levy (5). 
From structural considerations, it would be expected that but 1 mole of for- 

TABLE 1 


Titration of 0.0167 M N-methylleucine with 12.55 M formaldehyde 


FORMALDEHYDE 

1 

pH 

FORMALDEHYDE 

pH 

Volume 

Concentration 

j Volume 

Concentration 

ml 

moles per liter 

| j 

ml. 

moles per liter 


0.00 

0.000 

9 89 

2.50 

1.321 

0.00 

0.11 

0.0646 

! 9.79 

| 3.01 ! 

1.556 

8.95 

0.21 

0.1198 

9.69 

| 4.00 

1.973 

i 8.87 

0.20 

0.1689 

I 9.60 

! 5.00 

2.388 

8.79 

0.40 

0.2320 

9.52 

7.50 

3.272 

8.64 

0.61 

0.347 

9.42 

j 10.00 

4.01 

8.59 

0.86 

0.488 

9.31 

15.00 

5.19 

8.48 

1.10 

0.618 

9 27 

20.00 

6.09 

8 39 

1.50 

0.835 

9.18 

30.00 

7.35 

8.30 

2.00 

1.079 

9.08 

40.00 

8.20 

8.23 


maldehvde reacts per mole of methylleucine. The limiting slope of the curve 
relating pH and the log of the formaldehyde concentration is 1 if 1 mole of 
formaldehyde reacts, and 2 if 2 moles of the aldehyde are concerned in the reac¬ 
tion. Figure 1 confirms the prediction that the former reaction is concerned. 
This reaction and the equilibrium constant associated with it can be 
formulated as: 


A~ + F ^ AF“ 


Li 


JAF~) 

(A-)(F) 


( 1 ) 


As shown by Levy, the evaluation of L\ from the potentiometric data merely 
requires that the concentration of formaldehyde be plotted as a function of the 

quantity © , where /v 2 is the second acidic dissociation constant of methyl¬ 
leucine, 9.89. The slope of this line is L\. Figure 2 indicates that the slope, 
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and hence the value of L u is 4.77. (Following Levy's notation, we have used 
Gj to represent (H + ) in the presence of formaldehyde.) 



Fig. 1. The pH of an equimolar solution of anionic and zwitter-ionic A r -methylleucine 
as a function of formaldehyde concentration. 



FOR UAL PSHYDE t MOLES PER LITER 

Fig. 2. Analytic treatment of the pH-formaldehyde titration data for iV-methyllcucine. 
G/ is measured (H + ) in the presence of formaldehyde. 

In figure 3, the molecular rotation of methylleucine anion is plotted as a 
function of the total added formaldehyde. The data of table 2 are represented 
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by the points, superimposed upon the predicted curve derived from the analysis 
shown below. Figure 3 is qualitative confirmation of the.potentiometric analy- 


TABLE 2 

Results of the polarimetric titration of 0.1220 M d(-)-N-methylleucine with 12.55 M 

formaldehyde 


FORMALDEHYDE 

i 

JV-METHYLLEUCtNE 

OBSERVED ROTATION 

<"'Hg 

Volume 

Concentration 

ml. 

moles per liter 

moles per liter 

degrees 

degrees 

0.00 

0.000 

0.1220 

- 2.867 

-58 8 

0.150 

0.0250 

0.1217 

- 2.891 

- 59.5 

0.300 

0.0496 

0.1214 

- 2.913 

- 60.0 

0.500 

0.0831 

0.1212 

- 2.939 

- 60.6 

0.750 

0.1250 

0 1208 

- 2.961 

- 61.3 

1.000 

0.1652 

0.1203 

- 2.982 

- 62.0 

1.310 

0.2155 

0.1200 

- 3.016 

- 62.8 

1.755 

0.2865 

0.1191 j 

- 3.050 

- 64.0 

2.255 

0.3660 

0 1183 

- 3.074 

-65 0 

3.000 

0.483 

0.1173 

-3 100 

- 66.1 

4.005 

0.636 

0.1159 

- 3.115 j 

- 67.2 

5.00 

0.785 | 

0.1143 

- 3 .no ; 

- 68.0 

7.00 

1.071 

0.1116 

- 3.062 

- 68.7 

10.00 

1.477 

0.1077 

- 2.976 | 

- 69.1 

13.00 

1 854 

0.1040 

- 2.860 i 

- 68.7 

20.00 

2.640 

0.0964 

- 2.602 i 

- 67.7 



Fin. 3. The molecular rotation of anionic d(—)-*Y-methylleucine as a function of total 
formaldehyde concentration. The line is that calculated from the constants derived in 
the text. 


sis, since it is obvious that a single complex between formaldehyde and methvl- 
leucine is formed. The method of evaluating Li from the data presented pro- 
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viously for proline involves the estimation of a 2 , the asymptote of the curve of 
figure 3. The estimation of <22 is difficult in the case of figure 3 because of the 
falling off of the curve at higher concentrations of formaldehyde. Another 
method of calculating the constants involved is available. If ai represents 
the molecular rotation of the anion (A~), and e *2 that of the complex (AF~), the 
observed molecular rotation can be related to the concentration of free for¬ 
maldehyde by equation 2. 


(M) = 


«i + «2 Li (F) 
1 + Li (F) 


( 2 ) 


For any mass-action equilibrium, similar to reaction 1, the relation between 
some property linear with the amount of reaction [as (M)] and the concentra¬ 
tion of one of the reactants [as (F)] is a hyperbolic function, an example of which 




Fig. 4. Relations in the hyperbola representing rotation as a function of free formal¬ 
dehyde. 

Fig. 5. Logarithmic treatment of A-methylleucine-formaldehyde equilibrium. 

is given in figure 4. The curve is a simple rectangular hyperbola, of the general 
type (F )(M) = — C, displaced so that the asymptotes, instead of being the F 
and M axes, are — 1/Li and a 2 . The general equation is, therefore: 

(M - a*)(F + l/Li) « ~C (3) 

Since equations 2 and 3 describe the same phenomenon, the constant C can be 
evaluated by substituting from equation 2 into equation 3. Performing this 
operation, and solving for M gives: 

m « ytt/l, (~t~) + 012 (4) 

If ( M) is plotted as a function of 1/(F + 1/Li), a straight line of slope 
(«i — <x%)/Li and intercept will result. A preliminary estimation of L\ is 





INVESTIGATIONS OF AMINO ACIDS AND PEPTIDES. X 


15 


necessary, as the reciprocal of the value of <F) when the reaction is half com¬ 
pleted. ai is known as the value of ( M) at F = 0. (F) is calculated from the 

total added formaldehyde, the ratio of (AF“) to (A“), and the total amino acid 
concentration as described for proline. For accurate values of a 2 and Li, 
several approximations may be required. For methyllcucine, the second ap¬ 
proximation gave a 2 and L\ values which were changed only slightly in the third 
approximation. The values obtained were: 

Li = 2.37, «2 = —73.4° 

As a check upon this value of Li, the data can be used to calculate a series 
of log (AF“~)/(A~) and log (F) terms, using the value of a 2 given above. Figure 
5 is a graph of log (AF~)/(A~) vs. log (F). The data fit satisfactorily on a 
straight line of unit slope. At log (AF~)/(A~) = 0, log (F) = —0.355; hence 
L\ is 2.27. The agreement of this value with that calculated using equation 4 
is quite satisfactory. The very considerable discrepancy between the 
polarimetric figure and that calculated as a result of the potentiomctric study 
(4.77) has not been satisfactorily explained. That the value of L\ — 2.27 is 
very nearly the correct one is indicated by another reference to figure 3. The 
solid line representing the predicted curve was drawn using equation 2 and the 
constants L x — 2.27, ai = —58.8°, and a 2 = —73.4°. 

The data of table 3 are represented graphically in figure 6, in which the 
molecular rotation of the leucine-formaldehyde mixture is plotted as a function 
of the total added formaldehyde. The curve offers direct evidence that leucine 
and formaldehyde react to form two compounds, characterized by different 
molecular rotations. If it is assumed that the reactions involved are: 


A" + F ^ AF“ 


U 


(AIT) 

(A-)(F) 


A“ + 2F ^ AFr, 


U = 


(AFT) 

(A-)(F)* 


( 5 ) 

( 6 ) 


it can be shown that at any point along the curve the molecular rotation observed 
is related to the free formaldehyde concentration by equation 7: 

(M \ _ + <*2ij(F) + a s Li( F) 2 m 

‘■' r> — 1 • /.:iFi t (7) 

In equation 7, a h a 2 , and a 3 are the molecular rotations of A~ , AF", and AFiT, 
respectively. Equation 7 as given, however, cannot be used to evaluate the 
unknown terms. In the first place, (F) is a complicated function of total added 
formaldehyde and the two equilibrium constants. In the second place, the 
labor involved in the solution of equation 7 is considerable. An alternative 
method of solution is available, using the principles described in the section on 
methylleucine. 

Figure 6 may be considered to be a composite of two equilibrium curves, as 
shown in figure 7. Curve 1 of figure 7 corresponds to reaction 5, while curve 
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TABLE 3 


Results of the polarimetric titration of 0.0605 M l(-)-leucine with 12M M formaldehyde 


FORMALDEHYDE 

/(—)-LEUCINE 

OBSERVED ROTATION 


Volume 

Concentration 

ml. 

moles per liter 

moles per liter 

degrees 

degrees 

0.00 

0.000 

0.0605 

0.332 

13.7 

0.10 

0.0159 

0.0604 

0.122 

5.1 

0.20 

0.0318 

0.0603 

-0.028 

-1.2 

0.30 

0.0475 

0.0603 

-0.144 

-6.0 

0.45 

0.0712 

0.0602 

-0.282 

-10.9 

0.55 

0.0867 

0.0601 

-0.312 

-13.0 

0.65 

0.1022 

0.0600 

-0.341 

-14.2 

0.75 

0.1180 

0.0600 

-0.363 

-15.2 

0.85 

0.1339 

0.0599 

-0.372 

-15.6 

0.95 

0.1495 

0.0598 

-0.375 

-16.0 

1.10 

0.1722 

0.0597 

-0.375 

-16.0 

1.25 

0.1954 

0.0596 

-0.366 

-15.4 

1.50 

0.2340 

0.0594 

-0.335 

-14.1 

1.75 

0.2721 

0.0592 

-0.300 

-12.7 

2.25 

0.348 

0.0589 

-0.218 

-9.3 

3.00 

0.524 

0.0583 

-0.103 

-4.4 

4.00 

0.605 

0.0576 

0.046 

2.0 

5.00 

0.748 

0.0570 

0.180 

7.9 

7.50 

1.090 

0.0553 

0.402 

18.2 

10.05 

1.418 

0.0537 

0.533 

24.9 

12.50 

1.718 

0.0524 

0.615 

29.4 

17.50 

2.282 

0.0496 

0.704 

35.5 

25.00 

3.022 

0.0460 

0.750 

40.8 

35.00 

3.858 

0.0420 

0.733 

42.6 



Fig. 6. The molecular rotation of anionic /(—)-leucine as a function of total formalde¬ 
hyde concentration. The line is that calculated from the constants derived in the text. 
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2 represents the reaction: 

AF + F —> AF 2 , U = = jr (8) 

It is observed that a summation of the ordinates of the two curves of figure 0 
will result in a curve of the shape found experimentally for leucine. 

It is most convenient to divide the problem presented by figure 6 into two 
parts, solving first for the constants involved in curve 2. For leucine, this 
involves making use of the data when SF is greater than 0.2 M. Equation 4, 
appropriately modified, can be utilized, the first approximation again neces¬ 
sitating a rough estimate of L 2 . Free formaldehyde can be calculated as before, 
estimating a 2 and a 3 , and noting that reaction 5 has already used up an amount 
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obtained directly as the intercept. However, at low formaldehyde concentra¬ 
tions an accurate estimation of (F) is difficult, while at higher concentrations 
of (F) the calculation of (AF~)/(A~) is affected because of the presence of in¬ 
creasing amounts of AF7. The first calculation, then, merely gives a rough 
estimate of Li. It is now possible to calculate approximate concentrations of 
(A~), (AF~), (AFi*), and (F) for various values of 2F. The data of table 3 at 
low formaldehyde can now be corrected for the rotational contribution of (AFjT), 
by means of the expression: 

Me = itfobsd. - (as ~ a 2 )(AFJ)* (9) 

in which M c is the corrected rotation and (AFi“)* is the relative concentration of 
AFz. The calculation of (F) is also affected somewhat. Log (AF~)/(A~) 



Fig. 8. Logarithmic treatment of the equilibrium involving the addition of the second 
formaldehyde molecule to leucine. 

and log (F) can now be calculated with more assurance. The graph relating 
these quantities is reproduced in figure 9. When log (AF~)/(A~) = 0, log (F) = 
— 1.310, and L\ = 19.9. 

From L\ and L 2 , La can be calculated to be 31.0. 

The reliability of the constants (Lj == 19.9, L 2 = 31.0, a 2 = —44.6°, a 3 — 
+58.9°) is indicated by referring again to figure 6, in which the solid line indi¬ 
cates the curve predicted by their use, and the points are the experimental 
observations. It is estimated that the values presented by the present authors 
are reliable to ±5 per cent. 

Potentiometric studies of the equilibria between leucine and formaldehyde 
have been reported by Levy (5), and by Balson and Lawson (1). Dunn and 
Weiner (2) have published data on the change of pif 2 of leucine upon the addi¬ 
tion of formaldehyde, from which the equilibrium constants involved can be 
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calculated. Levy’s values of L\ and L 2 , respectively, are 16 and 35, while cal¬ 
culations by the authors using the data of Dunn and Weiner give 11 and 27 for 
these constants. Balson and Lawson report the figures 17 and 32, but claim 
that the system is inadequately characterized by equations 5 and 6. These 
workers postulated a further reaction involving 1 mole of the amino acid and 
3 moles of formaldehyde. 

The agreement between the values of the equilibrium constants obtained 
from the polarimetric study and those derived from potential measurements is 
quite satisfactory. Since the possibility of the reaction of leucine zwitter ion 
with formaldehyde was eliminated in the authors’ study, it appears that such a 
reaction does not occur even when an appreciable quantity of zwitter ion is 
present. 



Fig. 9. Logarithmic treatment of the equilibrium involving the addition of the first 
formaldehyde molecule to leucine. 

There is no evidence, either from the potentiometric studies of Levy or Dunn 
and Weiner, or from the polarimetric study reported in this paper, to indicate 
that any reactions other than 5 and 6 are of significance in controlling the 
equilibria between leucine anion and formaldehyde. 

SUMMARY 

The polarimetric investigation of amino acid-formaldehyde equilibria, de¬ 
scribed in an earlier publication, has been extended to include iV-methylleucine 
and 1( —)-leucine. A potentiometric investigation of the former compound is 
also described. A considerable discrepancy has been observed between equilib¬ 
rium constants obtained by each method for the reaction of A r -methylleucine 
and formaldehyde. The constants calculated by the authors for the leucine- 
formaldehyde reaction are in good agreement with those reported previously. 
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A general solution has been described for the four parameter equations denoting 
the change in rotation of leucine solutions upon the addition of formaldehyde. 
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QUANTITATIVE INVESTIGATIONS OF AMINO ACIDS AND 

PEPTIDES. XI 

Equilibria between Amino Acids and Formaldehyde: Glutamic Acid 1 

EDWARD H. FRIEDEN 2 , MAX S. DUNN, and CHARLES D. CORYELL 
Department of Chemistry , University of California t Los Angeles, California 

Received September 11, 1942 

The polarimetric study of the equilibria between amino acids and formalde¬ 
hyde, applied by the authors to the reaction of formaldehyde with i(—)-proline, 
d(—)-V-methylleucine, and Z(—)-leucine (1,2), has been extended in this paper 
to include the equilibria between formaldehyde and Z(+)-glutamic acid. 

EXPERIMENTAL 

The apparatus used for the polarimetric titrations has been described pre¬ 
viously (1). Z(+)-Glutamic acid 3 was obtained from Amino Acid Manufactures. 
A 0.1020 M solution of glutamic acid, containing enough sodium hydroxide to 
convert 99.5 per cent of the amino acid to the dianionic form, was titrated with 
12.60 M formaldehyde.. The filtered mercury arc (5461 A.) was used. The 
data obtained are given in table 1. 

The reaction was shown to be reversible by the addition of distilled water to 
the solution, thus restoring the formaldehyde concentration to a value obtained 
earlier in the experiment. The rotation of the resulting solution was identical 
with that observed earlier under these same conditions. No further change in 

1 For the preceding communication in this series, see Frieden, Dunn, and Coryell: 
J. Phys. Chem. 47, 10 (1943). 

This paper is part of a dissertation submitted by Edward H. Frieden to the Graduate 
School of the University of California in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy, February, 1943. 

The authors were aided in this work by grants from the University of California and 
from Merck and Company. 

2 Present Address: Department of Chemistry, University of Texas, Austin, Texas. 

8 C.P., lot f#5. 
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rotation was observed when the solution was allowed to remain in the tube 
for 24 hr. 

The change of rotation of a solution of glutamic acid upon the addition of 
formaldehyde is described graphically in figure 1, in which the molecular rotation 
is plotted as a function of the concentration of formaldehyde. The solid curve 
represents the predicted relation, as calculated by the method to be described, 
while the experimental observations are indicated by the circles. The shape of 
figure 1 indicates that glutamic acid, like leucine, reacts with formaldehyde to 


TABLE 1 

Results of the polarimelric titration of 0.1020 M l(+)-glulamic acid with 12.60 M formaldehyde 


Volume 

ml. 


FORMALDEHYDE 

Concentration 
moles per liter 


GLUTAMIC ACID 

moles per liter 


OBSERVED ROTATION ’ 


decrees decrees 


0.00 
0.060 
0.110 
0.155 
0 200 
0.250 
0.300 
0.350 
0.450 
0.550 
0.650 
0.800 
1.000 
1.250 
1.500 
2.000 
2 50 
3.00 
4.00 
5.00 
7.50 
10.00 


0.000 

0.1020 

0.752 

18.4 

0.0147 

0.1019 

0.556 

13.7 

0.0270 

0 1018 

0.414 

10.2 

0 0370 

0 1016 

0.296 

7 6 

0.0489 

0.1016 

0.191 

4.7 

0.0610 

0 1014 

0.066 

1.6 

0 0737 

0.1014 

-0.023 

-0.6 

0 0852 

0.1012 

-0.116 

-2.9 

0.1093 

0.1010 

-0.243 

-6.0 

0.1333 

0 1008 

-0 356 

-8 9 

0.1570 

0.1006 

-0.429 

t''. 

o 

T—* 

1 

0.1932 

0 1004 

! -0.476 

-11 9 

0.2405 

0 1000 

; -0 521 

-13.0 

0.299 

0.0993 

I -0.514 

-12.9 

0.358 

0.0990 

-0 478 

-12 1 

0.473 

0.0980 

-0.364 

-9.3 

0.584 

j 0 097! 

-0.248 

-6.4 

0.695 

0.0962 

| -0.171 

-4.5 

0.910 

0.0944 

| -0.028 

-0.8 

1.117 

0.0927 

0.076 ; 

2.1 

1.600 

0.0887 

! 0.242 

6.8 

2.045 

0.0850 

0.336 

9.9 


form two complex compounds. The curve is governed by the four-parameter 
equation: 

(\n = ai <*2-kl(F) + QLs Z/2(F) 2 

} 1 + Li(F) + L 2 (Fy { } 

Equation 1 was derived in the previous discussion of the reaction bet ween leucine 
and formaldehyde (2). a h a 2 , and <x 3 are the molecular rotations of the compounds 
A“, AF“, and AFiT, respectively, and L\ and L 2 are the mass-action constants for 
the equilibria involving the association of 1 mole of the amino acid with 1 and 2 
moles of formaldehyde, in that order. The unknown quantities are a 2 , a 3 , Li, 
and L 2 . 
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The use of the data of table 1 to derive numerical values for the unknowns is 
completely analogous to the solution presented for the leucine-formaldehyde 
reaction. Two approximations were found sufficient to place ol% at —23.4° and 
a 3 at 25.0°. With these values, the data of table 1 (2F greater than 0.3 M) can 
be utilized to calculate the log (AFF)/(AF~) — log (F) relation. These calcu¬ 
lations result in figure 2. The straight line relating the two terras has a slope 
of unity, and confirms the original assumption as to the nature of the reactions 
concerned. The intercept of the curve on zero ordinate (log (AFi")/(AF~) equals 
zero) is —0.000, and iA (defined as L 2 /Li) is therefore 1.15. 

Knowing a x (18.4°) and a 2 , an approximate figure for L x can be obtained from 
the first part of figure 1 (2F less than (0.2 M)) by calculating and plotting log 



Fig. 1. The molecular rotation of dianionic l (+)-glutamic acid as a function of total 
formaldehyde concentration. The line is calculated from the four constants derived in 
the text. 

(AF~)/(A“) and log (F). The approximate value so obtained is used to correct 
the observed (M) terms for the rotational contribution of AFjT, and from the 
corrected terms, the log (AF )/(A~) — log (F) relation is recalculated. The 
graph of log (AF“)/(A”) vs. log (F) is reproduced in figure 3. Satisfactory 
agreement with the predicted slope is observed. The intercept is —1.580, and 
Lx is therefore 38.0. From L x and L 2 , L 2 is calculated to be 43.7. 

Reference to figure 1, the solid line of which is obtained using the constants 
given above, shows that the fit of the predicted and experimental data is excellent 
except near the minimum. The constants given are thought to be within 5 
per cent of the true values. 

Levy (3) has reported the values 22 and 24 for Li and L 2 , respectively. While 
the apparent discrepancy between these values and those calculated by the 
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Fig. 2. Logarithmic treatment of the equilibrium involving the addition of the second 
formaldehyde molecule. 



Fig. 3. Logarithmic treatment of the equilibrium involving the addition of the first 
formaldehyde molecule. 

present authors is large, it is significant that the ratio of the constants given by 
Levy is 1.09, i.o., a value within the experimental error of the figure 1.15 reported 
in this paper. Levy’s Li value is not in harmony with figure 3. 
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SUMMARY 

A polarimetric study of the equilibria between formaldehyde and J(+)*glu- 
tamic acid is reported. The values 38.0 and 43.7 were found for the association 
constants of glutamic acid with 1 and with 2 moles of formaldehyde, respec¬ 
tively. 
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QUANTITATIVE INVESTIGATIONS OF AMINO ACIDS AND 

PEPTIDES. XII 

Structural Characteristics op Some Amino Acids 1 
GUSTAV ALBRECHT 5 , GEORGE W. SCHNAKENBERG’, MAX S. DUNN, and JAMES 

d. McCullough 

Department of Chemistry, University of California , Los Angeles , California 
Received September It, 1942 

Knowledge of the structure of amino acids is of the greatest importance in 
attacking the problem of protein structure. Complete structures have been 
determined, however, only in the case of glycine (1), dZ-alanine (11), and the 
closely related substance, diketopiperazine (4). Because the difficulties of x-ray 
crystal analysis increase rapidly with the number of atoms in the molecule, it 
seems desirable to conduct preliminary investigations of the structural character¬ 
istics of other amino acids. A number of amino acids were surveyed in this 
manner by Bernal (2) in 1931. Five amino acids, not investigated previously, 
are treated in the present .paper. Photomicrographs are shown for three of 
these amino acids and for four others the structures of which have been investi¬ 
gated by other authors. 

1 The authors are indebted to Professors Linus Pauling and 0. L. Sponsler, in whoso 
laboratories part of the x-ray measurements were made. Some of the data in this paper 
are taken from the thesis of G. Albrecht, which was presented to the Graduate School of 
the University of California in partial fulfilment of the requirements for the degree of 
Doctor of Philosophy, June, 1941. 

This work was aided by grants from the University of California and the Rockefeller 
Foundation. 

For the preceding paper in this series see Frieden, Dunn, and Coryell: J. Phys. Chem. 
4¥, 20 (1943). 

* Present address: Department of Chemistry, Pomona College, Claremont, California. 

• Present address: Van Camp Sea Food Company, Terminal Island, California. 
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PREPARATION OF AMINO ACID CRYSTALS 

The crystals were grown by cooling warm saturated solutions of amino acids 
and by evaporating saturated solutions at room temperature. In most cases 
single well-developed crystals were obtained only after much persistence. The 
crystals examined goniometrically were 0.1 mm. to 1 cm. in diameter, but only 
those of the smaller size were used for the x-ray work. 

PHOTOMICROGRAPHIC TECHNIQUE 

The photographic problem was somewhat, difficult because of the diameter, 
thickness, number, and arrangements of facets, and the lack of photographically 
useful color and opacity contrast of the crystals. For these reasons macro, 
rather than the less difficult micro or gross, photography was required. 

A low-power binocular wide-ficld Spencer No. 50 microscope was found to 
meet the magnification requirements. A macroscopic magnification range of 
OX, 15.3X, and 20.7X was obtained by OX oculars used in conjunction with 
IX, 1.7X, and 2.3X paired objectives. The photographic equipment., which 
was built around the microscope, consisted essentially of a rigid base and a verti¬ 
cal optical bench on which the camera carriage, the base plate for the micro¬ 
scope, and the incident illuminating device could be raised and lowered. A 2-J x 
3{ in. film-pack camera with shutter but without lens was used. A sliding back 
was constructed so that the viewing ground glass and film holder could be inter¬ 
changed. 

The position of the film plane above the microscope was determined by the' 
field size permitted by the film area. Since the film was covered by the field 
at a distance less than 10 in. abo\e the microscope, the photographic magni¬ 
fications (0.5 X, 10.0X, and 15.3X) were somewhat less than the microscopic 
magnifications. 

Two methods of illumination were used in conjunction with each other. The 
transmitted light source' was a 200-watt tungsten lamp. The light was first 
diffused through a ground-glass screen and then passed through a simple Abbe 
condenser fitted with a dark-field stop. Quarter sectors of Wratten gelatin 
filters, A (red) and B (green), were placed 90° apart between the two lens cells 
of the condenser. It was possible to arrange the crystal so that each individual 
face was illuminated by either red, green, or white light, all against a dark back¬ 
ground. Fast man commercial panchromatic film was used. In order that the 
gray tones of the photograph would exhibit the same relative brilliance of the 
crystal faces, a Wratten K 3 filter was used to give exaggerated orthochromatie 
correction. When this illumination was arranged satisfactorily as viewed in 
the ground glass, it was extinguished and incident light provided by means 
of four 32-candlepowor bulbs placed around and at about 3£ in. from the 
crystal. The average 1 exposure for all magnifications was about 3 sec. The* 
incident light was employed during only about one-third of the exposure time. 

Even though the lowest, magnification possible was used in older to have the 
greatest depth of focus, it was never possible to have all of the planes in focus 
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at one time. In order that the crystal might be manipulated in the field of 
illumination, it was mounted on a large cover slip with a trace of beeswax. 
The cover slip was held by a clamp and was movable in all directions. 

Since the tubes of the binocular microscope were at the normal convergence 
angle of 8°, the camera carriage was made adjustable so that the film plane could 
be made to coincide with the microscopic image. This made it possible to 
photograph separately the right and left images which, when printed as positive 
transparencies, could be observed in three dimensions in a stereoscopic viewing 
box. 


METHODS USED IN STUDYING AMINO ACID CRYSTALS 

After the crystal had been examined for symmetry, it was mounted on an 
optical goniometer and readings were taken for all faces. From these observa¬ 
tions symmetry properties (point group), axial ratios, and interaxial angles were 
usually determinable. The cleavage properties of the crystals were studied by 
noting the mode of fracture. The latter is important, as it gives a clue to the 
orientation of the molecules within the crystal. In the x-ray studies Lane, 
rotational, and oscillation photographs of single* crystals were prepared and 
from these data the symmetry properties of the crystal (space group) and the 
size of the smallest repeating unit (unit cell) wen* determined. 

EXPERIMENTAL OBSERVATIONS 

(U-Valine : It was shown by goniometric examination that ^//-valine is mono¬ 
clinic hemimorphic hemihedral with axial ratios a: b:c = 0.235:1:0.24*1, with 

= 70°58'. Cleavage was excellent parallel to 010. Laue photographs showed 
twenty-four first-order reflections with no systematic absences in hid, indicating 
a primitive lattice. Oscillation photographs showed OfcO to be absent when /; 
is odd. This observation indicates that there is a twofold screw axis parallel 
to b and that the crystal belongs in space group C\ ~ P2 \. 

The dimensions of the unit cell, calculated from layer-line data and high-order 
pinacoid reflections, are a () = 5.20 A., bo = 22.12 A., c 0 = 5.41 A. (fi = 70° 58'). 
The density of rf/-valine, 1.310 g. per cubic centimeter, given by Cohn H al. (3), 
was confirmed by the flotation method. These values lead to four molecules in 
the unit cell (calculated, 4.00). 

dl-Threonine: The flat six-sided plates of threonine were shown by gonio¬ 
metric examination to be orthorhombic hemimorphic hemihedral. The pyro¬ 
electric effect with liquid air was not pronounced, but negative* results in this 
experiment are not conclusive. The lack of a symmetry center was deduced 
from the observation that there are but four molecules per unit cell and the fact 
that point group D 2h would require a minimum of eight for asymmetric molecules 
such as threonine. The axial ratios obtained are a:b:c = 1.075:1:0.0044. 

Rotation ohotographs showed layer lines which lead to the unit cell dimensions 
a 0 = 13.04 A, bo = 7.75 A., c 0 = 5.16 A. The density was found to be 1.437 g. 
per cubic centimeter. These data correspond to four molecules per unit cell 
(calculated, 3.99). Laue photographs taken along the three axes showed this 




Fig. 1. «-<;ivcine: (a) X 0: <b) X 15.3 «-(Jlycino (5. 12) crystallized readib from water 

It is monoclinic holohedral, point group (\ ht with pronounced basal cleavage (parallel to 
010). X-ray studies have revealed that it belongs to space group C?/, — P'h/u. The di¬ 
mensions of the unit cell are a 0 = 5.10 A., b 0 = II .96 A., Co = 5.45 A., with (3 — 111 °3N'. I he 
density is 1.607 g. per cubic centimeter (3) and there are four molecules per unit cell (I, 3, 
9, 10). 

Fkj. 2. d/-Alunino (X 20.7): d/-Alanine is crystallized with difficulty from water (2, h). 
It. is orthorhombic hemimorphic hemihedral, point group 0 2 ,. The space group is f*. — 
]*bn and there are four molecules per unit^eell. The density is 1.40 (11). The dimensions 
of the unit cell are tio = 12.01 A., bo = (>.04 A., Co — 5.SI A. (11). 

Fig. 3. r/Z-Valincs (X 15.3) 

Fig. 4. dl -Serine (X 20.7) 

Fig. 5. dZ-Threonine (X 5) 
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Fkj. 6. dl- Aspartic acid: (a) X 9; (h) X 20.7. (Iroth (7) described two forms of in¬ 
active aspartic acid, “r-nBparaginsaurem rhoinbiseh bisphenoidisch” and “inaktiv (race- 
miscli) asparaginsaure, monoklin prisinatisch.” The crystals obtained in the present work 
by crystallizing dZ-aspartic acid from water were all monoclinic holohedral (inonoclinic 
prismatic by Groth’s nomenclature) and checked the constants of Groth’s “inaktiv aspara- 
ginsaure.” The axial ratios determined from the present authors’ goniornetric measure¬ 
ments were* a:h:r = 2.095:1:1.245, with /3 = 86 °3'. 

Fus. 7. /(-h)-Glutamic acid (X 9): This amino acid, crystallized from water, forms flat 
four-sided plates and also polyhedra with many faces. The crystals were all orthorhombic 
enantiomorphic hemihedral. The axial ratios found were a:b:c =* 0.0894:1:0.8551. These 
values compare favorably with a:b:c: * 0.6868:1:0.8548, given by Groth (8), and those 
reported by Bernal (2) for the enantiomorph, r/( — )-glutamic acid. Bernal also gave the 
space group F 4 2i2i2 1 [I)\ — P2 1 2i2 J ], and four molecules per unit cell of dimensions do ** 
7.06 A., 6„ » 10.3 A., Co = 8.75 A. 
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to correspond to a possible unit of structure. There were no systematic absences 
of the type hkl in over two hundred first-order Laue reflections, thus indicating 
a primitive lattice. No systematic absences were found to occur in hkO, M)Z, 
or O&Z to space group C\ v — Pram. 

dir Serine: Goniometric examination showed di-serine to be monoclinic holo- 
hedral with axial ratios a:b:c = 1.194:1:0.522, with 0 = 73°47'. Groth (5) 
reported axial ratios which can be reconciled with those listed above by a different 
choice of the a- and c-axes. The present authors* choice of axes is based on the 
habit of their crystals, although either description is correct. 

Layer-line measurements and calculations from high-order pinacoid reflections 
show that the unit cell has the dimensions oo = 10.74 A., 6 0 = 9.15 A., c 0 = 
4.78 A. (/9 * 73°47'). The density was found to be 1.537 g. per cubic centimeter. 
These data lead to four molecules per unit cell (calculated, 4.00). Absences of 
MM with h odd and 0 kO with k odd indicate a glide plane, a, and a twofold screw 
axis along 6, giving the space group C\ h — P2\/a. (If the axes of Groth had been 
employed the space group would have been Clh — P2i/a , since the glide would 
then have been along a diagonal instead of along the o-axis.) 

dl-Norleucine: It was found by goniometric examination that di-n orleucine is 
monoclinic holohedral with axial ratios a:b:c = 3.46:1:2.10, with 0 = 75°17'. 
The unit cell dimensions obtained from rotation photographs were a 0 = 16.60 A., 
bo = 4.62 A., Co = 10.0 A. (0 = 75°17'). The density was found to bo 1.169 
g. per cubic centimeter. These data lead to four molecules per unit cell (calcu¬ 
lated, 4.04). The absence of OfcO with k odd and hOl with l odd indicates a two¬ 
fold screw axis and a glide plane c. These data place dZ-norleucine in space 
group C\ h - P2i/c. 

dl-Methionine: This amino acid is very difficult to crystallize, but usable 
crystals were obtained. It was shown by goniometric examination that dl- 
methionine is monoclinic hcmimorphic hemihedral with axial ratios a:b:c = 
2.09:1:3.43, with 0 = 102°7'. Very pronounced cleavage exists parallel to 001. 

Rotation and oscillation photographs lead to the unit cell Oo = 9.92 A., bo = 
4.73 A., Co — 16.20 A. (0 = 102°7'). The density was found to be 1.340 g. per 
cubic centimeter. These data correspond to four molecules per unit cell (cal¬ 
culated, 4.03). The presence of 010 uniquely determines the space group, 
which is C\ — P2 . 


SUMMARY 

Photomicrographs, densities, axial ratios, space groups, unit cells, and number 
of molecules per unit cell are given for nine amino acids. Five of the amino 
acids have been investigated for the first time by the present authors. 
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The earliest workers proposed that the thickening which results when a drying 
oil is bodied is due to a general colloidal association or to a general polymeriza¬ 
tion. In either case all of the glyceride molecules were supposed to be involved. 
It is now held that the reaction responsible for the thickening process does not 
take place uniformly throughout the material, so that even after gelation a 
substantial portion remains in the liquid state (4, 5, 13, 19). This liquid is 
presumably entrapped and immobilized within a solid network, which is en¬ 
visioned by the “colloidal-association” school to be a sort of sponge held together 
irregularly by secondary valence forces and by the “polymer” school to be a 
regular structure held together by primary valence forces (1, 2, 3, 11, 20). 
It is possible that these two concepts may tend to lose their identity when 
applied to the gelation process proper, since it is generally agreed that associa¬ 
tion becomes more pronounced as three-dimensional polymerization progresses. 

The literature contains Considerable evidence to the effect that the bodying 
process takes place in successive stages (6, 18, 19). According to this sup¬ 
position, the primary stages result only in a small and regular increase in vis¬ 
cosity, whereas the gelation process proper is due to a rapid secondary reaction, 
which takes place at the gelation point. The extent of chemical reaction oc¬ 
curring during this hypothetical second stage is still highly controversial (18). 

Molecular-weight changes during the bodying process have been studied 
viscometrically by Wolff (21), Kurz (12), and Elod and Mach (8). In the 
present viscometric study somewhat more detailed knowledge was sought, in 

1 Paper No. 2040, Scientific Journal Series, Minnesota Agricultural Experiment Station. 

This paper is condensed from a thesis presented by J. P. Hollihan to the Faculty of the 
Graduate School of the University of Minnesota in partial fulfillment of the requirements 
for the degree of Doctor of Philosophy, June, 1940. 
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as much as it was hoped that particle shapes and partial specific volumes might 
be obtained. 


EXPERIMENTAL 

The relative viscosities of dilute solutions of tung oil in carbon tetrachloride 
were determined with considerable accuracy as described in a related paper 
(10). The tung oil was prepared in this laboratory by cold-pressing the meats 
of domestic tung nuts and was bodied according to the procedure of Rhodes and 
Welz (15). Fifty grams was placed in a 125-ml. Erlenmeyer flask fitted with 
inlet tube, outlet tube, and thermometer. A slow stream of nitrogen was 
admitted before the heating was begun and was continued until the flask had 
cooled to room temperature. The tung oil was bodied at 209°C. by immersing 
the flask to the level of the oil in a bath held at 225°C. After the required 
bodying time the flask was withdrawn from the bath and allowed to cool to room 
temperature. The bodying time was taken to be the time elapsing between the 
immersion of the flask and its removal from the bath. 

Relative viscosities at concentrations of 0.949-4.000 g. per 100 cc. in carbon 
tetrachloride were determined for the untreated oil and for oils bodied for 39, 
01, 101 and 139 min., respectively. Further bodying resulted in the formation 
of an insoluble gel. A previously described technique (10) was used to obtain 
the viscosities of three of the samples at various flow rates. Densities, outflow 
times, and viscosity-concentration relationships are given in table 1. 

INTERPRETATION OF THE DATA 

Method 1: Most of the hydrodynamic equations used for the evaluation of 
particle shapes may be considered to be extensions of the generalized Einstein 
equation 1, in as much as they express k in this equation as a function of particle 
length-diameter ratio: 


V*P = Vr - 1 



( 1 ) 


where rj 9p = specific viscosity, 

rj r = viscosity of the system relative to the solvent , 
k = a constant, 2.5 for spheres, 

c = concentration in grams per 100 ml. of system, and 
<f> = partial specific volume, the volume occupied by 1 g. of matter 
when dissolved or suspended in the system. 

Although the value of the product k<f> can be obtained by plotting rj, p against c, 
it is evident that k can be obtained separately only if <f> is known. Sakurada 
(16) has attempted to eliminate this difficulty by using the Fikentscher and 
Mark (9) equation 


c<t >' 

lOO^c*' 


v»p — ^ 


( 2 ) 
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TABLE 1 


Densities > outflow times , and viscosities of solutions of heat-treated tung oils in carbon 

tetrachloride (25°C.) 


Bj 

DENSITY 

OUTFLOW TIME 

RELATIVE VISCOSITY 

Pi 

Pi 

Pi 

Pi 

Pt 

P. 


(a) Untreated tung oil 


per cent 

4.000 

1.5573 

seconds 

665.9 ±0.2 

seconds 

387.3 ±0.1 

seconds 

233.5 ±0.1 

1.1928 

1.1907 

1.1894 


1.5642 

636.5 ±0.2 

370.4 ±0.1 

223.8 ±0.1 

1.1424 




1.5693 

614.4 ±0.1 

358.1 ±0.1 

216.2 ±0.1 




1.688 

1.5739 

598.7 ±0.2 

349.2 ±0.2 

211.0 ±0.1 




1.206 

1,5757 

587.1 ±0.2 

342.7 ±0.2 

207.0 ±0.1 




0.949 

1.5778 

578.8 ±0.2 

338.0 ±0.1 

204.1 ±0.1 

1.0426 

1.0423 

1.0413 

0.000 

1.5840 

554.0 ±0.1 

323.9 ±0.1 

195.9 ±0.1 





(b) Oil bodied 39 min. 


4.000 

1.5581 

682.2 ±0.3 



1.2220 



3.000 

1.5648 

647.0 ±0.2 



1.1612 



2.250 

1.5697 

622.1 ±0.2 



1.1181 



1.688 

1.5735 

604.8 ±0.3 



1.0882 



1.266 

1.5763 

591.0 ±0.1 



1.0642 



0.949 

1.5784 

581.4 ±0.1 



1.0476 



0.000 

1.5847 j 

553.8 ±0.1 






' (c) Oil bodied 61 min. 

4.000 

1.5581 

694.7 ±0.2 

404.8 ±0.3 

243.7 ±0.1 

1.2442 j 

1.2442 

1.2409 

3.000 

1.5648 

656.0 ±0.1 

382.5 ±0.1 

230.6 ±0.1 

1.1773 { 

1.1779 

1.1748 

2.250 

1.5697 

628.5 ±0.2 

366.6 ±0.2 

221.2 ±0.1 

1.1296 1 

1.1289 

1.1273 

1.688 

1.5735 

608.8 ±0.1 

355.7 ±0.1 

214.6 ±0.1 

1.0954 

1.0959 

1.0940 

1.266 

1.5763 

594.6 ±0.1 

347.2 ±0.1 

209.8 ±0.1 

1.0707 

1.0702 

1.0698 

0.949 

1.5784 

583.9 ±0.1 

341.4 ±0.1 

206.0 ±0.1 

1.0521 

1,0527 

1.0506 

0.000 

1.5847 

553.9 ±0.1 

324.0 ±0.2 

195.8 ±0.1 





(d) Oil bodied 101 min. 


4.000 

1.5588 

764.0 ±0.3 



1.3689 


3.000 

1.5652 

704.4 ±0.1 



1.2645 


2.250 

1.5705 

663.1 ±0.2 



1.1921 


1.688 

1.5739 

633.9 ±0.1 



1.1407 


1.266 

1.5749 

612.9 ±0.1 



1.1032 


0.949 

1.5784 

597.2 ±0.2 



1.0761 



(e) Oil bodied 139 min. 


4.000 

1.5588 

795.9 

±0.1 

463.4 

±0.3 

278.9 

±0.1 

1.4264 

1,4254 

1.4215 

3.000 

1.5652 

726.6 

±0.1 

423.1 

±0.1 

225.0 

±0.1 

1.3046 

1.3027 

1.3003 

2.250 

1.5703 

679.0 

±0.2 

395.7 

±0.2 

238.9 

±0.2 

1.2209 

1.2193 

1.2186 

1.688 

1.5739 

645.4 

±0.2 

376.4 

±0.1 

227.1 

±0.1 

1.1617 

1.1605 

1.1587 

1.266 

1.5749 

620.9 

±0.2 

362.5 

±0.1 

218.7 

±0.1 

1.1178 

1.1177 

1.1158 

0.949 

1.5784 j 

603.3 

±0.1 

352.4 

±0.1 

212.9 

± 0 . 1 ! 

1.0873 

1.0872 j 

1.0865 

0.000 

1,5847 | 

554.0 

±0.3 

324.0 

±0.1 

196.0 

±0.1 
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CONCENTRATION IN GRAMS PER ML. 

Fig. 1 . Showing the viscosity-concentration relationships when plotted according to 
the Fikentscher and Mark equation (equation 3). A, B, C, D, and E represent viscosities 
at pressure P\ of the untreated oil and of the oils bodied for 39,61,101, and 139 min., respec¬ 
tively. F, G, and H represent viscosities at pressure P 3 of the untreated oil and of the 61- 
and 139-min. samples. 


where the symbols have the same meaning as in equation 1. This expression 
can be rearranged to the form 


JL 

v »p 



(3) 


and it is evident that fc' and <£' can be obtained separately by plotting c/ri 8p 
against c . When k f is further evaluated in terms of particle length-diameter 
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ratio by the Eisenschitas (7), Simha (14,17), or allied expressions, the assump¬ 
tion is made that k* is equal to the k of equation 1. This assumption does not 
appear to be valid (10). 

In spite of the theoretical objections to the Sakurada treatment, the experi¬ 
mental data fit equation 3 very satisfactorily, as shown by figure 1. Particle 
length-diameter ratios and partial specific volumes calculated by the Sakurada 
treatment and the Eisenschitz equation are given in table 2. The results appear 
to confirm the theoretical objections to the treatment, since it does not seem 
reasonable or probable that the length-diameter ratios so obtained should 
remain sensibly constant during the bodying process. 

Method These objections led to other attempts to interpret the data. In 
figure 2 the common procedure of plotting rj $p /c against c has been followed. 

TABLE 2 


Particle length-diameter ratios and partial specific volumes calculated by the Sakurada 

procedure 



LENGTH-DIAMETER RATIO 

1 PARTIAL SPECIFIC VOLUME 

BODYING TIME 








Pi 

Pj 

P a 

Pi 

Pt 

Pu 

minutes 







Untreated 

20 

20 

19 

2.15 

2.15 

2.24 

39 

15 



2.96 



61 

16 

16 

16 

3.00 

3.00 

3.00 

101 

19 



3.83 



139 

21 

21 

21 

4.15 

4.15 

4.15 


Satisfactory linearity is also obtained by this treatment, which corresponds to 
the use of equation 4, 


r)„ p = Ac + Be 2 (4) 

where A and B are constants. If the curve so constructed is extrapolated to 
infinite dilution, a value of 

• ^ (= intercept to) 

holding for very dilute solutions is obtained. A value for 4> can be obtained 
from density measurements which corresponds to the apparent partial specific 
volume of the solute in the solution. The equation used in this calculation is: 

Y _ pi — P 2 + 0.01c 
D O.Olcpi 

where V D = apparent partial specific volume from density measurement, 

Pi = density of solvent, 
pa = density of solution, and 

c = gram weight of solute dissolved in 100 cc. of solution. 

It must be remembered, however, that this value (F D ) may not be identical 
with the viscometrically effective partial specific volume (<£), which would in- 
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elude any solvent adsorbed by or occluded in the molecular meshwork of which 
the particle may consist. 


xkT 3 xio" 3 



CONCENTRATION IN GRAMS PER 100 ML. 

Fig. 2. Showing the viscosity-concentration relationships when plotted according to the 
empirical procedure expressible by equation 4. A, B, C, D, and E represent viscosities at 
pressure P\ of the untreated oil and of the oils bodied for 39, 61,101, and 139 min., respec¬ 
tively. F, G, and H represent viscosities at pressure P 8 of the untreated oil and of the Gl¬ 
and 139-min. samples. 

In the present instance, a value for the apparent partial specific volume of 
tung oil in carbon tetrachloride solution is found to be 1.06 it 0.005 for all con¬ 
centrations and degrees of bodying studied. The fact that the value of V& 
so obtained is identical with the specific volume of pure tung oil (density = 
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0.942) indicates that when tung oil is dissolved in carbon tetrachloride the 
volumes are additive, and that solvation of the oil (adsorption of solvent) is 
too small to be detected by this method. Therefore, if the viscometrically 
effective partial specific volume (4>) of the oil is not identical with that obtained 
, by the above method (i.e., equal to V D ), it can only vary through the mechanism 
of swelling of the solute particle by penetration of solvent into the particle 

TABLE 3 


Particle length-diameter ratios calculated by the Eisenschitz and Simha equations from values 

of hf>/100 at infinite dilution 


BODYING TIME 

(intercept) 

too 

k 

(for 0 * 1.06) 

a/b 

Eisenschitz i 

Simha (rod) 

Simha (disk) 

minutes 






0 

0.044 

4.15 

52 

3.5 

4.1 

39 

0.048 

4.52 

59 

3.9 

4.7 

61 

0.053 

5.00 

67 

4.3 

6.4 

101 

0.076 

7.17 

105 

6.1 

8.7 

139 

0.087 

8.20 

123 

6.8 

10.3 


TABLE 4 

Partial specific volumes calculated by the expanded Einstein equation 


OIL 

PARTIAL SPECIFIC VOLUME 

Pi 

Pt 

P% 

(a) Untreated oil: 




(slope)... . 

1.69 

1.66 

1.73 

(intercept). 

1.75 

1.73 

1.71 

(b) Oil bodied 39 min.: 




(slope) . 

2.03 



(intercept) . 

1.97 



(c) Oil bodied 61 min.: 




(slope) . . 

2.22 


2.26 

(intercept) . 

2.13 

2.12 

2.08 

(d) Oil bodied 101 min.: 




(slope).. . . 

3.11 



(intercept) . . 

3.07 



(e) Oil bodied 139 min.: 




(slope). . 

3.46 

3.45 

3.44 

(intercept) . 

3.49 

3.48 

3.43 


meshwork, unaccompanied by any marked decrease in the thermodynamic 
activity of the solvent. 

Using this value of V D as equal to 4>, it is possible to obtain values of k from 
the k<j> values at infinite dilution, and to calculate length-diameter ratios for 
the oil particles by any of a number of expressions derived theoretically to 
express the relationship between k and the length-diameter ratios of the particles 
pictured as ellipsoids of revolution, etc. 

Table 3 shows values of length-diameter ratios (a/b) obtained by the equation 
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of Eifienschitz (7) (assuming rod-shaped ellipsoids of revolution and no Brownian 
motion43f the dissolved particles) and by the equations of Simha (14, 17) (as¬ 
suming either rod-shaped or disk-shaped ellipsoids of revolution and complete 
Brownian motion). The values given are for Pi only, but since the values of 
fj 9p are the same for all pressures studied, the ( a/b ) values for P 2 and P 3 will be 
the same as those for Pi. 

Method 8: The possibility also suggested itself that equation 4 might corre¬ 
spond to the first two terms of the exponential Einstein expression (10), in which 
case it becomes 



where the symbols have the same meaning as in equation 1. If the data of 
figure 2 are expressible by this equation, the slopes and intercepts of the straight 
lines shown should be equal to 4(</>/100) 2 and 2.5(0/100), respectively. We 
might expect that agreement between the values of <t> so calculated would be 
proof of the presence of a spherical particle. As shown by table 4, the agree¬ 
ment is remarkably good. 


DISCUSSION 

Of the three possible manners of interpretation of the data presented above, 
it appears that only the latter two have any sound theoretical basis. Between 
these there is as yet no tangible basis for choice. Using method 2, it is un¬ 
necessary to assume that the viscometrically effective partial specific volume 
is other than that of the compact oil molecules or micelles themselves. Here 
evidence is obtained that with increased bodying time, the oil micelles become 
progressively more asymmetric, which is in line with the observation that 
finally (in the pure oil) they form a network of gel structure. On the other hand, 
it is remarkable that the data fit so exactly the expanded Einstein equation for 
spherical particles. The progressive increase in the viscometrically effective 
partial specific volume with increased bodying time as indicated by this manner 
of interpretation can only be pictured as due to a greater swelling tendency in 
the micelles of the higher bodied oils. The micelles of the oil can be pictured as 
assuming a spherical contour in carbon tetrachloride solution but, owing to either 
a greater adsorption tendency for the solvent or a greater steric interference to 
their assumption of the spherical contour (resulting from the presence of longer, 
more involved aggregates in the oil) or both, they incorporate more of the solvent 
within their viscometrically effective partial volume with increase in bodying 
time. 

Conclusions which can be drawn with regard to a gelation mechanism are 
extremely limited. Estimates of particle size cannot be given on the basis of 
either manner of interpretation. While progressive aggregation with bodying 
time is indicated, no choice between the colloidal-association and the polymer 
gelation mechanism is indicated. 

Apparent molecular weights calculated by the Staudinger equation, 

y*p/c = K m M 
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where M = molecular weight and K m — a constant (Staudinger’s constant), 
are given in table 5. The results are in good relative agreement with the 
cryoscopic data of Rhodes and Welz (IS). The values of n«./c used in the 

TABLE 5 


Molecular weight8 calculated by the Staudinger equation 


BODYING TIME 

SPECIFIC VISCOSITY 

AT ZERO CONCENTRATION 

MOLECULAR WEIGHT 

minutes 

Untreated 

0.0439 

790 

39 

0.0484 

870 

61 

0.0532 

960 

101 

0.0767 

1380 

139 

0.0875 

1670 



0 40 80 120 160 

BODYING TIME IN MINUTES 

Fig. 3. Showing length-diameter ratio, partial specific volume, molecular weight, and 
specific viscosity as a function of bodying time (curves I, II, III, and IV, respectively). 
The length-diameter ratios are those given by Simha’s equation for rod-shaped ellipsoids; 
partial specific volumes are the values obtained on the assumption that the particles are 
spherical; molecular weights are relative values given by the Staudinger equation; specific 
viscosities are those obtained at pressure Pi and at an oil concentration of 4.000 g. per 
100 ml. 

Staudinger equation were obtained by extrapolation to zero concentration 
(figure 2), and the Staudinger constant was evaluated on the assumption that 
our raw tung oil had the same molecular weight as that used by Rhodes and 
Welz. 







MICELLAE CHANGES IN HEAT-BODYING OF TUNG OIL 


39 


Relative molecular weights, length-diameter ratios calculated by Simha’s 
equation (for rod-like ellipsoids of revolution), partial specific volumes (on the 
basis of a spherical particle), and specific viscosities are shown as a function 
of bodying time in figure 3. The inflections in the curves may be ascribed to 
some sort of discontinuity in the bodying reaction, in agreement with the 
opinion held by some investigators that the bodying reaction proceeds in suc¬ 
cessive stages. 


SUMMARY 

Viscosity data on dilute carbon tetrachloride solutions of tung oils which had 
undergone various degrees of non-oxidative heat treatment can be interpreted 
as indicative of a progressive increase in degree of asymmetry of the oil micelles 
with time of bodying. These data can also be satisfactorily represented by the 
exponential form of the Einstein equation for spherical particles. In the latter 
case, a progressive increase in the viscometrically effective partial specific 
volume of the oil micelles (in carbon tetrachloride) is indicated. 

Evidence in favor of the suggestion that the bodying process occurs in suc¬ 
cessive stages is presented. No conclusions are drawn regarding possible gela¬ 
tion mechanisms. 

The authors arc pleased to acknowledge the original suggestion of Professor 
H. B. Bull, while still a member of this Division, that the gelation of tung oil be 
investigated viscometrically. 
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It has been only within the past few years that suitable methods have been 
developed for observing the effect of aging of the boundary upon the boundary 
tensions of soaps and other surface-active agents. The sessile-bubble method 
(1, 5, 8) and the pendent-drop method (2) have been employed for surface-ten¬ 
sion measurements for this purpose. Although these methods are also suitable 
for the investigation of the interfacial tensions existing between aqueous solu¬ 
tions of interface-active materials and immiscible organic liquids and the change 
of these tensions with time (2), little work of this nature has been reported 
to date. 

In the present research, the pendent-drop method has been utilized to measure 
the interfacial tensions existing at the dineric boundary between aqueous sodium 
laurate solutions and n-heptane. Significant alterations in the interfacial ten¬ 
sions of these solutions were observed as the interfaces were allowed to age. 
These changes were found to be much more pronounced with solutions in which 
partial soap hydrolysis had occurred (pH about 8) than in more basic solutions 
(pH 11) where hydrolysis of the sodium laurate was completely suppressed. 

MATERIALS 

Laurie acid: The lauric acid was recrystallized three times from 60 per cent 
aqueous alcohol. The crystals were air-dried and then evacuated to effect 
complete removal of the solvent. The purified material contained 99.7 per 
cent lauric acid, as determined by titration with standard alkali. The titration 
was carried out in aqueous alcohol solution. 

Sodium lauryl sulfate: This material was subjected to three recrystallizations 
from alcohol. The crystals were air-dried and then dried in a vacuum desiccator 

n-Heptane: The n-heptane was part of a batch the purification of which has 
been described in a previous publication (3). 

Water: Ordinary distilled water was distilled from alkaline permanganate 
solution through a block-tin condenser and was then redistilled from quartz. 

Buffers: Analar grade sodium dihydrogen phosphate, boric acid, sodium 
chloride, and sodium hydroxide were used in the preparation of phosphate and 
borate buffers. 


EXPERIMENTAL 

Sodium laurate solutions were prepared by adding the calculated equivalent 
amount of standardized sodium hydroxide to weighed quantities of lauric acid 
crystals. The required amounts of standard buffer solutions and conductivity 
water were then added. The total buffer concentration was in all cases approxi- 

1 Horace H. Hackham Postdoctoral Fellow. 
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mately 0,004 N. All soap solutions were used the same day they were prepared. 
Measurements of pH were made with a glass electrode calibrated by means of 
standard buffers in the range in which it was employed. 

Boundary-tension measurements were made at 25°C. ± 0.05° by the pendent- 
drop method. The apparatus differed from that previously described (3) only 
in the substitution of a more convenient and satisfactory method for controlling 
the size of the pendent drop. The expulsion of the internal (drop) phase from 
the dropping tip was regulated by adjusting the height of a small open reservoir 



TIME-MINUTES 

Fig. 1. Effect of aging upon the interfacial tensions between unhydrolyzed sodium 
laurate solutions (pH 11) and heptane. 

of mercury into which dipped a piece of glass tubing connected directly to the 
dropping tip. All determinations were made “pendent up,” that is, with the 
lighter phase suspended upwards from an inverted dropping tip. 

The density determinations necessary for calculations of boundary tension were 
carried out with 5-cc. pycnometers in a water bath at 25°C. db 0.02°. 

INTERFACIAL TENSIONS UNDER THE CONDITION OF SUPPRESSED LAURATE 

HYDROLYSIS (pH 11) 

In an alkaline sodium laurate solution (pH 11) no appreciable amount of free 
fatty acid is present either as such or as acid soap. The sodium laurate exists 
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entirely in the form of sodium and laurate ions and perhaps micelles. A definite 
equilibrium interfacial tension against n-heptane exists for each soap solution 
in the concentration range investigated, 0.005 N to 0.05 N. The effect of aging 
upon the interfacial tension is shown graphically in figure 1. The initial inter¬ 
facial tension observed approximately 15 sec. after the formation of the interface 
is only slightly greater than the equilibrium tension found at the end of 1000 



Fig. 2. Equilibrium interfacial tensions of unhydrolyzed sodium laurate solution (pH 11) 
against heptane. 


min. or more. Only in the case of a 0.005 N solution does aging produce a 
decline in interfacial tension greater than 1 dyne per centimeter. 

The equilibrium interfacial tensions of figure 1 for various sodium laurate 
concentrations are plotted in figure 2. The sharp break in the interfacial ten¬ 
sion vs. soap concentration curve has been attributed to the formation of mi¬ 
celles (7). Whatever the cause of this phenomenon, the fact remains that 
unhydrolyzed sodium laurate by itself does not reduce the tension at the dineric 
interface between its aqueous solution and n-heptane much below 7 dynes per 
centimeter. 
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CORRELATION OF ADSORPTIONS OF UNHYDROLYZED SODIUM LAURATE AT THE 
WATER-HEPTANE AND AT THE WATER-AIR INTERFACE 

The equilibrium boundary tensions of unhydrolyzed sodium laurate solutions 
against n-heptane and against air, as determined by the pendent-drop method, 
are given in table 1. The tensions were observed for periods up to several 
thousand minutes. 2 

The relative effectiveness of the sodium laurate at the two interfaces is shown 
by plotting the interfacial-tension lowerings directly against the surface-tension 
lowerings for the same concentrations of sodium laurate in the aqueous phase 
(figure 3). The reference line of unit slope represents equal boundary-tension¬ 
lowering power at both interfaces. It is evident from the graph that at low 
concentrations the sodium laurate must be much more effective in reducing the 
water-n-heptane boundary tension than it is in lowering the surface tension 
of the aqueous solution. For a concentration of sodium laurate sufficient to 

TABLE 1 

Boundary tensions of unhydrolyzed sodium laurate solutions against heptane and against air 

(pH 11, 25°C.) 


CONCENTRATION OP SODIUM 
LAURATEIN AQUEOUS PHASE 

BOUNDARY TENSION OP AQUEOUS SOLUTION AGAINST 

Heptane 

Air 

N 

dynes per cm. 

dynes per cm. 

0.000 

50.8 

72.0 

0.005 

28.6 

56.5 

0.01 

18.9 

50.5 

0.02 

9.2 

40.4 

0.03 

6.9 

37.1 

0.05 

6.8 

37.1 


bring the surface-tension depression to about 15 dynes per centimeter (or per¬ 
haps less), and for higher concentrations, the ability of the soap to lower the 
boundary tension is not far from equal at the two interfaces. Since the extent 
of adsorption of a given solute at an interface is proportional to its ability to 
depress the boundary tension at that interface (3), it is safe to conclude that for 
aqueous phase concentrations above 0.005 N the adsorption of unhydrolyzed 
sodium laurate at the water-heptane interface is comparable to its adsorption 
at the surface of its aqueous solution. This may be regarded as evidence that 
the same species (presumably the laurate ion) is the active agent at both inter¬ 
faces. 

* The equilibrium surface-tension values for the more dilute solutions are about 10 per 
cent higher than those obtained by Nutting and Long (5) using the sessile-bubble method, 
despite the fact that more concentrated buffers (0.004 N vs. 0.001 N) were utilized in the 
present study. The pendent-drop method as we have employed it (using an air bubble 
suspended “pendent upward”) and the sessile-bubble method are so closely analogous that 
it is surprising to note a divergence of this magnitude in results obtained by the 
two methods. Investigation of the cause of this apparent discrepancy should be of interest. 
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The curves for the interfacial-tension depressions against surface-tension 
depressions for ethyl and n-propyl alcohols and for butyric acid have been 
added to figure 3 for purposes of comparison with the sodium laurate curve. 
It is of interest to note that although at higher concentrations (large boundary- 
tension depressions) the curves for all these substances are nearly parallel, the 



Fig. 3. Boundary-tension lowering at the water-heptane and at the water-air interface 
by unhydrolysed sodium laurate, butyric acid, n-propyl alcohol, and ethyl alcohol. 

tendency for these adsorbates at low concentrations to become relatively more 
active at the water-n-heptane interface increases with the hydrocarbon-chain 
length of the adsorbate. This tendency appears to hold regardless of whether 
adsorption is molecular or ionic. 

INTERFACIAL-TENSION MEASUREMENTS UNDER THE CONDITION OF PARTIAL 

LAURATE HYDROLYSIS 

In a sodium laurate solution of alkalinity sufficiently low to allow an appre¬ 
ciable amount of hydrolysis and the consequent formation of free fatty acid and 
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acid soap, the interfacial tension, as measured by the pendent-drop method, 
shows a marked decrease with time, the decrease becoming more pronounced as 
the pH of the solution decreases. The effect of time on the interfacial tension 
against n-heptane of sodium laurate solutions of different alkalinities at con¬ 
centrations 0.005 N y 0.01 N, and 0.02 N is shown by figures 4, 5, and 6, re¬ 
spectively. 

To ascertain that the observed effects at lower pH’s were due to the presence 
of a hydrolysis product of the soap and not to the buffers or to the hydrogen-ion 
concentration, interfacial tensions against n-heptane were determined for 
solutions of sodium lauryl sulfate, which does not undergo hydrolysis since it is 
the salt of a strong acid. The aqueous solution used was 0.005 N. Mcasure- 



TIME - MINUTES 

Fig. 4. Aging of pendent drops of heptane in 0.005 N sodium laurate solutions at various 
pH values. 

ments were made in 0.001 N hydrochloric acid, in conductivity water, and in 
0.001 N sodium hydroxide. The equilibrium interfacial tensions observed 
were 5.5, 5.6, and 5.5 dynes per centimeter, respectively, and did not vary by 
more than 0.1 dyne per centimeter during a period of several thousand minutes. 
The uniformity of the values obtained for this unhydrolyzed salt over the 
entire pH range investigated indicates that the marked lowerings obtained for 
the hydrolyzed laurate were due to the presence of a hydrolysis product. 

The extended fall of the interfacial tension with time in partially hydrolyzed 
sodium laurate solutions appeared to be due not to adsorption effects alone, but 
also to the migration of one of the species from one phase across the dineric 
interface into the other phase (6). Since pronounced interfacial-tension lower¬ 
ings were observed neither when only unhydrolyzed sodium laurate was present 
(pH 11) nor with solutions of sodium lauryl sulfate, it may be concluded that 
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the species migrating across the interface into the heptane phase was not neutral 
soap, but must have been either fatty acid or acid soap. 



Fig. 5. Aging of pendent drops of heptane in 0.01 N sodium laurate solutions at various 
pH values. 



Fig. 6. Aging of pendent drops of heptane in 0.02 N sodium laurate solutions at various 
pH values. 


As fatty acid is extracted from the partially hydrolyzed sodium laurate by the 
n-heptane, more neutral soap hydrolyzes. This hydrolysis can readily be de- 
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tected from the increase in pH resulting from the accumulation of alkali formed 
as a product of soap hydrolysis: 

CuH* a COO- + H 2 0 - ChHmCOOH + OH~ 

Because of the relatively small volume of organic liquid used (less than 1:500), 
the change in soap concentration of the aqueous phase due to migration across 
the boundary will be small. Conversely, because of the restricted volume of 
the organic liquid phase, the extraction of small quantities of fatty acid from 
the aqueous phase causes an appreciable effect upon the concentration of fatty 
acid in the organic liquid phase and hence, apparently, on the interfacial tension. 
The laurate ion appears to be the interface-active species, but while, judging 
from measurements at pH 11, even in concentrated solutions in the aqueous 
phase it cannot lower the interfacial tension at the water-n-heptane boundary 
much below 7 dynes per centimeter (cf. figure 2), yet interfacial tensions of less 
than 1 dyne per centimeter are attained at the interface between partially 
hydrolyzed laurate solutions and n-heptane as a result of lauric acid migration 
to, and concentration in, the n-heptane. 

INTERFACIAL TENSIONS OF AQUEOUS SODIUM LAURATE SOLUTIONS AGAINST 
LAURIC ACID—71-HEPTANE MIXTURES 

Corroboration of the hypothesis that the fall in interfacial tension observed 
in partially hydrolyzed laurate solutions is due to the accumulation of lauric acid 
in the n-heptane was obtained by investigation of the interfacial tensions of 
these solutions against a n-heptane phase containing definite concentrations of 
lauric acid. For such measurements the pH of the aqueous solution was always 
set sufficiently low (less than 9) that there would be no tendency for the lauric 
acid in the n-heptane to react with excess alkali in the aqueous phase to form 
neutral soap. The pH employed was in all cases below the pH of unbuffered 
laurate solutions of the same concentrations. 

Aging curves for the interfacial tension of 0.01 N sodium laurate solutions 
of pH 8.3 against lauric acid-n-heptane mixtures varying in composition from 
pure n-heptane to 20 weight per cent lauric acid are shown in figure 7. The top 
curve, included for reference purposes, represents the aging of the 0.01 N aqueous 
sodium laurate solution-n-heptane interface under the condition of suppressed 
laurate hydrolysis. 

At pH 8.3 the presence of lauric acid and its migration into pure n-heptane, 
as shown in curve 1 of figure 7, causes a steady decline in interfacial tension 
which is still far from equilibrium at the end of 1000 min. 8 Curves 2 and 3 
(figure 7) show that addition of small amounts of lauric acid to the n-heptane 
results in lower initial interfacial tensions against the 0.01 N aqueous laurate 
solution, but that, as the time of contact between the two phases increases, the 
interfacial-tension differences between these systems and the system containing 

8 The attainment of equilibrium is impeded somewhat by further diffusion of the lauric 
acid from the pendent drop of n-heptane into the n-heptane contained inside the 
dropping tip. 
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pure n-heptane gradually disappear. The steep drop ip interfacial tension due 
to the diffusion of the first several tenths of a per cent of lauric acid into the n- 



Fig. 7. Aging curves for 0.01 N sodium laurate solutions at pH 8.3 against lauric acid- 
heptane mixtures. Curve 1, pure heptane; curve 2, 0.4 per cent lauric acid; curve 3, 1 
per cent lauric acid; curve 4, 3 per cent lauric acid; curve 5, 5 per cent lauric acid; curve 6, 
10 per cent lauric acid; curve 7, 20 per cent lauric acid. 
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Fig. 8. Interfacial tensions of 0.001 N hydrochloric acid against lauric acid-heptane 
mixtures. 


heptane is eliminated only if the lauric acid is already present in the n-heptane 
phase in concentrations of 3 per cent or more (curves 4 to 7, figure 7). 
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The interfacial-tension depressions caused by fatty acid concentrations in the 
organic liquid phase are not isolated phenomena restricted to aqueous soap 
solution-organic liquid interfaces, but are similar to the interfacial-tension 
lowerings induced by the same fatty acid concentrations at the water-organic 
liquid interface. In figure 8 are plotted the interfacial tensions, as determined 
by the pendent-drop method, of 0.001 N hydrochloric acid against lauric acid-n- 
heptane mixtures. Dilute aqueous hydrochloric acid was used to prevent the 
possible formation of minute amounts of soap. The shape of the boundary 
tension-concentration curve is typical of such curves for a mixture evidencing 
a relatively large amount of adsorption. The greatest rate of fall of the bound¬ 
ary tension occurs at the lowest concentrations, but a fairly rapid rate of tension 
decline persists into the range of concentrated solutions. 

The extremely low interfacial tensions obtained at the interface between a 
partially hydrolyzed sodium laurate solution and a non-polar organic liquid are 
the result of two factors neither one of which, by itself, is sufficient to lower the 
interfacial tension to the extent observed. Appreciable concentrations of lauric 
acid in the organic liquid phase lower the interfacial tension against water or an 
aqueous phase by 20 to 30 dynes. Adsorption at the interface from the aqueous 
sodium laurate then lowers this tension to values sometimes as low as about 1 
dyne per centimeter, whereas without the initial lowering by the lauric acid in 
the organic liquid phase such adsorption never carries the tension below 7 dynes 
per centimeter. The lower interfacial tension values are obtained only for 
partially hydrolyzed soap solutions, because hydrolysis is necessary in order 
for the aqueous soap solution to exist in equilibrium with an organic liquid 
phase containing fatty acid. 

SODIUM LAURATE AS AN EMULSIFYING AGENT 

Unhydrolyzed sodium laurate is incapable of forming stable dispersions of a 
non-polar organic liquid in water. The stability of such dispersions is increased 
by reducing the alkalinity of the aqueous solution to allow partial hydrolysis of 
laurate to occur, and is greatly enhanced by the addition of several per cent of 
lauric acid to the organic liquid. Oil-in-water emulsions are made extremely 
stable by the formation of soap in situ (4) (that is, the formation of soap by the 
reaction of an alkaline aqueous solution with fatty acid dissolved in an organic 
liquid), but this stability persists only so long as there is excess fatty acid in the 
organic liquid. If the amount of alkali present in the aqueous phase exceeds 
the amount of fatty acid in the immiscible organic liquid, the acid is gradually 
withdrawn from the organic liquid phase and the emulsion loses its stability 
regardless of formation of soap in situ. The stability of emulsions of non-polar 
organic liquids in aqueous sodium laurate is thus shown to depend on the low 
interfacial tension caused by the joint existence of considerable concentrations 
of unhydrolyzed soap in the aqueous phase and fatty acid in the organic liquid. 

SUMMARY 

1. The effect of aging upon the interface between aqueous sodium laurate 
solutions (at various pH values) and n-heptane has been determined. 
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2. Equilibrium interfacial tensions of unhydrolyzed sodium laurate solutions 
against n-heptane have been measured. At conoentrations above 0.005 N, the 
adsorption of sodium laurate at the water-heptane interface is comparable to 
its adsorption at the surface of its aqueous solution. 

3. The extended decrease with time of the interfacial tensions of partially 
hydrolyzed laurate solutions against n-heptane is due to migration of fatty acid 
across the interface. 

4. Addition of lauric acid to n-heptane causes interfacial-tension lowerings 
at the aqueous soap solution-n-heptane interfaces which are similar to the 
interfacial-tension lowerings at the analogous water-n-heptane interfaces. 

5. In order for aqueous sodium laurate solutions to attain very low inter¬ 
facial tensions against a non-polar organic liquid and hence be capable of emul¬ 
sifying it, considerable concentrations both of sodium laurate in the aqueous 
phase and of lauric acid in the organic liquid phase must exist, and these con¬ 
centrations must be in equilibrium. 
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I. IONIC PARACHORS AND IONIC RADII 
Introduction 

The study of parachors has been most successful for non-polar liquids. When 
Sugden and Wilkins (7, 8) applied atomic parachor factors derived from non¬ 
polar compounds to the fused alkali-metal salts, they failed to obtain good agree¬ 
ment. Atomic parachor factors of alkali metals, thus obtained, were admitted 
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to err by at least it 10 parachor units. The failure of the Sugden and Wilkins 
treatment for fused salts is not surprising, as the nature of the bond in ionic 
compounds is entirely different from non-polar bonds. Just as ionic radii 
deserve separate treatment from covalent radii (5), ionic parachor factors 
should be developed independently. 

Mumford and Phillips (4), on a similar basis, have developed new ionic para¬ 
chor factors for a number of ions. The agreement with experimental data is 
fair, but assignment of 1.44 as the ratio of ionic parachors of halogens to those 
of alkali metals seems incompatible with the authors’ claims. 

The following plan presents a set of ionic parachor factors which are not only 
in better agreement with experimental results, but are also related to the ionic 
radii theoretically. 

Development of new ionic parachor factors 

A survey of the literature reveals that Jaeger’s work on the study of density 
and surface tension of fused ionic salts is still the only major source of such in¬ 
formation (2). As the parachors of the fused ionic salts increase somewhat with 
increase in temperature, a question arises as to what temperature should be 
chosen for comparison. The reasonable temperatures would seem to be the 
boiling points, but data are not available to such high temperatures. Two 
arbitrary temperatures, 800°C. and 1000°C., were used in this study. Sugden 
and Wilkins have calculated parachor values from Jaeger’s data, but they give 
only the mean and limiting parachor values for the lowest and highest tempera¬ 
tures. It is not possible to derive parachor values at 800° and 1000°C. from 
their paper, as the parachor-temperature curves of the various salts are not 
given. Parachors of each compound at various temperatures have been re¬ 
calculated and plotted against temperatures. The parachors at 800° and 
1000°C. were either interpolated or extrapolated. Extrapolations were carried 
out only in curves of sufficient regularity. No long extrapolations were made. 
Results are shown in table 1. 

From these figures, average values of parachor differences of any two cations 
or anions can be obtained. For instance, the average parachor difference of 
K + and Na + may be obtained by subtracting the parachors of sodium halo- 
genides, sulfate, nitrate, etc., from those of the corresponding potassium salts 
and taking the average. If any individual ionic parachor factor is known, all 
other ionic parachor factors can be evaluated from these differences. 

Parachor is usually interpreted as volume at unit surface tension. Since 
surface tensions of liquids under ordinary conditions are far from unity, it is 
obvious that parachors will not bear a direct relation to volume or the cube of 
the radius of the ion, atom, or molecule considered. For reasons discussed later, 
it can be stated that the ionic parachor is directly proportional to the 9/4* 
power of the ionic radius. It was, therefore, possible to calculate the ionic 
parachors of K + and F~ from the following two equations: 

0K+ + ® ^KF 

0K+/0F- = (**K + / r F~) 9/4 


( 1 ) 

( 2 ) 
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SALTS 


LiF., 
NaF. 
KF.. 
RbF. 
CeF.. 

IiCl. 

NaCl 

KC1.. 

RbCi 

CaCl. 


NaBr 
KBr.. 
RbBr 
CsBr 


Nal. 

KI. 

Rbl. 

Cal. 

Li a S0 4 .. 
Na 2 S0 4 .. 
K*80 4 ... 
Rb*S0 4 ... 
Cs*S0 4 ... 

Na*Mo0 4 
K 2 Mo0 4 . . 


Na 2 W0 4 

k 2 wo 4 . . 


LiNO* . 
NaNOa. 
KNO, .. 
RbNOa. 
GaNOt.. 
TINOa.. 

NaPOft.. 
KPO,... 
K*Cr 2 0 7 


TABLE 1 

Parachors of tome salts 




SLOP* OF 

PAlACHOmS, 0 

TE1CMEXATUXE 

AANGE 

KATomaov 

ctmtvi 

^xioo 

aoo*c. 

1000*c. 


Experi¬ 

mental 

Calcu¬ 

lated 

Experi¬ 

mental 

Calcu¬ 

lated 

•c. 

870-1270 

Straight 

0.86 

57.2 

55 

58.9 

59 

1010-1550 

Straight 

1.35 

78.7 

75 

81.4 

81 

910-1810 

Straight 

2.21 

104.4 

104 

108.8 

109 

800-1090 

Curved 


121.2 

121 

124.9 

126 

720-1100 

Curved 


137.2 

140 

141.6 

145 

610-1070 

Straight 

1.65 

100.2 

104 

103.5 

108 

800-1170 

Straight 

3.50 

122.8 

124 

129.8 

130 

800-1170 

Straight 

3.37 

154.7 

153 

161.4 

158 

750-1150 

Straight 

2.90 

(182.8)* 

170 

(188.6)* 

175 

660-1080 

Straight 

3.53 

191.8 

18® 

198.9 

194 

760-1160 

Curved 


143.1 

144 

149.7 

152 

770- 920 

Straight 

3.04 

174.3 

173 

184.0 

180 

730-1120 

Straight 

4.26 

193.6 

190 

202.1 

197 

660- 970 

Straight 

5.11 

212.2 

209 

222.4 

216 

710- 860 

Straight 

2.51 

173.6 

177 

178.6 

184 

740- 870 

Slightly curved 

(5.56) 

206.6 

206 


212 

670-1020 

Straight 

3.60 

228,7 

223 

235.9 

229 

650-1030 

Straight 

4.62 

246.5 

242 

255.8 

248 

1 860-1210 

Straight 

2.85 

210.5 

207 

216.2 

216 

900-1080 

Slightly curved 

4.92 

255.7 

247 

261.5 

260 

1070-1660 

Straight 

6.52 

(302) 

305 

314.4 

316 

1050-1550 

Curved 



339 

351 

350 

1040-1530 

Curved 



377 

386 

388 

700-1210 

Curved 


284.9 

284 

292.3 

298 

930-1520 

Straight 

7.74 

343.3 

342 

358.8 

354 

710-1600 

Curved 


289.9 

292 

299.7 

306 

925-1520 

Straight 

3.05 

361 

350 

367.5 

362 

360- 610 

Straight 

2.37 

(140) 

147 

(144) 

155 

320- 740 

Straight 

3.67 

166.2 

167 

(174) 


380- 770 

Straight 

4.75 

198.0 

196 

(208) 

I 

330- 730 

Slightly curved 

4.62 

214 

213 


I 

430- 690 

Curved 



232 


Wmm 

210- 430 

Straight 

3.20 

(198) 

(212) 



820-1520 

Straight 

2.21 

174.9 

169 

179.3 

177 

900-1540 

Curved 


198.0 

198 

203.6 

206 

420- 540 

Slightly curved 

10.67 

(487) 

(492) 




* These values are not consistent with other data and are possibly in error. 
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where <f> = ionic parachor, and r = ionic radius in Angstrom units. The ionic 
radii of K + and F~ were taken as 1.33 and 1.36 A., respectively, from Pauling 
(5). The reason potassium fluoride was chosen was that K+ and F~ have about 
the same ionic radii and any error in the assignment of radii will not greatly 
affect the splitting of the parachor. From the values of 0 K + and <£ F ~ thus ob¬ 
tained, ionic parachor factors for other cations and anions are directly obtain¬ 
able. They are listed in table 2. Parachors of compounds calculated by these 
new factors (see table 1) agree, on the average, within 1.6 per cent with those 
obtained experimentally (minimum deviation 0 per cent to maximum deviation 

TABLE 2 


Ionic parachor factors 


IONS 

IONIC PARACHOS FACTORS 

800°C. 

1000°C. 

Li + . 

2 

3 

Na + . 

22 

25 

K + . 

51 

53 

Rb + . 

68 

70 

Cs + . 

87 

89 

F” . 

53 

56 

ci-. 

102 

105 

Br- . 

122 

127 

i-. 

155 

159 

NOj“. 

145 

152 

POr. 

147 

152 

so.-. 

203 

210 

Moo 4 . 

240 

248 

WO 4“ . 

1 

248 

256 


about 4 per cent). The average deviation in Sugden and Wilkins’ treatment is 
about 8.4 per cent, with some maximum deviations as high as 27 per cent. 

Ionic 'parachors and ionic radii: empirical relationship 

By a simple mathematical treatment, the following empirical relationships 
between ionic parachors and ionic radii were found: 

<*>(1000°C.) = 28.0r (9/4) (3) 

0(8OO°C.) = 27.0r (9/4) (4) 

where <j> = ionic parachor per Avogadro ion 8 at the temperature designated, and 
r = ionic radius in Angstrom units at room temperature. The ionic radii of 
various ions calculated from equations 3 and 4 by using ionic parachors from 

* One Avogadro ion contains a number of ions equal to the Avogadro number, 6.023 
X 10**. 
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table 2 are compared in table 3 with those given by Pauling (5). The agreement 
is fairly good, with the exception of Li + . 

Ionic parachors and ionic radii: theoretical relationship 

It seems difficult, at first, to visualize in a physical sense the meaning of ionic 
parachor. One would never be able to predict anything if one Avogadro number 
of, say, sodium ions were put together. The repulsive force in such a system 
would be enormous. The difficulty, however, may be overcome by assuming 
that the ionic parachor of Na + is identical with the molar parachor of an imagi¬ 
nary compound Na + E~, where E~ is an imaginary anion with unit charge but 
zero volume. It holds sodium ions together, but contributes nothing to the 
parachor because of its zero volume. We may, then, proceed to calculate the 
parachor of such a compound. 


TABLE 3 

Ionic radii from ionic parachor a 


IONS 

RADII CALCULATED FROM 

| 

RADII 

(Pauling (5)) 

*(800«C.) 

*( 1000 # c.) 


A. 

A. 

A. 

Li + . 

0.32 

0.38 

0.60 

Na+. 

0.91 

0.95 

0.95 

K + . 

1.33* 

1.33* 

1.33 

Rb + . 

1.51 

1.50 

1.48 

Cs+. 

1.68 

1.67 

1.69 

F~. 

1.35* 

1.36* 

1.36 

ci-. 

1.81 

1.80 

1.81 

Br-. 

1.96 

1.96 

1.95 

I-. 

2.17 

2.16 

2.16 


* Values assumed as correct. 


By definition of parachor, we have: 

<t> = Vo 1 '* (5) 

where V = Avogadro volume and a — surface tension. The minimum and the 
bulk (assuming cubic packing) molar volumes of the imaginary compound 
Na + E~ may be calculated from the radius of the cation as follows: 

V minimum - y (r/10 8 ) 8 X 6.023 X lO" - 2.42f’ cc. (6) 

Fbuik - (2r/10 8 ) 8 X 6.023 X 10 s8 - 4.82r» cc. (7) 

where r = radius in Angstrdm units. 

Surface tension of any substance is numerically and dimensionally identical 
with surface energy, Which is the energy at the surface per unit area. It is 
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obvious that surface energy will depend directly on the number of ions in a unit 
area of the surface and the bond energy between ions at the surface. The 
number of ions per unit surface is proportional to (1/r 2 ). For the first approxi¬ 
mation the bond energy between ions at the surface may be compared with that 
of lattice energy, with slight modification, and we may assume that the bond 
energy at the surface is inversely proportional to the radius of the ion. There¬ 
fore, the surface energy is proportional to (1/r 8 ). This qualitative discussion 
explains in equation 8 why surface tension, derived after a rigid mathematical 
calculation by various investigators, is proportional to the inverse cube of the 
radius. The formula taken from Seitz (6) follows: 

<r = 0.116e 2 /a 8 (8) 

where e = electronic charge and a = distance between cation and anion (= r 
in our model). Substituting suitable values in equation 8 we have 

a = 2.61 X 10 4 /r 3 dynes per centimeter (9) 


Substituting equations 6 (or 7) and 9 in equation 5, we obtain: 

<t> = 30.7r (9/4) (using minimum volume) 


or 


4> = 61.0r (9/4) (using bulk volume) 


( 10 ) 

(ID 


Equations 10 and 11 are comparable to the empirical equations 3 and 4, not only 
in form but also in the magnitude of the constant. In the above calculation the 
geometric packing factor and the expansibility of the ionic radius are not con¬ 
sidered. They are of about the same order of magnitude and contribute oppo¬ 
sitely to the ionic parachor. The fact has been established both empirically 
and theoretically that the ionic parachor varies with the (9/4)** power of the 
ionic radius. 


Discussion 

Assuming additivity, parachors of ionic substances may be calculated from 
the following equation: 


<t> = k2rW» 


( 12 ) 


k = constant 28.0 for the parachor at 1000°C. and 27.0 at 800°C. 

The contribution to the parachor by the cations in the radicals SO4 , M0O4 , 
WO4 , N0 8 ”, and P0 8 ” is small because of their small radii. The parachors of 
these radicals are largely due to oxygen atoms. It is well known that the ionic 
radius of oxygen in various oxygen salts is not a constant. It varies from about 
1.1 to 1.4, depending on the cation with w T hieh it combines. Naturally the 
parachor of oxygen in various compounds will also vary. Taking Pauling’s 
ionic radii (5) for the cations in the above radicals, the ionic radius of oxygen is 
calculated from equation 12. Values are listed in table 4. They vary within 
reasonable limits. 
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By talcing 1.5 as the radius of TI + , after Wyckoff (10), the parachor of thallium 
nitrate at 800°C. is estimated as 212, while that extrapolated from experimental 
data is about 198. The discrepancy should not be considered large if one con¬ 
siders the long extrapolation of experimental data and the possible error in the 
radius of the T1+ ion. 

The parachor of oxygen in potassium dichrQmate would be expected to lie 
somewhere between that in SO.— and that in M0O4 —. By assuming a value of 
54 for it and taking 0.52 (5) for the ionic radius of Cr* + , the parachor of po- 


TABLE 4 

Ionic radii and parachors of oxygen 


RADICAL 

RADIUS or 
CATIONS 

PROM DATA 

At 800°C. ! 

j At 1000°C 

Parachor 
of radical 

Radius of 
oxygen 

Parachor 
of oxygen 

Parachor 
of radical 

Radius 
of oxygen 

Parachor 
of oxygen 


A. 


A. 



A. 


SO—. 

0.29 

203 

1.32 

50 

210 

1.32 

52 

Mo0 4 ~. 

0.62 

240 

1.40 

58 

248 

1.40 

60 

W0 4 -“. 

0.66* 

248 

1.42 

59 

256 

1.41 

61 

NO* . 

0.11 

146 

1.29 

48 

152 

1.20 

51 

PO,. 

0.34 

147 

1.29 

48 

152 

1.29 

50 


* From the mean value given in two papers by Hordes (3). 


TABLE 5 

Parachors of soda-silica glasses at 1000“ C. 


SiOs 

PARACHORS 

Estimated 

Found 

mole per cent 



49.9 

108 

114 

60.8 

107 

111 

62.9 

107 

111 

66.7 

107 

111 

74.3 

106 

109 

80.5 

106 

109 


tassium dichromate was calculated as 492 at 800°C., while that extrapolated from 
experimental sources is about 487. 

The parachors for a binary system, such as sodium oxide-silicon dioxide, may 
be calculated by the simple additivity rule if additive parachor factors are 
assigned to sodium oxide and silicon dioxide. From the similar behavior of 
phosphate and silicate glasses, one may assume that the parachor of oxygen in 
phosphates and silicates is about the same, or about 50 at 1000°C. The ionic 
parachor of Si 4 * is about 4 units at 1000°C., calculated from its radius. This 
yields the parachor factor for silicon dioxide as 104 at 1000°C. The parachor of 
oxygen in sodium oxide would be rather large, owing to loose linkage and to the 
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large size and low charge of Na + . It is probably larger than that in W0 4 —. 
If a value of 62 is assumed for the oxygen in sodium oxide, the parachor factor 
for sodium oxide is 112. Parachors of six soda-silica glasses were calculated 
from these factors and were compared with the experimental values derived by 
Sun, Taylor, and Safford (9) from^he best available data on surface tensions 
and densities. They are shown in table 5. Parachors do not vary greatly with 
the composition of glass, because the parachor factors for silicon dioxide and 
sodium oxide happen to differ but slightly. 

The relationship between ionic radii and ionic parachors should prove useful 
for predicting parachors of ionic compounds. 

TABLE 6 


Covalent radii from atomic parachors 


GROUPS 

ELEMENTS 

ATOMIC PARACHORS 

COVALENT RADII, r 

P 

Calculated 

Pauling (5) 

IV. 

c 

9.1 

A. 

0.77 

A. 

0*77 


Si 

26.2 

1.10 

1.17 


Ge 

36.0 

1.22 

1.22 


Sn 

55.4 

1.40 | 

1.40 

V. 

N 

12.5 

0.69 

0.70 


P 

37.7 

1.07 

1.10 


As 

50.1 

1.20 

1.21 


Sb 

66.0 

1.34 

1.41 

VI. 

0 

20 1 

0.67 

0.66 


S 

48.2 

1.04 

i 1.04 


Se 

62.5 

1.19 

i 117 

VII . 

F 

26.4 

0.61 

0.64 


Cl 

54.6 

0.98 

0.99 


Br 

68.5 

1.14 

! 1.14 


I 

90.3 

1.37 

1.33 


II. ATOMIC PARACHORS AND COVALENT RADII 

Atomic parachor factors known today were derived mostly from non-polar 
compounds. The intermolecular forces between non-polar molecules which are 
the causes of surface tension are chiefly of the van der Waals and London types. 
Covalent linkage would hardly play a role in surface tension, because the co¬ 
valent bond is so strong that it holds the molecule together to act as a single 
particle. This would lead to speculation that covalent radii of atoms do not 
influence surface tension, and consequently the parachor of the liquid. How¬ 
ever, van der Waals and London forces and volumes of liquids depend on the 
sizes of the molecules and these are a function of covalent radii of constituent 
atoms. One should, therefore, expect some relationship between atomic para¬ 
chors and covalent radii, though it may not be as simple as in ionic salts. 
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Bayliss (1) has related atomic parachors of Group IV elements of the Periodic 
Table to the cubic power of their covalent radii. Generalizations can be made 
for the dements of other groups by simple mathematical treatment. The fol¬ 
lowing relation was found true for elements of Groups IV, V, VI, and VII of the 
Periodic Table: • 


P - hr* 


( 13 ) 


where P ■* atomic parachor, 
r = covalent radius, 
fc = a constant = (12n — 28), 
c = a constant = (10 — «)/2, and 

n = group number of the element in the Periodic Table, which may be 
4, 5, 6, or 7. 

The covalent radii of elements calculated from equation 13 by using the best 
atomic parachors given by Sugden (7) and Bayliss (1), are compared in table 6 
with the covalent radii given by Pauling (5). The agreement is fairly good. 

SUMMARY 

1. Ionic parachor factors should be distinguished from atomic factors derived 
from non-polar compounds just as one should treat ionic radii differently from 
covalent radii. 

2. New ionic parachor factors have been assigned to a number of elements. 
They agree well with the experimental data. 

3. The following relationship has been found: 

parachor = kr c 

(i) for ionic linkages: 

k = 28 (for parachor at 1000°C.), 
r = ionic radius in Angstrom units, and 
c = 9/4. 

The relationship has been derived theoretically and empirical^. 

(it) for covalent linkages: 
k = (12n - 28), 

r = covalent radius in Angstrom units, 
c = (10 — n)/2, and 

w = group number of element in Periodic Table. 

The relationship is only empirical. 

4. Parachors of soda-silica glasses at 1000°C. have been estimated. The 
results compare favorably with the experimental data. 
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I. INTRODUCTION 

In the limit of low concentrations, osmotic pressure furnishes a means of de¬ 
termining the (number average) molecular weight (5) of a high polymer which 
is independent of structural details such as branching. Aside from the ultra¬ 
centrifuge, it is the only absolute method at present available. Determination 
of molecular weights of polymers by viscosities requires an absolute calibration 
and, even so, gives correct relative values only when the polymers investigated 
have the same structure as the calibrating sample, because molecules of the 
same molecular weight but different shapes (9) can give widely different specific- 
viscosity increments. 

The original purpose of this investigation was a systematic study of viscosities 
and osmotic pressures of polymers prepared in different ways, in order to obtain 
information on the dependence of degree of branching on the conditions of poly¬ 
merization. Pressure of emergency work has made it necessary to discontinue 
the research; we have, however, developed an osmometer and a technique which 
give reproducible results in fairly short times, and, in view of the interest in high 
polymers, it seems worthwhile to present the experimental methods, together 
with our preliminary results. By the osmometer, we obtain a molecular weight 
of 100,000 for a fractionated polymer of vinyl chloride which gave 102,000 by 
the ultracentrifuge diffusion method. Two other fractions from the same origi¬ 
nal polymer (and therefore presumably of the same structure) gave osmotic 
pressures proportional to their equivalent viscosities, which substantiates our 
value (7) of 7 X 10~ 6 for the Staudinger constant for vinyl chloride polymers 
similar in branching to our material. The agreement also shows that our 
method of fractionation was satisfactory. 



60 


RAYMOND M. FUOS8 AND DARWIN J. MEAD 


II. EXPERIMENTAL 

Osmometers 

The cell consisted of two stainless-steel plates, clamped together over the 
membrane by means of machine screws at the edge. The face of each disk had 



Fig. 1 a, b. Osmometer with vertical capillaries 

a f-in. fiat ring, 5 in. outside diameter (figure 1); inside this ring was a set of 
concentric cuts 2 mm. wide and 2 mm. deep, connected by a vertical cut which 
ran from inlet to outlet of each half-cell. The faces of the half-cells were ground 
flat. The membrane was simultaneously the gasket; since the membranes we 
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used were fairly soft, only moderate pressure (a little more than finger-tight) 
was needed to prevent leakage at the edges of the 5-in. ring. The plates carried 
guide pins to permit accurate matching of the circles in the two half-cells. A 
thermometer was inserted in a boring in one of the plates. After assembly, 
the osmometer was packed into a bass-wood box, using cotton waste as heat 
insulator. Slow temperature drifts were occasionally noted as the room tem¬ 
perature (average, 27°C.) changed, but the error produced was negligibly small. 
A more serious source of error due to temperature changes lies in the change of 
surface tension with temperature; it affects the results with osmometer designs 

D 



having a horizontal capillary, but does not influence the results with vertical 
capillaries. 

To the plates were attached filling tubes and measuring apparatus, which pro¬ 
jected outside the insulating jacket. Of a number of designs which we tried, 
three will be described. All gave satisfactory results; we prefer the third. In 
the first two, the solution half-cell was filled through a vertical |-in. glass tube, 
which was connected through a fernico bushing to a iVin. copper tube. The 
latter was soldered to a brass nipple which was fastened to the cell by a lock 
nut and lead gasket. The top opening of the half-cell was closed by a needle 
valve after filling. The solution half-cell was thus open to atmospheric pres¬ 
sure through the vertical stand pipe, and the zero of pressure reference was the 



62 


RATMOND M. FUOS8 AND DARWIN 3. MEAD 


level of the meniscus in this tube. The solvent half-cell was also closed at the 
top by a needle valve after filling. To the bottom opening was attached a valve 
Mode carrying a filling tube which could be closed off by a needle valve, and a 
drainage tube which could also be closed by a needle valve. The location of 
the meniscus in the capillary was controlled by means of these last two valves. 

In the first design, the lower valve block carried a 25-mil. capillary mounted 
over a steel scale. A spirit level attached to the scale showed when the capillary 
was horisontal. Then the rates of meniscus flow (in millimeters per minute) 
were determined for different levels of liquid in the stand pipe in the other half¬ 
cell. The diameter of the latter is so large compared to that of the capillary 
that no visible change in level occurred for sufficient travel of the meniscus to 
determine the rate. The zero point on the pressure scale was determined by 
running solvent in both half-cells; the zero is below the center of the capillary by 
the capillary rise in the latter. The zero point thus changes with temperature. 
A bit of simple geometry shows that errors in osmotic pressure can occur if the 
capillary is not exactly horizontal and if the pressure scale for the stand pipe 
is not vertical to the horizontal plane through the capillary. In a second design, 
the capillary and the pressure scale were mounted on a steel block, which was 
floated in mercury. A seven-turn thin-glass spiral served as a flexible coupling 
between the capillary and the lower valve block on the solvent half-cell. This 
device automatically kept the geometry of the apparatus correct but was very 
fragile. 

A typical run with the horizontal capillary apparatus is shown in figure 2, 
where rate of flow in the capillary (in millimeters per minute) is plotted against 
readings of the pressure column. (Zero on the scale is obviously not the pres¬ 
sure zero.) It will be seen that the rate of flow is linear in the hydrostatic pres¬ 
sure. The line at the left is for solvent in both half-cells, and its intersection 
with the horizontal axis determines the zero of the pressure scale. The line at 
the right is for a solution of polyvinyl chloride in the solution half-cell against 
solvent in the other half-cell: the differently designated points refer to different 
fillings of the cell. (The cell was refilled with solution and drained repeatedly 
in order to rinse out solvent completely.) The difference between the intersec¬ 
tions of the two lines on the horizontal axis gives the osmotic pressure of the 
solution. The slope of the lines depends on temperature through viscosity, 
of course, while the intersection is independent of the slope. 

We then decided to use a dynamic osmometer with vertical capillary, in order 
to eliminate the errors due to possible changes or uncertainty in the zero point. 
The details of the apparatus 1 are shown schematically in figure 1; since it is de¬ 
signed for organic solvents, it is constructed entirely of glass and metal, and steel 
needle valves seated in brass replace stopcocks. On long standing, a little cor¬ 
rosion of the brass and copper occurred; if the apparatus is rebuilt, stainless- 
steel or nickel should replace the brass and copper parts. The method of use 
is fairly obvious from the diagram. After placing a membrane between the two 

1 A limited number of full-scale blueprints of the shop drawing are available. 
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half-cells and tightening the peripheral screws, the two capillaries and the two 
valve blocks with the filling tubes are locked into place. Lead washers make 
these joints liquid-tight. The glass-to-metal seal is at a femico bushing, which 
is soft-soldered to the brass valve block. With valves 1 and 2 closed and valve 
stem 3 removed, solution is poured into the left-hand tube, while solvent is 
simultaneously poured into the right one, so that the liquid level rises at about 
the same rate on both sides of the membrane. Filling from the bottom of the 
half-cells in this way eliminates air bubbles. Then with both sides filled nearly 
to the top, valves 1 and 2 are opened wide for a few seconds to sweep any en- 



Fio. 2. Rate curves for osmometer with horizontal capillary 
Fig. 3. Rate curves for osmometer with vertical capillaries 

trapped air out of the valve blocks. (The boringvS in the valve blocks and con¬ 
nector tubes are ^ in. in diameter.) Valve stem 3 is inserted, and valve 3 
closed. Since both cell and solutions have been standing at room temperature, 
and since the heat capacity of the cell contents (about 14 cc.) is very small com¬ 
pared to that of the steel plates, temperature equilibrium is very quickly estab¬ 
lished. Valve 1 is then opened to drop the meniscus in the solution stand pipe 
to its desired position. The height of the meniscus in the left capillary against 
a vertical steel scale mounted behind both capillaries is read through a telescope, 
furnished with cross hairs and level. Then the rate of motion of the meniscus 
in the right capillary is followed, as will be described later. The telescope is 
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mounted on a post, where a rack and pinion provide vertical motion. To raise 
the meniscus in the right capillary, valve 3 is opened; to drop it, valve 2 is 
opened. In the left capillary, the meniscus is lowered by opening valve 1 
and raised simply by pouring solution into the open tube. The essential feature 
of this design is that the meniscus in the left capillary remains (within the 
reading error of 0.02 cm.) stationary, while the motion of the right meniscus is 
bring followed. 

With a horizontal capillary, the meniscus travel is, as shown in figure 2, pro¬ 
portional to the driving head; with vertical capillaries, on the other hand, the 
rate of travel is a function of elapsed time, because the pressure head is con¬ 
stantly changing. A simple calculation shows that the difference in height is 
an exponential function of time, when one side is held at fixed pressure, as we 
maintain it with the open-end stand pipe of diameter large compared to that of 
the capillary. The exponential curve is still inconvenient for analysis, but the 
following device gives a practical solution of the exponential rate curve in a very 
short time, as is shown in figure 3. Suppose A h is the expected difference in 
pressure. We set the meniscus in the moving side at a height somewhat greater 
than (Ah + x), where x is of the order of 1 or 2 cm. and corresponds to a whole 
millimeter mark on the pressure scale. As the meniscus drops through this 
mark, a stop watch is started, establishing a zero in time. Readings of the 
moving meniscus are made at 30-sec. intervals for 6 to 8 min., by which time 
the meniscus is moving quite slowly. Then a second run is made, starting the 
meniscus below (Ah — x) and starting the timing at a convenient cross mark 
near (Ah — x). A plot of meniscus height against time is now a concave-down 
exponential. We then plot the half-sum of the rising and falling curves against 
time-, since the curves were started approximately the same distance from equili¬ 
brium, but from opposite sides, the half-sum differs from their mutual asymptote 
only by small second-order terms. In practice, the half-sum is constant within 
several minutes, and determines the desired asymptote directly. This is to be 
contrasted with the static method, using vertical capillaries, where one waits 
until no further visible motion of the capillary can be seen and hopes that, the 
difference is the osmotic pressure. If this indefinite waiting time is too long, 
adsorption of polymer on the cell walls or on the membrane, diffusion of polymer 
through the membrane, volume changes due to temperature fluctuations, or 
possible chemical changes, such as hydrolysis or depolymerization in the cases 
of some solutes, may have introduced errors of uncertain magnitude. With 
the method described above, an unambiguous answer is obtained in less than 20 
min. after filling the cell. 

The rapidity of convergency of the half-sum depends, of course, on the fore¬ 
knowledge of Ah; one preliminary run based on merely the order of magnitude 
of the molecular weight will give a value of sufficient accuracy to use in subse¬ 
quent runs. On check runs, the approximation is naturally better each time. 
If the starting points are correct within 2 or 3 mm., the half-sum becomes con¬ 
stant after about 3 min. 



OSMOTIC PRESSURES OF POLYVINYL CHLORIDE SOLUTIONS 


65 


Membranes 

A variety of membranes was tried, and a number of interesting leads for fur¬ 
ther work were found. It is our opinion, although we do not have sufficient 
experimental evidence to prove the point, that it is necessary that a membrane 
swell in the solvent in order to be satisfactory as an osmometer diaphragm. 
Mere mechanical permeability to the solvent is not sufficient, but rather, some 
means for’establishing dynamic equilibrium of solvent through the membrane 
must be present. If the solvent swells the membrane material, then the chemi¬ 
cal potential of the solvent inside the membrane has a definite value (1) and fur¬ 
nishes a phase which can exchange solvent molecules with either half-cell. Soft 
vulcanized rubber, for example, is suitable as a membrane for methyl amyl 
ketone solutions, while cellophane is impermeable. 

Most of our work was done using partially denitrated nitrocellulose films as 
osmometer membranes. They were prepared by slow evaporation on mercury, 
following Montonna’s (8) recommendations. A 0.25-in. chromium-plated steel 
ring, 5.75 in. inside diameter, was floated on mercury in a spun-steel cup, and 20 
g. of Merck’s c.p. collodion diluted with 10 cc. of alcohol-ether (50-50) was 
carefully poured inside the ring. Any bubbles which formed were pulled to the 
edges by a glass rod. Then the assembly, which stood on a perforated brass 
plate, was covered with a bell jar, and a slow air stream was directed against 
the roof of the jar. After 60 to 70 min. of evaporation, the ring carrying the 
partially dried collodion was lifted by means of two pins set vertically in the 
ring, and was immersed in water for several hours. At this stage the membrane 
still retains considerable solvent, but has enough mechanical strength to permit 
cautious handling. Usually the membrane pulls away from the ring after 
standing in water a short time; if it does not, it is carefully loosened, and the 
raised edge is trimmed off. We have found that membranes prepared by partial 
precipitation of the nitrocellulose are much faster than those in which most of 
the solvent is allowed to evaporate before the water immersion (10). After 
soaking in water, the membranes were denitrated in a mixture (9) of 125 cc. 
of concentrated ammonium hydroxide, 325 cc. of water, and 50 cc. of alcohol, 
into which a vigorous stream of hydrogen sulfide had been bubbled for 10 min. 
Two hours were allowed for the denitration, and the membranes were turned 
every 15 min. or so. After denitration, the membranes were soaked in several 
changes of water, remaining in the last one overnight. They were then ready 
for conditioning to the organic solvent, which is accomplished by pickling them 
for at least 2 hr. in the following sequence of liquids: (/) 50-50 water-alcohol; 
(2) alcohol; (3) 50-50 alcohol-ketone; and (4) methyl amyl ketone. The mem¬ 
branes were prepared in lots of six, and stored under methyl amyl ketone. They 
must never be allowed to dry out. 

Membranes prepared in this way contain partially denitrated nitrocellulose 
in the center, as proven by simple combustion tests. Probably the surface con¬ 
sists of a thin film of almost completely regenerated cellulose, which acts as an 
envelope for the central phase. 
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Time was not available for a detailed study of the permeability of the mem¬ 
brane in its dependence on the conditions of preparation. Most of the mem¬ 
branes prepared by the above method were satisfactory; occasionally, however, 
an unsymmetrical membrane appeared. When placed in the osmometer, with 
pure solvent in both half-cells, the meniscus rose in the half-cell to which the 
mercury side of the membrane faced. The difference in levels was of the order 
of 1 mm., although several as high as several millimeters were obtained. Some¬ 
times the difference could be eliminated by long soaking, but usually a difference 
of about 0.5 mm. persisted even after repeated washings; the difference was 
applied as a correction to the osmotic pressures. A possible explanation is 
that some ends of long nitrocellulose molecules projected into the solution on 
the mercury side (the water-precipitated face) and kinetically, at least, simulated 
a thin layer of solution at the membrane. On the air side, where the nitrocellu¬ 
lose was laid down by evaporation, partial disentangling of membrane molecules 
either did not happen at all, or else always was less than on the mercury side. 
When an initial pressure difference decreased on further washing, presumably 
some of the molecules held on the surface were only slightly entangled with the 
bulk of the membrane, and Brownian motion was sufficient to free them. 

None of the membranes was completely impermeable to solute molecules 
such as polyvinyl chloride of molecular weight of the order of 100,000. The 
diffusion coefficient for the polymer was, however, very much lower than for 
the solvent. In a typical experiment made to test this point, a solution con¬ 
taining 5.78 g. of polyvinyl chloride per kilogram of solution gave an osmotic 
pressure of 1.44 cm. as the short-time equilibrium value (molecular weight = 
102,000). On standing overnight, the pressure dropped to 0.89 cm. If the 
decrease of 0.55 cm. were due to diffusion of polymer, half the decrease would 
be due to depletion of the solution side, and half due to back pressure of the 
solute which had reached the solvent half-cell. Then the osmotic pressure of 
the solution remaining on the solution side would be 0.89 plus 0.55/2 or 1.16 
cm. The solvent half-cell was drained, rinsed, and refilled with fresh solvent, 
and a determination of osmotic pressure was made again by the short-time 
dynamic method. Thevalue found was 1.10cm. The small difference of 0.06cm. 
may. have been experimental error, or may have been caused by further deple¬ 
tion of the solution by adsorption. Insufficient data were obtained to determine 
quantitatively how the diffusion of polymer through the membrane depended 
on molecular weight; we did, however, find that the drop in pressure on standing 
overnight was considerably greater for our low-molecular-weight fraction than 
for the high, as might have been expected. Highly branched polymers, or 
stiff chain polymers such as polymethyl methacrylate or cellulose derivatives, 
probably would have still smaller diffusion coefficients through the membrane 
than the fairly flexible polyvinyl chloride. It would also be interesting to study 
the diffusion of polystyrene, and other (— CHjCHX)* polymers, where the size 
of the substituent group X could be varied systematically. 

In making osmotic-pressure determinations, it was found that eight or ten 
fillings with solution were sufficient to rinse a membrane. Apparently some 
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adsorption of polymer on the membrane occurred, because high values of 
osmotic pressure were obtained if a dilute solution followed a more concen¬ 
trated one in contact with the same membrane; in any case, many more rinsings 
with a dilute solution following a more concentrated one were necessary before 
successive determinations checked, than when a given solution followed pure 
solvent on a given membrane. Also, many rinsings or long soaking were re¬ 
quired before solvent equilibrium at zero pressure difference could be obtained, 
after a membrane had been used with solution. We therefore either used a 
fresh membrane with each solution (putting used membranes aside for a 
long-time soak in solvent) or else used a sequence of increasing concentrations 
with a given membrane. We also found that we could condition a membrane 
to a given solution by using a solution of the same concentration of a less sharply 
fractionated polymer of about the same average molecular weight. In other 
words, the preliminary rinsings could be made with a solution approximating 
the final one, and thereby we could conserve on our best fractionated material. 
To fill the solution half-cell and the stand pipe required about 20 cc. of solution. 

Working in the low concentration range has one advantage from the point 
of view of membrane behavior. Our maximum pressure differences were only 
of the order of several centimeters, which did not appreciably distort the mem¬ 
branes. In some preliminary experiments, working with pressure differences 
of the order of 10 to 20 cm., elastic lags in the membranes were found to be very 
annoying. A change of pressure produced a fairly rapid initial distortion of 
the membrane, which was followed by a slow creep which, especially for rubber 
membranes, took a very long time to become unnoticeable in the rate measure¬ 
ments. The difficulty was eliminated by casting the membranes on a rolled- 
nickel screen, but after we decided to work only in the low-pressure range, this 
complication proved unnecessary. 


Materials 

Methyl amyl ketone was used as the solvent. It was fractionally distilled, 
after standing over activated aluminum oxide for several days. 

Four samples of polyvinyl chloride were used. The first, designated as A5, 
was the L38 polymer (2) used in much of our previous work, from which the 
low-molecular-weight material had been removed by acetone extraction. Most 
of the exploratory work was done with A5 polymer, because it was easily pre¬ 
pared. Sample 7.1, also used in earlier work, and for which we have diffusion 
and ultracentrifuge data (7), is the refractionated middle fraction of L38. 
Sample A4.3 was obtained from the acetone extract of polyvinyl chloride L38 
as the material unprecipitated at 15 per cent methyl alcohol but precipitated 
at 20 per cent, and sample A4.5 was that fraction of the acetone extract which 
was not precipitated at 25 per cent methyl alcohol but was precipitated at 35 
per cent alcohol. Polymer A5 is represented by an unsymmetrical distribution 
curve, in which the low-molecular-weight fractions are missing, while the other 
three can probably be represented by fairly sharp symmetrical distribution 
curves (6). Solutions were prepared in the same way as lor the viscometer (7). 
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in. RESULTS AND DISCUSSION 

The experimental data for polymer 7.1 are summarized in figure 4, where os¬ 
motic pressure (r) in centimeters of solution is plotted against weight concentra¬ 
tion w (in grams of solute per kilbgram of solution). If these units are used, 
the density of the solution drops out of the equations. The open circles are 
points obtained using the horizontal capillary, and the solid circles are those 



Fig. 4. Osmotic pressure of polyvinyl chloride solutions 



Fig. 5. Extrapolation function for determining molecular weights 

obtained with the vertical capillary. The curve is somewhat concave upwards, 
showing that, even at these lower concentrations, the higher terms in the os¬ 
motic equation are still perceptible. Empirically, we find, as is shown in figure 
5, that 

w/w - (imRT/M) + Aw 

where R is 0.0821 lit. atm. per 1°, T is the absolute temperature, M is the molecu¬ 
lar weight, and A is a constant. The radii of the circles are drawn to correspond 
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to an error of 0.05 cm. in and naturally increase with dilution. At still higher 
concentrations, higher powers of concentration would also appear, of course. 
The numerical results are summarized in table 1, where the first column gives 
the polymer designation; the second X 0 , the limiting equivalent viscosity (7) 
in cyclohexanone at 25°C.; the third, the molecular weight, ilf*, calculated 
from Xo, using our previous value of 7 X 10“ 5 for the Staudinger constant; and 
the fourth, the molecular weight M calculated from the limiting value of ir/w 
at zero concentration, obtained by the extrapolation of figure 5. 

The data of table 1 permit a cross-check of several methods of determining 
molecular weight. The value of 102,000 for polymer 7.1 is based on ultra¬ 
centrifuge and diffusion determinations made on this polymer at the Rockefeller 
Institute, and the other values in the M* column are based on this value as a 
calibration figure and on the limiting viscosities of the second column. The 
values in the last column are entirely independent figures and, as will be noted, 
check the third column well within the experimental errors of both methods. 
Sample A5, although only partially fractionated, gives a weight average M* 
which is in close agreement with the number average M. This result might be 


TABLE 1 

Molecular weights of vinyl chloride polymers 


POLYliER NO. 

\ 


\0~* M 

A5 . 

6.85 

97 

93 

7.1 . 

7.19 

102 

100 

A4.3. 

3.61 

51 

48 

A4.5. 

1.95 

28 

32 


expected, because the acetone extraction removes the low-molecular-weight 
material, which is the reason for number averages usually being considerably 
lower than weight averages for polydispersc systems. It would be interesting 
to study in more detail the correlation between the ratio M*/M and the width 
of the distribution curve describing polymers (4). 

SXTMMARY 

1. A dynamic osmometer suitable for solutions in organic solvents is de¬ 
scribed. 

2. The preparation of osmometer membranes, consisting of partially deni¬ 
trated nitrocellulose, is described. 

3. The osmotic pressures at a series of concentrations from 2 to 10 g. of polymer 
per kilogram of solution of fractionated vinyl chloride polymers in methyl amyl 
ketone at 27°C. have been determined. 

4. The molecular weight of a carefully fractionated sample determined os- 
mometricaily checks the value obtained for the same polymer by means of the 
ultracentrifuge. Also, the osmometric values for other fractions of the same 
original polydisperse polymer check viscometric values, using the first polymer 
as a calibrating substance for the viscometer method. 
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In the first three papers (1, 2,3) of this series the isoelectric point and some of 
its properties were investigated. Naturally, amphoteric electrolytes received 
most if not all of the attention. It will be the purpose of the present paper to 
show how the concept applies to non-amphoteric weak electrolytes (that is, to 
weak acids and weak bases). In particular, in the third section, it will be 
shown that intermediate salts of polybasic weak acids and of polyacidic weak 
bases have an entirely- analogous hydrogen-ion concentration (the relative iso¬ 
electric point) at which the characteristic minima (e.g., solubility) occur. Mini¬ 
mum solubility for such compounds should be of importance,—for example, in 
quantitative analysis. The generalization employed in defining the relative 
isoelectric point reduces the status of the earlier discussion of the isoelectric 
point to that of a special case. 

In the first section the applicability of results obtained previously to solutions 
containing non-amphoteric electrolytes will be pointed out explicitly; that is, 
weak acids and weak bases are considered as merely special cases of ampholytes. 

In the second section it will be shown that the isoelectric concept applies 
to many systems other than the two (saturated solutions of ampholytes; unsat¬ 
urated solutions of ampholytes) which have been discussed up to this point in 
the series. In particular, systems containing solid salts of weak acids and bases 
are of interest. 
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The third section presents another kind of generalization. The isoelectric 
condition itself is generalized so that the condition used depends on the system 
of interest. It is helpful to treat certain systems containing salts in the manner 
employed in the second section, but the method of the third section has by far 
the wider applicability. This method rests upon the following situation: The 
definition of the isoelectric condition which we have used previously is unique 
or absolute in the sense of electroneutrality but relative in the sense that the 
neutral form is chosen as the origin (in defining the isoelectric condition) mathe¬ 
matically speaking, while other forms may conceivably serve this purpose. In 
fact, if a solution is saturated with respect to a salt of a weak acid, weak base, or 
ampholyte, and if the ion of the acid, base, or ampholyte contributing to the salt 
has a charge r, then the “isoelectric point” of significance is that defined about r 
as origin rather than about zero. We may call this more general point the 
“relative isoelectric point,” of which the isoelectric point heretofore referred 
to is but a special case (using zero as origin,—which is correct for a pure am¬ 
pholyte). Minima occur, as before, at the relative isoelectric point, and there¬ 
fore such considerations as the solubility, degree of ionization, etc. of salts 
of weak acids, weak bases, and ampholytes are now included in the more general 
theory. 

Equations corresponding to those to be written in this paper, but employing 
activities rather than concentrations, would hold the same relation to the equa¬ 
tions of references 2 and 3 as the present ones have to those of reference 1. 
Hence, it hardly seems worthwhile here to introduce activity coefficients ex¬ 
plicitly, although a few equations will be written employing activities. 

Equations numbered from 1 to 99 will be found in references 1, 2, and 3. The 
notation is unchanged. 

I. NON-AMPHOTERIC ELECTROLYTES AS A SPECIAL CASE 

For a weak acid we set m = 0 in equation G, giving as the expression for the 
isoelectric point 

± kx~ k II Ki = 0 (100) 

*-l »-l 

The isoelectric point, /, is therefore at a hydrogen-ion concentration of infinity 
(where the concentration of the negative ions would he zero). The result is 
the same, of course, for a mixture of weak acids. 

Similarly, from equation 6, the isoelectric point of a weak base (n = 0), or 
of a mixture of weak bases, is at a hydrogen-ion concentration of zero. 

Of more value is equation 15, 

my—As 

c,**-"' n K if 

Ukj = - - - ( k =» -n,- , -n t + 1, • • • m,; j = q + 1, q + 2, • • • p) 

n Ka 

i-i _ 

x r 
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which gives the concentration (in an unsaturated solution) of each ionic species 
as a function of the hydrogen-ion concentration, the equilibrium constants, 
and the total concentration. This equation holds for ampholytes, weak acids, 
and weak bases alike, or for mixtures of them. For example, for phosphoric 
acid (to «* 0, n = 3), we find the usual equations 


(H,PO.) 


, Kx , K,K t , K,K t Kt 

1 + (H+) ^ (H+) 2 (H+)' 


(H,P07) = ^, (HP07") - (P07 ) - 


where 


c - (H 3 PO 4 ) + (h 2 po 7) + (HPor~) + (Por"“) 


The equation analogous to equation 15 and containing activity coefficients is 
equation 63. 

Equations of this type hold for each weak acid or weak base in a mixture of 
weak acids and weak bases, and in such a mixture there is an isoelectric point 
of physical significance given by equation 17. For example, a solution saturated 
with respect to both a monobasic weak acid (/fu) and a monoacidic weak base 
(Km) has an isoelectric point given by 


a 2 = *£! RnKu 

K„ 


at which the total joint solubility is a minimum, etc. 

The essential point is, then, that equation 17 and others can be used for any 
ampholyte or mixture of ampholytes where the term “ampholyte” includes weak 
acids (n ^ 1, m » 0) and weak bases (m ^ 1, n = 0) as special cases. 


II. OTHER SYSTEMS OF INTEREST 

We have hitherto really considered only two possible systems, and have given 
them simultaneous treatment. They are: ( 1 ) the solution is saturated with 
respect to each “ampholyte”; and (2) the total concentration of each “ampho¬ 
lyte” in the solution is constant. There are numerous other poasibilities, 
however, several of which are of some importance, particularly in the case of 
non-amphoteric electrolytes. In general, they arise by introducing the solid 
forms of one or more of the various possible salts into the system. That is, 
the solution may be saturated with respect to one or more salts as well as with 
respect to one or more “ampholytes.” 

With this in mind, we may now say something about the more general iso¬ 
electric problem. If there are p “ampholytes” in the system we shall always 
have 

& fa + mi) 

dissociation constant equations (equation 1) and one isoelectric equation or 
condition (equation 2). These are independent of the type of system (see the 
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third section, however), being determined only by the choice of “ampholytes." 
Since there are 

P + 'L («;• + mi) 

7-1 

unknowns and the problem is one of elimination, there must be p other relation¬ 
ships. In general, there will be p + t, with the introduction of t new concen¬ 
trations (other ions). These latter p + t equations define the particular system 
of interest. 

We may expect that each system will give a different expression for the iso¬ 
electric point, although in certain cases these expressions may coincide (as was 
seen for the two systems already studied). 

As examples, the presence of each of the following as solids would constitute 
a possible system: (/) a salt or salts of an ampholyte; (8) a mixture of salts of 
ampholytes; (8) mixtures of salts of strong acids and weak bases with salts of 
strong bases and weak acids; (4) a salt of a weak acid and a weak base or mixtures 
of such salts; {5) combinations of these with each other or with the two systems 
discussed previously; ( 6 ) any of the above with the additional complication 
of the presence of common ions. These might be “ampholyte” ions or other 
ions (either from solids in the system or from strong acids or bases added). 

Actually, it turns out that, except for certain of these systems which possess 
some degree of symmetry (with regards acidic and basic constituents), the iso¬ 
electric point obtained (when salts are present as solids) is of little significance,— 
this because the isoelectric condition should also be altered to conform with the 
system. This alteration leads to the concept of the relative isoelectric point, 
which will be the subject of the third section. However, it might be worthwhile 
to obtain here equations for the isoelectric point and point of minimum solubility 
for a few examples with the symmetry property mentioned above. 

Simple mixture of weak-strong salts 

Consider a solution saturated with respect to two salts of the type NaA and 
BC1, where A~ and B + are ions of a weak acid and weak base, respectively. We 
have 


and 


Ki 


Uq\X 

Mil 


Kz 


U-nX 

Uo2 


— U\\ at at 


U -12 02 


where a\ and 02 are the concentrations of the other ions (e.g., chloride ion and 
sodium ion). We assume no common-ion complications. Then 


1 /, . x \ K 8l K\ 

0 i =* W01 + Un = W01 ( 1 + et ) — - 

\ Ki/ U01X 

. /, . Kt\ K Si x 

a* = «<* + «-« = + -) = k — 
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from which 


and 


Mol — 


K, t K\ 
x(Ki + x) 


Moo 


K. t x' 

Kt(K, + *) 


Ol 


(Ki + x) 1/! K\'* 

X 1 '* 


„ _(K,+ xf n K\? 

- - W — 


Hie total solubility is given by S = aj + a». Setting dS/dx 

(K n Y(Ki + »Y s » /8 ^mm 

\kJ \K t + x) KxKV 1 Moi 


0, we obtain 
( 102 ) 


This relation holds at the hydrogen-ion concentration at which the total solu¬ 
bility is a minimum. 

At the isoelectric point, u n = m_ 12 . Therefore 


K2V02 

x 


MoiX 

Ki 


or 


= KiKi 


Mm 

Moi 


(103) 


Thus the total solubility is at a minimum at the isoelectric point only if 
x*/KiKt = 1 at the isoelectric point. This would be true only if K, t = K tl and 
Ki = Ki, but not in general. 


Simple weak-weak salt 

If we have a solution saturated with respect to a salt of the type BA, where 
A - and B + are again ions of a weak acid and weak base, respectively, then, as 


before, 

— UolX K* — U n X 

1 u n 2 W 02 


but here 

K, = uuU-n 


and 

S — Mu -f- Moi = M_u + Mm 




(104) 

Therefore 

(Ki 4- x)x K. 

Mu = M_u - - - —A 

(Ki + x)Kz u~ M 

(105) 

whence 

_ K,Ki(Ki + x) 

“ x(K t + x) 

(106) 
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Using equations 104 and 106 we find that 

dS 2 _ d K.jK, + x)(K, + s) _ Q 
dr dr K*x 

is equivalent to x 2 = KiKi. 

At the isoelectric point Uu = u_i 2 ; hence, from equation 105, % = K\Ki is 
the expression for the isoelectric point. For this case, then, solubility is a 
minimum at x — I. This can be shown to be true for mixtures of such salts, 
also. 


Complex weak-weak salt 

Generalizing the above discussion, we consider a solution saturated with 
respect to a salt of the type B„A m , where A~ n and B +m arc ions of an n-basic acid 
and an ro-acidic base, respectively. Proceeding as before, we may write 

K' k = (k = 1, 2, • • • m) (107) 

Um—k -fl 


and 


K k = 


U-kX 


(k = 1, 2, • • • n) 


u' m *u” n = A, 


1 m 1 * 


W A* 0 


ra it—o 


(108) 

(109) 


( 110 ) 


where we have employed primes (corresponding to the base) rather than another 
subscript. Rewriting equations 107, 108, and 110: 


r 



K 


f Um-ki 1 


^m-fc 

wl 


= 0 


(fc 


2, 3, * • • ra) 




—__ 

Wm 



n 


s 


W-A 

Wm 


m 2 

Jb-»0 


W* 

T 

Wm 


m 


(fc = 1, 2, • • • n) 


From these m + n + 1 linear equations, 
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where N and D are the appropriate determinants. Upon expansion we find 

n z n k < 

t-0 i-l 

Equations 109 and 111 give 

rlfm+n 


U- n 

W» 


F(x) 


( 111 ) 


KY 


pmfm+n 


whence, from equation 107, 

/ K l . ln+n 

— k 

Similarly, 


ii k: 


Jpmf n gk 


rrl/m fnrrn/mfB £ 

U-k = A a r —— 


n—k 


21 , K < 


(k = 0, 1, • • • m) 


(A: = 0, 1 • • • w) 


( 112 ) 


(113) 


The solubility is then found by putting either equation 112 or 113 in equation 
110, while the substitution of equations 112 and 113 in 

X) ku-k = X) ku 'k 

fc -1 A-l 

yields the expression for the isoelectric point: 
m(x m + K[± aT* A K') ± kx»~ k fl Ki 

\ A-l i-2 / fc-1 i-l 

• - «(Z n k ) l Z -gb-/ = o 

\fc ~0 i-l / \As-l x m * / 

Setting dS/dx = 0 leads to the equation 

(m + n) X) kx k XX Ki — n X) (w» + w — A0x w “ fc II 

Jt—1 i-l As—0 »-l 


(114) 


n n —k 

Zx'IlKt 

A—0 i—1 

n(mx n + Ki Z (m - fc)s m ~* f[ Ki) 

+ --*-—- I - 0 (115) 

+ isrj z *-* n *: 

fc-1 i-2 

which is not the same as the isoelectric equation above except when m = n 
(the special case m = n — 1 was discussed in the preceding section); hence 
minimum solubility does not otherwise occur aX x = I. 
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III. THE RELATIVE ISOELECTRIC POINT 

We shall examine first in detail a system containing but one salt of an “ampho¬ 
lyte,” the solution being saturated with respect to this salt. Variations and 
complications will then be discussed. An “ampholyte” is studied, since a single 
discussion will then include ampholytes, weak acids, and weak bases. 

Suppose the solution of interest is saturated with respect to a salt made up of 
| s | identical “ampholyte” ions each with charge r and of | r | other identical 
ions each with charge s. That is, the formula is of the type B Jr |A 1#l . As before, 
the “ampholyte” may attain by dissociation charges of m and —n. Then r is 
restricted bym ^ r ^ -n. If r = 0, the solution is saturated with respect to 
the pure “ampholyte” itself. Solutions of this type formed part of the subject 
matter of the first three papers. Let the concentration of the “ampholyte” 
ion with charge k be w* and the concentration of the other ion be u. We shall 
assume for the present that this other ion is the ion of a strong acid or base and 
that there are no common-ion complications. 

We have (equation 1) the equilibrium equations 


Kn^ +l = (i - -n + 1, -n + 2, • • • m) (116) 

Ui 

and the solubility-product relation 

K = u |r, i4“ = u ri u 9 r l (117) 

where for convenience we have written r x = | r | and Si = J * |. For r = 0 we 
employed 

K = u r = Uo 


so that it is seen that equation 117 is not completely general, since no other ion 
need be introduced for this special case. From the nature of the salt described 
it is easily seen that 


U = r -‘ £ 
Si fc——n 


Uh 


so that 


Define 


K' 


'-(srtk-T* 

. 


The general (or relative) isoelectric condition is defined by 


Wr+l + 2u r +i +••• + (#& — r)u m = Wr_i + 2u r -2 + ’ * * + (** + n)li~n 


or 


£ ( k - r)Uk « 0 


( 118 ) 
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That is, we weight the different degrees of ionisation using the charge r as a sort 
of origin rather than using the moiecule with no charge. This is reasonable 
intuitively, since it is the ion with charge r which is first introduced into the 
. solution in the form of a salt and which must ionize or hydrolyse before the 
other ions (including the neutral “ion”) can be present. If r * 0 we have the 
familiar equation 2 for p = 1: 

kuk =* 0 



Using equations 116 and 118 we may write a determinant analogous to 
equation 4, which on expansion leads to 

ff (m-k- r)x m+H ~ k rU,=0 (119) 

*-o »-i 


This is the expression for the relative isoelectric point (that is, the isoelectric 
point relative to the charge r). Clearly, the relative isoelectric point depends 
only on the ampholyte ion. If r = 0, equation 119 reduces to equation 6 and 
Hitchcock’s equation 8. Equation 119 still possesses but one variation in sign 
and it has, therefore, only one real and positive root. It will be noted that the 
solubility product and the saturated solution condition were not used in obtaining 
equation 119. 

We now obtain an expression for the hydrogen-ion concentration of minimum 
solubility. From equation 13, 


Then 


Uk = Um 


n k < 

(* =-«,-*+!,••• m) 


m m XI ^ 

E a *==««£ = Um £ = S 

k -- k—n X m * 


( 120 ) 


( 121 ) 


where S is the solubility of the “ampholyte” and where the definition of 2 is 
obvious. We have 


whence 


-S ri/il = iC /n £ r ‘ /#1 = 


E 

Ur 


K'x m ~ r 

•-i 


u <r»/«»)+i _ X 7 S"~ T 

Z' i '* i nft 
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Therefore 

Mr,/.,)*! „ K'x m ~ T £ 

tn—r 

ILk< 

Define 


s (rt, “ )+i n Ki m n Kt 

__ r «-r V irl_ 

V * .*-> ~m-k 



K' 

1 

* 

1 



m m-~k 

- e n K t 

*— n i-l 

It is not difficult to see that 



© 

II 

H§ 1-9 

, d S' n 

when = 0 

dx 

that 


when *§ > 0 

and that 

£>• 

when — — 0 
dx 

From equation 123 



d<S' v a 

jr * 2- (* 
dx 

m~k m- f n 

— r)x fc_r_1 II Ki — E (w — k — r)x' 

i-l Is—0 


( 122 ) 


(123) 


k 


IU. 

l—l 


Setting d/S'/dx = 0 and multiplying by x w+r+1 , we obtain equation 119. There¬ 
fore, solubility is a minimum at the relative isoelectric point. 

Equation 122 gives the solubility in terms of K for any hydrogen-ion concen¬ 
tration. One can also use these equations to find the solubility in a pure solution 
of the salt (i.e., the salt added to water, no extraneous acid or base). This may 
be done by writing the equation expressing the electroneutrality of the solution, 
and then substituting in it the value of u from equation 117. The resulting 
equation and equation 116 suffice to define the hydrogen-ion concentration. 
This concentration is then put in equation 122 to obtain the solubility. 


Other properties 

Most other properties which are of interest for pure ampholytes (r = 0) have 
no significance if r ^ 0, although they can be defined. The extent of ionization 
starting from the ion with charge r is, however, probably worth mention. Two 
types of ionization were defined in reference 1, «/, and J e . The former would 
be defined here as 

r —1 m 

Ji ■* 2 w * + E w* 

*— n Jfe-r +1 


(124) 
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while 

Jc - £ |r — A| «* + 2 I** — *1 u* 

*— n *—r+l 

Equation 124 gives the total concentration of “ampholyte” ions other than those 
with charge r. The other type of ionization, J c , weights each concentration by 
the number of ionization steps necessary in order for the ion to be formed, start¬ 
ing with the ion of charge r. Clearly 

Ji = S - u r (126) 

Now S is a minimum at the relative isoelectric point. We have seen that 

K ' - u r S nl9x 

Therefore u r is a maximum when S is a minimum. Then, as may be seen from 
equation 125, «/* is also a minimum at the relative isoelectric point. Just as 
for r a* 0, J c in general is not a minimum at the relative isoelectric point. 


Umaturated solutions 


Since we are primarily interested in solutions containing extraneous acid or 
base (added to vary the hydrogen-ion concentration), it matters little, in dealing 
with unsaturated solutions, from which salt of the “ampholyte” the solution 
was prepared. Solubility is no longer of any concern, but we can still speak of 
the degree of ionization, «/»•, about any arbitrary ion with charge r. An isoelec¬ 
tric point can be defined relative to any charge r (m ^ r ^ — n), and this expres¬ 
sion is identical with equation 119. This is to be expected, since equation 
119 was obtained from the equilibrium relations (equation 116) and the relative 
isoelectric condition (equation 118) only. The solubility-product equation 
was not necessary. It will now be shown that if the ion with charge r is chosen 
arbitrarily as origin, and if the isoelectric point and degree of ionization («/»-(r)) 
are defined relative to it, then J*(r) is a minimum at the isoelectric point relative 
to r. 

We have (equation 10: c is the total concentration of all “ampholyte” ions) 


and 


so that 


From equation 15, 


Ji(r ) = c - u r 

d Jj(r) _du r 

dx dx 

4W.0 when 
ax dx 


cx 


n K t 




(126) 


Ur * 
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Then dttr/d® — 0 is equivalent (after some cancellation) to 


m+n Hk< 

m+n fc n ^ 

c-«)S £ V + S- ! 5--o 


0 


*-0 


(127) 


On multiplication by — 3 m+n this is seen to be identical with equation 119. It 


can be shown that 


dV<(r ) 

cto 2 


> 0. Therefore J»(r) is a minimum at l(r) (the iso¬ 


electric point relative to r). 


Introduction of activity coefficients 

The generalization being discussed in the present section does not alter the 
status of activity coefficients. Equations derived previously retain the same 
form. It will suffice to rewrite the two most important ones. Equation 52 
becomes 

m+n k 

'Lim-k- r)a m+n ~ k y-l k II K\ = 0 (128) 

A***0 t*»l 

and equation 93, 

m+n k 

E (m - Jb - r)a m+n ~ k II K- = 0 (129) 

b- 0 t-l 


Change of I(r ) with temperature 
Equation 46 is modified to 


d In 7(r) 
dT 


m+n 


k k 


I ^ (m — k — r)I(r) m+n k II Ki E A Hi 

1 Jk-0 t«*l _*—l 

13 T»2 m+n—1 k 

E ( m-k- r)(k -m- n)I(r) m+n ~ k H K t 


A —0 




(130) 


Equation 47 is unchanged and equation 48 becomes (see also the example for a 
discussion of the approximate expression for I(r)) 

d In I(r) ~ 1 (Atf m -r + AH m - r +i\ n Qn 

dT “ Rp V 2 / ( 3 } 


Salts of the weak-weak type 

If both ions of a salt (or two or more ions of a more complex salt, see later) 
are ions of weak electrolytes, the previous treatment does not apply. Salts of 
this type were discussed in the second section, using zero as the origin. There 
is no other natural single (one may be used for each ion) origin (save some 
arbitrary one such as (r r + r*)/2). Let it suffice to say, then, that by the 
methods we have been using it is of course possible to find the hydrogen-ion 
concentration of minimum solubility, etc., but that such salts do not fit naturally 
into our general system. 
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Mixtures of salts 

A relative isoelectric point can be defined for a solution saturated with respect 
to any number of salts of “ampholytes.” However, it turns out that, unless 
r « 0 for all substances, solubility, etc. are not in general at a minimum at 
/(r). The case r f — 0 (for all j) has been covered in reference 1. 

Complex salts 

A salt may contain more than two different kinds of ions. If two or more 
different ions are ions of weak electrolytes, the previous discussion of salts of 
the weak-weak type applies. If, however, there is only one weak electrolyte 
ion, then there is no difficulty,—regardless of the number of other ions. Equa¬ 
tion 117, the solubility-product equation, is the only one affected, but in cases 
of this kind it can be put into such a form (using the known relationships be¬ 
tween concentrations of the different ions) that even it is altered only super¬ 
ficially. The results, therefore, are quite the same. For example, the relative 
isoelectric points of CaHPCh, NasHPO*, and NaKHPO* would all be identical 
(if activities could be neglected). 

Examples and an approximation 

As a first example we may calculate the relative isoelectric point, J(r), of 
CaHP0 4 , this being the hydrogen-ion concentration of minimum solubility. 
For this compound r = — 2, m = 0, and n = 3. Then equation 119 becomes 

2x* + K x x 2 - KiKtK* - 0 

where X) = 1.1 X 10~ 2 , — 2.0 X 10~ 7 , and K» = 3.6 X 10 _u . The single 

real and positive root is 

/(r) = J(—2) = 2.7 X 10 _1# 

Clearly the first term is negligible, so that 

x 1 = KtK t 

also gives this result. In general, corresponding to the approximation 

x 2 = KJC m+1 

to equations 6 or 8 we have here the approximation 

X “ Km—rKm— r+1 

to equation 119. This approximation is quite generally valid (the equilibrium 
constants must be sufficiently far apart). , 

For sodium bicarbonate, r = — 1, m = '0, and n = 2. Then ** = KiKa, 1 
where Ki = 3.0 X 10 -7 and K% = 6.0 X 10~ u . Therefore 

I(r) = J(—1) = 4.2 X 10~* i 

1 That this expression defines an “isoelectric point” for solutions of sodium biearbonate 
was pointed out some time ago by Professor W. C. Bray in a seminar at the University of 
California. 
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is the relative isoelectric point and the hydrogen-ion concentration of minimum 
solubility (the result is not too accurate here owing to the relatively large 
solubility of sodium bicarbonate and the neglect of activity coefficients). This 
is also the hydrogen-ion concentration at which the concentration of HCOJ" 
is a maximum in an unsatifrated solution containing carbonate ion, bicarbonate 
ion, and carbonic acid. 


SUMMARY 

1. It is pointed out explicitly that results obtained in references 1, 2, and 3 
apply to weak acids and bases, that is, these substances may be considered 
special cases of ampholytes. 

2. The previous treatment of the isoelectric point is extended to include other 
systems of interest, in particular, solutions saturated with respect to salts of 
weak acids and bases. 

3. The relative isoelectric point is defined and is shown to include the ordinary 
isoelectric point as a special case. In general, the concept of the relative iso¬ 
electric point makes it possible to regard ampholytes, weak acids, weak bases, 
salts of ampholytes, salts of weak acids, and salts of weak bases as members 
of the same class and to give them simultaneous treatment. Furthermore, all 
of these types of substances have the same properties at the relative isoelectric 
point, although the physical significance of corresponding properties varies 
widely among the different possible substances. Types of compounds not 
included are given separate consideration, and limitations and restrictions are 
mentioned. 
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QUANTITATIVE INVESTIGATIONS OF AMINO ACIDS AND 

PEPTIDES. XIII 

Equilibria between Histidine and Formaldehyde 1 
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Department of Chemistry, University of California, Los Angeles, California 

Received October 12, 1942 

The polarimetric investigation of the reaction of formaldehyde with typical 
amino acids has been described previously (2, 3, 4). Such studies have gener¬ 
ally been in excellent qualitative and fair quantitative agreement with the 
results published by other workers from electrometric studies of these equilibria 
(6). The polarimetric method has now been extended to include the reactions 
of the basic amino acids histidine, lysine, and arginine with formaldehyde. 
This paper contains a summary of an investigation of the histidine-formalde¬ 
hyde reaction. The other reactions will be discussed in a latter communication. 

In 1935 l>evy (7) described the results of potentiometric studies of the equilib¬ 
ria between formaldehyde and the basic amino acids, including histidine. From 
the change in pH of a solution of histidine (originally at pH = pK«) as formalde- 
hj'de was added, he concluded that the cation, R(IH + )NHj COJ", and the zwitter 
ion, R(I)NH^CO' 2 ~, each reacted with but 1 mole of formaldehyde, the former 
reaction being far less complete than the latter. Only the amino group was 
presumed to react, the proton shifting in one case to the carboxyl group and 
in the other case to the previously uncharged imidazole group (represented by I 
in the above formulae). When formaldehyde was added to histidine originally 
at pH = pKs, the observed changes in pH could not be interpreted as easily. 
Levy’s conclusion that, under these conditions, the zw'itter ion and the anion, 
R(I)NH 2 C02, each reacted with 1 mole of formaldehyde, appeared to account 
for the observed facts. . 

The failure of histidine to react with more than 1 mole of formaldehyde under 
the conditions used by Levy is quite surprising. The polarimetric method 
seemed to offer a convenient means of verifying the conclusions reached as a 
result of the studies quoted. Accordingly, polarimetric titrations of solutions 
of anionic, zwitter-ionic, and cationic histidine w r ith formaldehyde were per¬ 
formed, using the apparatus and procedure described earlier (2, 3). The results 
of these titrations will be described in the experimental part. 

‘For the preceding communication in this series, see Frieden, Dunn, and Coryell: 
J. Phys. Chem. 47 , 20 (1943). 

This paper is part of a dissertation submitted by Edward H. Frieden to the Graduate 
School of the University of California in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy in Chemistry. 

The authors were aided in this work by grants from the University of California and 
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TABLE 1 

Polarimetric titration of OMH M l{—)-histidine anion with formaldehyde 



Fig. 1. Molecular rotation plotted against total formaldehyde concentration for anionic 
l(— )-histidine. The solid curve represents the rotations ealculated from the constants 
derived in the text; the circles are experimental points. 
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TABLE 2 


Polarimetric titration of 0.0364 M l (—)-histidine zwitter ion with 12.49 M formaldehyde 


VOLUME 

FORMALDEHYDE 

HISTIDINE 

OBSERVED ROTATION 

Mb, 

ml. 

moles per liter 

moles per liter 

degrees 


0.000 

0.000 

0.0354 

-1.054 

-74.5 

0.040 

0.0084 

0.0354 

-1.707 

-123.0 

0.080 

0.0168 

0.0354 

-2.301 

-162.7 

0.140 

0.0293 

0.0353 

-3.014 

-213.0 

0.180 

0.0376 

0.0353 

-3.314 

-232.1 

0.220 

0.0460 

0.0353 

-3.419 

-242.0 

0.250 

0.0522 

0.0353 

-3.506 

-248.5 

0.280 

0.0584 

0.0353 

-3.499 

-248.0 

0.320 

0.0666 

0.0352 

-3.473 

-246.5 

0.400 

0.0830 

0.0352 

-3.371 

-239.5 

0.550 

0.1140 

0.0351 

-3.339 

-223.5 

0.750 

0.1546 

0.0351 

-2.852 

-203.8 

1.000 

0.2060 

0.0348 

-2.521 

-181.0 

1.500 

0.3062 

0.0345 

-2.081 

-150.8 

2.500 

0.503 

0.0340 

-1.406 

-103.2 

5 000 

0.966 

0.0327 

-0.703 

-54.0 

10.00 

1.793 

0.0303 

-0.173 

-14.3 

20.00 

3.138 

0.0265 

0.121 

11.4 

31.2 

4.295 

0.0233 

0.202 

21.7 

41.2 

5.110 

0.0210 

0.244 

29.1 



PORMALOCHYOL, HOLES PER LITER 

Fig. 2. Molecular rotation plotted against total formaldehyde concentration for zwitter- 
ionic 1(—)-histidine. The Bolid curve represents the rotations calculated from the con¬ 
stants derived in the text; the circles are experimental points. 
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TABLE 3 


Polarimetric titration of 0.04H M l(-)-histidine monohydrochloride with IB.58 U formaldehyde 


VOLUME 

FORMALDEHYDE 

HISTIDINE 

OBSERVED ROTATION 

Mk, 

ml. 

moles per liter 

moles per liter 

degrees 


0.00 

0.000 

0.0494 

0.158 

8.00 

0.100 

0.0252 

0.0493 

0.075 

3.80 

0.200 

0.0503 

0.0492 

0.032 

1.62 

0.300 

0.0752 

0.0491 

—0.015 

-0.76 

0.500 

0.1249 

0.0489 

-0.078 

-3.99 

0.750 

0.1860 

0.0486 

-0.146 

-7.51 

1.010 

0.2495 

0.0484 

-0.178 1 

-9.21 

1.500 

0.368 

0.0480 

3 

W 

© 

1 

-12.98 

2.000 

1 0.485 

0.0475 

-0.290 

-15.27 

3.000 

0.715 

0.0466 

-0.323 

-17.31 

5.00 

1.148 

0.0449 

-0.297 

-16.52 

7.50 

1.647 

0.0430 

-0.186 

-10.81 




-0.038 

-2.31 

15.00 

2.90S | 

0.0308 

0.179 

11.77 

20.00 


0.0353 

0.319 

22 60 



FORMALDEHYDE, HOLES PER LITER 

Fig. 3. Molecular rotation plotted against total formaldehyde concentration for 
cationic J(-)-histidine. 
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EXPERIMENTAL 

Anionic histidine 

l{ — )-Histidine (free base, c.p., Lot No. 3), obtained from Amino Acid Manu¬ 
factures, was used. To the quantity of amino acid taken for the run (about 
0.5 g.) was added sufficient sodium hydroxide to bring the solution to pH 12.2, 
corresponding to 99.9 per cent conversion to the anionic form. The solution 
was then diluted to 100 ml. Preliminary experiments had indicated that it 
was necessary to use dilute formaldehyde for the first part of the run, in order 
to be able to estimate formaldehyde concentrations accurately. Accordingly, 
the titration was begun with 1.111 M formalin; after 5 ml. of this solution had 
been added, the titration was completed with 12.56 M formaldehyde. The 
results of the experiment are summarized in table 1. The data of table 1 are 
plotted as circles in figure 1, superimposed upon the curve which represents 
the predicted relation as calculated by the method described. 

Zwitter-ionic histidine 

/(— )-Histidine (free base) was again used. About 0.5 g. of the amino acid was 
dissolved in water and the solution diluted to 100.0 ml. No alkali was added. 
The histidine solution was titrated with 12.49 M formaldehyde. The results 
of the experiment are given in table 2. The data of table 2 are plotted in figure 2. 
As before, the solid line represents a series of calculated values. 

Cationic histidine 

In order to study the effect of formaldehyde upon the rotation of cationic 
/( —)-histidine, the rotation of a solution of histidine monohvdrochloride was 
observed as formaldehyde was added. It has been shown (1) that in a solution 
0.06 M in this salt at 25°(\, more than 98.5 per cent of the amino acid exists 
in the form R(lH' f )NH^COJ. Table 3 lists the experimental results. Figure 
3 represents the data of table 3. As no attempt was made to calculate the 
equilibrium constants of the reactions involved, the solid line represents the 
best smooth curve drawn through all the points. 

DISCUSSION 

It is clear from a consideration of figures 1, 2, and 3, that Levy’s formulation 
of the reactions between formaldehyde and the various forms of histidine is 
inadequate. In each case the particular ionic species reacts to form two com¬ 
pounds, and it is reasonable to assume that each curve represents the reaction 
of histidine with first one, and then another, molecule of formaldehyde. This 
is completely analogous to the corresponding reactions observed for leucine and 
glutamic acid. Using the terminology introduced by Levy, the various reactions 
can be formulated as follows: 

For anionic histidine: 

A~ + F —» AF“ 

AF *4” F —► AF 2 


Lx* - (AF-)/(A-)(F) 
Li* - (AFjT)/(AF“)(F) 


( 1 ) 

( 2 ) 
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For awitterionic histidine: 


Z* + F —► ZF* 

Li, - (ZF ± )/(Z ± )(F) 

(3) 

ZF* + F -♦ ZFt 

Ltt - (ZF?)/(ZF*)(F) 

(4) 

For cationic histidine: 



C* + F -* CF + 

Ln - (CF + )/(C 4 )(F) 

(5) 

CF + + F -+ CFt 

L« = (CF,)/(CF + )(F) 

(6) 


The evaluation of the above equilibrium constants can be accomplished by 
the method of successive approximations described for leucine. For anionic 


1 


L “f- 

li* 

X 


^-aA- 



-1M 


_J_ 1. I I 1 I I 1 I I I 

-it -it- -it -i.o -os -as -at -at ao at 04 
LOS [F] 


Fid. 4. Logarithmic treatment of the data relating to the addition of the second mole 
of formaldehyde to anionic histidine. 


histidine the problem is comparatively simple, because the apparent large value 
of Lis makes the estimation of at quite accurate. The initial estimates of 
at and a t (the molecular rotations of AF“ and AFr) were —325° and —40°, 
respectively. The first approximation using these values indicated that at 
was more accurately —326° and at was —44.0°. These corrected values were 
then used without further modification to calculate the log (AFF)/(AF”) — log 
(F) relationship. The procedure used for this calculation has been described in 
the discussion on leucine. When this procedure was applied to the data of ta¬ 
ble 1 (ZF > 0.04 M), the resulting curve was a straight line of slope very accu¬ 
rately unity. This curve is reproduced in figure 4. 

The value of Ltt can be determined from the value of log (F) at log 
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(AFj")/(AF~) = 0, as explained previously. From figure 4, L' n is calculated to 
be 4.52 with considerable precision. 

The data of figure 1 do not permit a calculation of L«. This constant is ex¬ 
tremely large, and the concentration of free formaldehyde at any point on the 
curve (2F < 0.04) is at least as small as the uncertainty involved in the calcula¬ 
tion of total formaldehyde concentration. The calculation of figure 1 was 
calculated assuming that L n was infinite, but an indirect method of arriving at 
the value of this constant will be described later. 



Fic. 5. Logarithmic treatment of the data relating to the addition of the second mole 
of formaldehyde to awitter-ionic histidine. 

From an inspection of figure 2 it is apparent that the value of Ln is con¬ 
siderably less than L n . For the value of Ln, a t was estimated to be —300° 
and a* estimated to be 66°. Two approximations were required to establish 
at accurately at —274° and a* at 45°. The calculation of log (ZF^VfZF*) and 
log (F) resulted in figure 5, whence Ln was calculated to be 2.54. 

Using the figure —274° for at, the value of Ln can be calculated from the first 
part of figure 2. A preliminary estimate of this constant resulted in the value 
4.4 X 10 2 , which appeared to be quite inaccurate owing to the rapid increase in 
the concentration of ZF*. Accordingly, the rotations listed in table 2 were 
corrected for this effect [the method of correction has been described previously 
(3)], and the log (ZF*)/(Z*)—log (F) terms recalculated. The corrected data are 
plotted in figure 6, and from the value of log (F) at log (ZF ± )/(Z ± ) = 0, Ln was 
calculated to be 6.6 X 10 s . While this constant is undoubtedly subject to some 
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uncertainty, it is probable that the true value differs from that given by not 
more than about 10 per cent. 

The solid line of figure 2 represents the (M) — 2F relationship expected if Lu * 
6.6 X 10 s , Ltt = 2.54 (La = 1.68 X 10 s ), = -74.5°, a* = -274°, 

and at = 45°. 

Because it was impossible to estimate the asymptote of figure 3 with any 
degree of assurance, no attempt was made to calculate values for Lu and Lu- 
The former constant can be calculated indirectly, however, and this calculation 
is described later in this paper. 



-a« -a* -at ao at a* o.s at to it ia is 


LOG (ZF*)/(Z i ) 

Fia. 6. Logarithmic treatment of the data relating to the addition of the first mole of 
formaldehyde to zwitter-ionic histidine. 


To calculate values for the constants Lu and L ih the following equilibria 
are found useful: 


COOH 

R—NH* 

\ 

IH+ 

(C*) 

coo- 

R-NHiT 

\h+ 

(C±) 


coo- 

t R—NH? + H+ 

V 

(C±) 

coo- 

: R—NHf + H+ 

\ 

I 

(Z*) 


K = 


(C±) 


( 8 ) 
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COO- COO- 

R-NHJ- ^ R-NH* + H+ K, = W 

\ \ ( } 

(Z±) (A-) 

The above represent the acidic ionization constants of the various forms of 
histidine, and all are known. By suitable manipulation of equations 3, 5, and 
8, the following identity may be established: 


Ln 

Ln ■ K.2 


The term on the left-hand side of equation 10 is recognized as the reciprocal of 

COOH 

the dissociation constant of the acid R—NH 2 F . Levy (7) gives the reasonable 

\h+ 

value 10“ 316 for this constant. L n has been calculated to be 6.60 X 10 2 , and 
Kz is given by Greenstein (5) as 10“ 610 . Lii is thus 0.74, a figure which is con¬ 
sistent with the characteristics of figure 3. 

TABLE 4 


Equilibrium constant* for the reactions between histidine and formaldehyde 


Constant-. 

Ln 

i 

L\2 

L13 

Ln 

This paper. 

0.74 

0 6 X 10* 

1.68 X 10* 4.2 X 10 4 

1.45 X 10 s 

Levy. 

0.59 

I 4.3 X 10* 

0 3.2 X 10 4 

0 


~ COOH 
R—NH*F 

V 

COO-1 


R—NH,F [H+] 

V 


Similarly, using equations 1,3, and 9, the relation of L w to Lit is given by 
equation 11: 


Lu 

Lu 


coo- - 

R—NH*F [H+] 


coo- - 

R—NHjF Ks 

\ 


IH+ 


(ID 
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The best value (from Levy) for the dissociation constant of the acid 
R(IH + )NHjFCOO“, is 10"™, and Greenstein gives KT™ for K>. L a turns 
out to be 4.16 X 10 4 , a figure which is consistent with the characteristics of figure 
1. Ln is La X 4.52, or 1.45 X 10‘. 

A comparison of the constants calculated by Levy and those given in this 
paper is given in table 4. In every case in which comparable values are re¬ 
ported, the agreement of the values calculated by the authors with those given 
previously is quite satisfactory. 


SUMMARY 

The polarimetric method has been applied to the study of the equilibria be¬ 
tween histidine and formaldehyde. Contrary to previous reports, evidence is 
presented to show that each of the three ionic forms of histidine reacts with first 
one, and then another mole of formaldehyde. The calculation of the values of 
five equilibrium constants which characterize these reactions has been described. 
The values of these constants are in good agreement with the comparable values 
which have been reported previously. 
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OSMOTIC PROPERTIES OF SOLUTIONS OF SOME TYPICAL 
COLLOIDAL ELECTROLYTES 1 
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Colloidal electrolytes are characterized by the replacement of an ion by 
conducting colloidal particles or micelles. Hence, the osmotic activity of col¬ 
loidal electrolytes is correspondingly diminished (6), while their conductivity 
may remain comparatively high, owing to the other free ion and the conductivity 
of the charged colloidal micelles. Although much has been published on the 
electrical behavior, few data have been supplied during the last twenty years 
on the thermodynamic or osmotic behavior (3) of colloidal electrolytes. 

1 Presented at the Nineteenth Colloid Symposium, which was held at the University of 
Colorado, Boulder, Colorado, June 18-20, 1942. 
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We here present data for a series of Aerosols, a Tergitol, two potassium soaps 
and several lower members of the same homologous series, and sodium tri- 
isopropylnaphthalenesulfonate, thus including straight- and branched-chain and 
aromatic derivatives and also a polycyclic compound, sodium dehydrocholate. 
Most of the higher soaps and detergents become too insoluble at 0 °C. to be 
studied by means of freezing-point lowering. 

EXPERIMENTAL 

The purest available materials were used in each case. The precise freezing- 
point equipment modeled after that of Scatchard was used, except where a 
modified Beckmann method is specially indicated. The calibration of the ther¬ 
mometer gave 8.840 X 10 ~ 4 volts per degree Centigrade, as compared with 
Johnson's previous value (2) of 8.831 X 10 -4 . 

Concentrations are expressed in molality, m, that is, weight normal N„ or 
moles per 1000 g. of water. The freezing-point lowering is expressed in terms of 
the Bjerrum osmotic coefficient g = 6/(2 X 1.858m), where 8 is the number of 
degrees lowering, and it is assumed that at infinite dilution there Is complete 
dissociation into two ordinary ions. The osmotic coefficient is, therefore, the 
ratio of the actual lowering to that for completely ideal behavior, represented 
as unity for all concentrations. The straight line on the graphs is the limiting 
Onsager slope for an idealized univalent electrolyte, g — 1 — 0.32 y/m. 

THE AEROSOLS 

“Aerosol” is the trade name of a group of sulfosuccinic esters, of which there 
are over a million possible memliers. They have become very familiar as wetting 
agents. We have measured four of them in solution: namely, OT or the dioctyl 
( 2 -ethyl-l-hexanol) ester of monosodium sulfosuccinate; MA or the dihexyl 
(methylamyl) ester; AY or the diamyl (mixture of 2 -methyl-l-butanol and 
3-methyl-l-butanol) ester; and IB or the diisobutyl ester. All of these esters 
were supplied in pure form by the American Cyanamid Corporation. Of them, 
Aerosol OT is the least soluble, but it is solubilized by admixture with Aerosol 
MA, and this mixture was also measured. Thus, the solubility of OT at 0°C. 
is increased from about 0.01 m to 0.035 m by the presence of 0.09 m MA. Simi¬ 
larly, 15 per cent of urea is required to raise it to 0.09 m OT. The freezing point 
of this latter solution is about the same as that of the urea solution alone, show¬ 
ing that the osmotic coefficient of the Aerosol OT is very slight. For a mixed 
solution which is 0.315 m MA and 0.067 m OT (total 0.382 m), the freezing-point 
lowering is 0.35°C. and the mean osmotic coefficient, g, is 0.252. On the other 
hand, as may be seen from figure 1 , the osmotic coefficient for the 0.3153 m 
MA alone is 0.34. Hence, we have the interesting result that the solubilized 
Aerosol OT actually lowers the g value of the MA in solution with it. In a 
duplicate experiment with 0.3165 m MA and 0.0674 m OT, the mean 9 value was 
again 0.255. 
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The measurements for the Aerosols are given in table 1 and are shown graphi¬ 
cally in figure 1. 

Figure 1 is very interesting because it not only shows that the aerosols are 
unmistakably colloidal electrolytes, but it also exhibits the effect of decreasing 
molecular weight in requiring much higher concentrations for the formation of 
micelles. Likewise, it illustrates the general rule that the formation of micelles 
is progressive over at least a tenfold range of concentration after their initial 
appearance. 

Most of the ions or colloidal electrolytes added throughout this region where 
the value of g falls so rapidly go into micelles without greatly increasing their 



Fig. 1 . Osmotic coefficient, g, of Aerosols OT, MA, AY, and IB 

number. The freezing .point is definitely, although only slightly and progres¬ 
sively, lowered,—otherwise the liquid would separate into two layers. 

However, one of the most striking and characteristic properties of colloidal 
electrolytes is that this process comes to an almost abrupt end and thereafter the 
value of the osmotic coefficient g remains nearly constant and may even increase. 
In other words, the lowering of freezing point suddenly becomes proportional to 
the added substance, after being almost independent thereof. This outstanding 
phenomenon has never been adequately explained. 

As soon as the osmotic coefficient g falls below the value 0.5, it is a necessary 
consequence that the average particle (average of all particles, such as ions, 
complex ions, ion pairs, and colloids) must contain both anions and cations 
within the particle 

Recently the conductivities of the aerosols have been determined by Haffner, 
Piccione, and Bosenblum (1). They observe the same effect of increasing 
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molecular weight on the conductivities of the aerosols as is found for the osmotic 
effect in the present investigation. A comparison of the critical concentrations 
obtained from their conductivity measurements of the present dissertation are 
in fair agreement, with the major exception of the case of Aerosol IB. 

TABLE 1 


Values of the osmotic coefficient, g , of Aerosols 


AEKOSOL 

m 

6 

g 

moles per 1000 g. water 

degrees 


OT. 

0.003598 

0.01281 

0.958 


0.003834 

0.01346 

0.945 


0.004606 

0.01479 

0.864 


0.006602 

0.01697 

0.692 


0.00760 

0.01775 

0.629 


0.01046 

0.01978 

0.509 

MA . 

0.8902 

0.699 

0.211 


0.5553 

0.543 

0.263 


0.400 

0.446 

0.300 


0.300 

0.388 

0.348 


0.1995 

0.325 

0.438 


0.1001 

0.259 

0.697 


0.0501 

0.168 

0.902 

AY. 

1.0020 

0.958 

0.257 


0.8008 

0.827 

0.278 


0.6017 

0.706 

0.316 


0.4810 

0.627 

0.351 


0.3970 

0.584 

0.396 


0.3006 

0.506 

0.453 


0.2006 

0.442 

0.593 


0.1002 

0.338 

0.908 


0.0498 

0.175 

0.945 

IB . 

0.5989 

1.479 

' 0.665 


0.5014 

1.381 

0.741 


0.4003 

1.226 

0.824 


0.2995 

1.919 

0.899 


0.2008 

0.680 

0.912 

OT and MA. 

0.382 

0.35 

0.252 


0.3839 

0.364 

0.255 


POTASSIUM SALTS OF SATURATED FATTY ACIDS 

Potassium laurate (C 12 ) 

We have measured here the freezing-point lowering of solutions of potassium 
laurate. Table 2 and figure 2 give the results for potassium laurate, the molecule 
of which contains twelve carbon atoms. The figure includes four results inde- 
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pendently obtained by A. P. Brady, which agree excellently with our curve. 
It is very interesting that the osmotic coefficient, g, unmistakably passes through 
a minimum in nearly normal solution. This must be due to hydration. The 

TABLE 2 

Values of the osmotic coefficient, g, of potassium laurate 


m 

9 

i 

molts per 1000 g. water 

degrees 


1.700 

1.113 

0.1762 

1.331 

0.825 

0.1668 

1.001 

0.592 

0.1592 

0.661 

• 0.389 

0.1608 

0.3015 

0.219 

0.196 

0.2629 

0.194 

0.199 

0.2031 

0.176 

0.233 

0.1618 

0.158 

0.281 

0.1015 

0.151 

0.402 

0.0608 

0.148 

0.788 

0.0203 

0.0684 

0.906 



Fig. 2. Osmotic coefficient, g, of 
potassium laurate 



Fig. 3. Osmotic coefficients of potassium 
caprate, potassium butyrate, and potas¬ 
sium caprylate 


hydration was measured by McBain, Kawakami, and Lucas (4), who found it 
to amount to at least 10 moles of water per mole of dissolved potassium laurate. 
This would remove nearly one-fifth of the water in a molar solution. 

McBain, Laing, and Titley (5) published some results obtained by the Beck- 
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mann method which are somewhat higher, but their results for the Richards 
method agree rather well with our curve. One should note that the asterisks 
denoting which solutions were turbid were omitted by the printer in their 
tables (5). 


Potassium cuprate (Cio) 

Potassium decylate, although in the transition region of the homologous series, 
is still definitely a soap. This is well shown by the data of figure 3 and table 3, 
where it is seen that the value of the osmotic coefficient falls from about 0.94 

TABLE 3 

Values of the osmotic coefficient , g, of potassium caprate 


m 

e 

s 

molts per 1000 g. water 

degrees 


0.9348 

0.877 

0.253 

0.7009 

0.747 

0.287 

0.4999 

0.668 

0.350 

0.3003 

0.612 

0.548 

0.2002 

0.573 

0.770 

0.1002 

0.351 j 

0,943 

0.0400 ; 

i 

! 0.142 

1 1 

0.954 


TABLE 4 

Values of the osmotic coefficient , g , of potassium butyrate 


m 

$ 

i 

motes per 1000 g. water 

degrees 


0.7 | 

2.756 

1.060 

0.5 

1.890 

1.018 

0.45 

1.696 

1.013 

0.4 

1.494 

1.003 

0.3 

1.094 

0.90 

0.0912 

0.315 

0.929 


in decinormal solution to 0.25 in normal solution,—again a tenfold range of 
concentration. 


Lower homologs 

The osmotic coefficient for potassium caprylate, with eight carbon atoms, 
begins to fall at about 0.7 N, where that for potassium heptylate, C 7 , still retains 
its full value. At 0.93 m potassium octoate, the value of g is approximately 
0.73. The data for potassium butyrate are given in table 4 and are included 
with those for the decoate and the octoate in figure 3. It is at once evident that 
potassium butyrate is not a colloidal electrolyte. Hydration causes its osmotic 
coefficient to rise well above unity in concentrated solution. 
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Potassium propylsulfonate has a g value at 0.1 m of 0.90 and at 0.7 m of 0.86, 
showing that it is only an electrolyte, like potassium methyl xanthate, the g 
value of which is 0.90 at 0.7 m. The free propylsulfonic acid has a g value of 
0.975 for 0.1 m and of 1.02 for 0.7 m, while amylsulfonic acid has a g value of 
1.01 at 0.8 m. These high values of g, around unity, may be contrasted with g 
equalling only 0.118 for 0.197 m sodium oleate. McBain, Laing, and Titley 


TABLE S 

Values of the osmotic coefficient, g, of sodium dehydrocholate 


M 

e 

g 

males per 1000 g. water 

degrees 


0.2815 

0.751 

0.718 

0.200 

0.556 

0.748 

0.1008 

0.304 

0.813 

0.0504 

0.169 

0.903 

0.0195 

0.071 

0.980 




Fio. 4. Osmotic coefficients of sodium de- Fio. 5. Osmotic coefficient of Tergitol 
oxycholate and sodium dehydrocholate No. 4 

(5) obtained 0.128 for 0.2 m and 0.098 for 0.4 m sodium oleate, values comparable 
with those more recently obtained by S. A. Johnston for potassium oleate, using 
the precision method. 


Bile salts 

Sodium dehydrocholate differs from other very closely related bile salts in 
not exhibiting appreciable solubilizing action either for a dye or for propylene, 
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and by not affecting living cells (2), whereas the closely related deoxycholic acid 
is an excellent solubilizer. This behavior is reflected in the osmotic coefficient, 
which shows a much diminished tendency towards formation of colloid, as is 
seen in table 5 and figure 4. The latter includes for comparison Johnston’s 
results for the deoxycholate. 


A TERGITOL (NO. 4) 

Tergitol No. 4 is 7-ethyl-2-methyl-4-undecanol sodium sulfate, and therefore 
has a much-branched tetradecyl chain attached to the sulfate group. We are 
indebted to the Carbide and Carbon Chemicals Corporation for a supply of the 
almost pure waxy substance containing 90.1 per cent of Tergitol, 0.5 per cent of 
sodium sulfate, 2.22 per cent of sodium chloride, and 7.2 per cent of water, as 
determined by our own analysis, in good agreement with the total electrolyte 
content indicated by them. The data for the freezing point were corrected in 
the only available manner by subtracting from the total lowering the Debye- 


TABLE 6 

Values of the osmotic coefficient , g } of Tergitol No. 4 


m 


o i 

i 

* 

moles per 1000 g water 

| 

degrees 


0.02112 


0.0704 

0.891 

0.02371 

i 

0.0746 ! 

j 0.846 

0.0623 

i 

0.099 

0.510 

0.0786 

i 

0.103 

0.353 

0.1093 


0.121 

0.298 

0.1649 

i 

i 

0.153 

i 0.250 

0.2601 

i 

0.224 

j 0.241 


Hiickel values for the small amounts of electrolytes taken alone. The results 
so corrected are given in table 6 and figure 5, in which they are plotted against 
the square root of m. This shows that a tergitol is definitely a colloidal elec¬ 
trolyte. 


SOME OTHER DETERGENTS 

Sodium triisopropylnaphthalenesulfonate: This is another wetting and pene¬ 
trating agent which is definitely a colloidal electrolyte, since the g value for 0.08 
m is 0.80 and for 0.15 m is 0.69, thus coming between the values for Aerosol AY 
and Aerosol MA, but having a less steep slope. 

Alronol: This is mainly a non-electrolytic detergent containing a little sub¬ 
stituted ammonium salt. Its g value remained constant at 0.43 from 0.1 to 
0.6 m. 

Solubilities: A number of other detergents which would be interesting to study 
have a very low solubility at the freezing point of water. Thus, glycerol di- 
oleate, lauric ethanol amide, and pyridonium cholesteryl sulfate and sodium 
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TABLE 7 

A . Activity coefficients for Aerosol OT 


m. 

0.004 

0.005 

1 0.006 

0.007 

0.008 

0.009 

/.. 

0.880 

0.775 

0.684 

0.607 

0.546 

0.494 


B . Activity coefficients for Aerosols AY, MA, and IB 


m 

AEROSOL MA 

AEROSOL AY 

AEROSOL IB 

0.05 

0.784 



0.1 

0.564 

0.760 


0.2 

0.323 

0.475 

0.730 

0.3 

0.230 

0.340 

0.697 

0.4 

0.180 

0.271 

0.624 

0.5 

0.150 

0.225 

0.548 

0.6 

0.129 

0.193 

0.484 

0.7 

0.113 

0.171 


0.8 

0.100 

0.153 


0.9 

0.090 

0.139 


1.0 

0.082 

0.128 



C. Activity coefficients of Tergitol No. 4 


mm 

0.05 

0.10 

0.15 

0.20 

asm 

0.452 

0.237 

0.168 

! 

0.134 


D. Activity coefficients of potassium laurate and potassium caprate 


m 

POTASSIUM LAURATE ; 

POTASSIUM CAPRATE 

0.05 

0.6258 

0.837 

0.1 

0.3302 

0.801 

0.2 

0.1735 

0.623 

0.4 

0.1150 

0.333 

0.6 

0.0806 

0.232 

0.8 

0.0634 

0.181 

1.0 

0.0527 

0.151 

1.2 

0.0450 


1.4 

0.0398 


1.6 

0.0358 



decyl sulfonate are practically insoluble. Values for some other detergents are 
as follows: 


Daxnol. 0.026 m 

Potassium octyl sulfoacetate. 0.11 m 

Sodium dodecyl sulfate. 0.116 m 

Sodium tetradecyl sulfate. 0.104 m 

Cetylpyridiuium chloride. 0.082 m 

Laurylpyridinium iodide. 0.058 m 

Cetyltrimethylammoniumbromide. 0.069 m 
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Activity coefficients, /„ were calculated in the usual way from the equation: 


-log/. - (1 - g) + 2 £ 


1 ~ 9 


•v/55.51 N. 


dy/ 55.51JV, 


1 - 


where the integral is evaluated graphically from a plot of — 7 7 ---—- as a 
_ V55.5L/V, 

function of \/ 55.51V,. In the very dilute concentration range, it is assumed 
that these substances behave like potassium chloride and that the limit of 
1—0 

V^ 5 T 5 lj\t 0.32, as given by the Debye-Huckel theory. 

Values for the substances studied here may be tabulated as in table 7. 


SUMMARY 

Freezing-point data have been provided for solutions of many colloidal 
electrolytes of different types. 

Following the very dilute region, in which practically only ions are present, 
there is a range in which the concentration increases tenfold while the freezing 
point is only slightly but progressively lowered. During this range, the average 
composition of the micelles is progressively changing. 

After the osmotic coefficient precipitously falls off throughout at least a ten¬ 
fold increase in concentration, the process comes to an abrupt end; thereafter, 
the osmotic coefficient remains nearly constant at a low value, and may even 
pass through a minimum, the lowering of the freezing point being then approxi¬ 
mately proportional to the concentration. 

This outstanding property of colloidal electrolytes (g ceasing to fall in moderate 
dilution) has received as yet inadequate attention and explanation. 
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The effects of inorganic electrolytes upon protein —SH groups have not been 
studied extensively. Greenstein and coworkers (7) state that potassium chloride 
and bromide have no apparent effect in liberating titratable —SH groups in egg 
albumin, and that molal calcium and magnesium chlorides elicit no additional 
thiol groups in myosin. Moreover, Greenstein finds that certain electrolytes 
have no apparent effect in inhibiting the liberation of —SH groups, for after the 
addition of potassium sulfate to a solution of egg albumin in guanidine hydro¬ 
chloride, the proportion of —SH groups is not diminished but remains unchanged. 
Earlier work by Hopkins (10) has also indicated the absence of important salt 
effects at molar concentrations of salt. 

The liberation of sulfhydryl in certain proteins is, under certain conditions, 
characteristic of their denaturation (14). A parallelism might therefore be ex¬ 
pected between the effects of salts upon protein —SH groups and their effects 
upon loss of protein solubility. The results of Chick and Martin (4) show, how¬ 
ever, that in the presence of 3 M sodium chloride, the rate of heat denaturation 
of egg albumin is slowed down some two thousand times, and that a similar effect 
also occurs in the presence of ammonium sulfate. Wu and Yang (23) show that 
sodium chloride and sodium citrate inhibit markedly the denaturation of egg 
albumin by urea, the effect increasing with increasing ionic strength of the solu¬ 
tion. Lepeschkin (11) reports that magnesium chloride and barium chloride in¬ 
crease the rate of heat denaturation of egg albumin. A rate increase followed by 
a rate decrease was observed by Lewis (12) for certain salts acting upon hemo¬ 
globin. 

This lack of parallelism made it seem desirable to make a more extensive study 
of the effects of electrolytes upon the sulfhydryl-liberating reaction in certain 
proteins. Three proteins were selected for study: a typical albumin (egg albu¬ 
min), a typical globulin (edestin), and a fraction containing protein possessing 
marked characteristics of both albumin and globulin (lactalbumin fraction). 

EXPERIMENTAL 

The experiments consisted in estimating the minimum effective concentration 
of electrolyte that w r as necessary to produce the appearance of titratable —SH 
groups in protein solutions containing a given concentration of denaturing agent. 
This concentration was estimated by observing the positive or negative nitro- 
prusside reaction in a series of similar protein solutions containing either electro¬ 
lyte or denaturing agent in increasing steps of know r n concentration. The ni- 
troprusside test for —SH groups was performed 45 min. after mixing protein or 
protein solution (of approximately isoelectric pH) with the reagents. Greenstein 
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(5) has shown that the proportion of —SH groups liberated in proteins in the 
presence of a given concentration of denaturing agent reaches a maximum 
within 45 min. 

The egg albumin used was prepared by the method of Neurath (16), slightly 
modified. Electrodialysis was omitted. The edestin used was a product of 
Hoffmann-La Roche. Samples labeled “made in Germany’* were designated as 
edestin I. A sample obtained considerably after the outbreak of the present war, 
and not so labeled, was designated as edestin II. The lactalbumin used was the 
lactalbumin fraction of cow’s milk. It was prepared as follows (cf. 19): O&sein 
was removed from pasteurized 1 milk by isoelectric precipitation. The pH of the 
whey was adjusted to about 5.8, and 18 g. of anhydrous sodium sulfate added per 
100 cc. After filtering off the precipitated globulin, an additional 18 g. per 100 
ec. was added to the w armed filtrate. The precipitate was filtered off in a warm 
atmosphere, transferred to a cellophane bag, and dialyzed overnight in a cool 
atmosphere against a small volume of w r ater. The sodium sulfate crystals which 
separated were removed from the bag, and dialysis was continued against large 
volumes of water until the protein solution was free from sulfate. The protein 
was then concentrated to 10 to 15 per cent. Toluene w r as used as a preservative. 

The solutions for a given series were made up to approximately constant vol¬ 
ume (0.50, 1.00, or 2.00 cc.). Volumetric vessels were not employed, since in dis¬ 
solving edestin foaming occurred. The sum of the volumes of the measured 
stock solutions was taken as the total volume of the test solution. For solutions 
in which solid urea or electrolyte was used, the volume of the dissolved solid was 
taken equal to its apparent specific volume in w r ater at the concentration used. 
The total w r eight of the test solution was determined with the aid of the densities 
of the stock solutions. 

The concentration, AT 2 , of urea and electrolyte has been accurately expressed 
as moles per 1000 g. of solvent, where all constituents of the solution except pro¬ 
tein comprised the solvent. The concentration of egg albumin and lactalbumin 
in the experiments was approximately 2 g. per 100 cc. of solution, and that of 
edestin 5 g. per 100 cc. Edestin was used at a higher concentration than egg 
albumin, because the maximum number of titratable —SH groups present in the 
former protein is smaller (approximately two-fifths) than that in the latter pro¬ 
tein (6). The concentration of protein in the stock albumin solutions was 
determined from dry-weight analysis. The experiments upon egg albumin and 
lactalbumin were made at a temperature of 25°C., those upon edestin at 23°C. 

The stock solutions of ammonium chloride, sodium citrate, and calcium acetate 
were buffer solutions having a pH of 5.5. All the urea solutions used were 
freshly prepared. The edestin used in the experiments was dissolved with the 
aid of a stirring rod. Most of the inorganic chemicals used w r erc reagent quality 
meeting A.C.S. specifications. The guanidine hydrochloride was a product of 
Hoffmann-La Roche. 

The nitroprusside test w f as carried out in general by adding, per 0.5 cc. of 

1 Palmer (19) obtained crystalline protein from commercial acid whey. 

* The symbol M used elsewhere refers to moles per liter. 
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solution, 1 small drop of saturated sodium nitroprusside (freshly prepared), fol¬ 
lowed by 1 drop of 2 M ammonia. Because ammonia solution denatures lac- 
talbumin (see figure 3), tests upon lactalbumin solutions which were negative at 
first, became positive when such solutions containing the test reagents were 
allowed to stand. The rule was therefore adopted that if no trace of pink color 
appeared within 10 sec. after adding ammonia, the test was regarded as negative. 
This interval allows sufficient time for the reaction between nitroprusside and 



Fig* 1. Concentrations of electrolytes required for a minimal liberation of —SH groups 
in edestin. The full lines refer to edestin I, the dotted line to edestin II. The lower curve 
of the two for sodium citrate (N&gCeHgOT) refers to the pure salt, an aqueous solution of 
which has a pH of about 8; the upper curve to a buffer mixture having a pH of 5.5 in aqueous 
solution. GuCl «* guanidine hydrochloride; NaSAL. ■■ sodium salicylate; ACET. ■*> 
acetamide. 

—SH groups to take place. The above effect was not appreciably apparent in 
solutions of egg albumin or edestin. 

For certain solutions this test was modified. Weaker nitroprusside solution 
was used upon manganese chloride solutions, since manganese forms a rather in¬ 
soluble nitroprusside. Stronger ammonia was used in making tests upon salt 
solutions which were buffer solutions. In experiments upon moderately concen¬ 
trated hydrochloric acid or sulfuric acid solutions the heat evolved dining neu¬ 
tralization was objectionable; the test solutions were therefore cooled quickly in 
ice (after 44 min. time), slowly neutralized with concentrated ammonia, and then 
the test was performed. No correction was made for the dilution in these ex¬ 
periments. 
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RESULTS 

In figures 1 to 3 are shown plots of the electrolyte concentration against the 
concentration of denaturing agent (abscissa) for protein solutions in which —SH 
groups were just detectable. The interpretation of these plots depends upon the 
following considerations: A denaturing agent in the absence of added electrolyte 
liberates —SH groups in certain protein solutions only above a certain critical 
concentration. When, however, certain electrolytes are present in sufficient con- 



UREA CONCENTRATION 


Fig. 2. Concentrations of electrolytes required for a minimal liberation of —SH groups 
in egg albumin. The dotted portion of the curve for sodium bromide represents concen¬ 
trations of sodium bromide lying above the solubility of the salt in water. For the curve 
CaCls + NaCl, the calcium chloride concentration is given by the ordinate; the sodium 
chloride concentration is 1.14 times the calcium chloride concentration. GuCl — guanidine 
hydrochloride; NaSAL. ■■ sodium salicylate. 

centr&tion, no —SH groups appear in solutions containing the denaturing agent 
above its critical concentration. Therefore, in the plots referred to, an electro¬ 
lyte which yields a curve sloping to the right of the critical concentration is an 
agent which inhibits the liberation of —SH groups. Similarly, a salt which 
yields a curve sloping to the left of the critical concentration is an agent which 
enhances the liberation of —SH groups. The relative efficiencies of various 
electrolytes as inhibiting or denaturing agents thus become at once apparent 
from the sign and magnitude of the slopes of their curves. 
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Effects of alkali salts 

Inspection of the slopes of the curves in figures 1 to 3 shows that in moderately 
concentrated solutions, potassium ferrocyanide, sodium citrate, sodium sulfate, 
sodium acetate, sodium chloride, and sodium nitrate inhibit the liberation of 
—SH groups, while sodium bromide, sodium iodide, and sodium salicylate stimu¬ 
late the appearance of such groups. The amount of alkali salt needed to inhibit 
the denaturation increases with concentration of denaturing agent. With the 



Fia. 3. Concentrations of electrolytes required for a minimal liberation of —SH groups 
in lactalbumin. -, calcium chloride solutions;-, urea solutions. GuCl « guani¬ 

dine hydrochloride; ACET. » acetamide. For solutions containing calcium chloride as 
denaturing agent, the ordinate represents the concentrations of added electrolyte. 

more strongly inhibiting salts, the concentration needed for inhibition is small in 
comparison to the concentration of denaturing agent present. Thus 0.4 M' 
sodium sulfate will prevent the effect of 8 M' urea in liberating —SH groups in 
egg albumin. 

In dilute solution, the inhibiting effect of various anions (having sodium as the 
cation) decreases in the order shown in table 1. The figures given are the (re¬ 
ciprocal) slopes of the curves, dx/dy, at a salt concentration of 0.5 M. This order 
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is identical 8 with that originally observed by Hofmeister (9) for the precipitation 
of egg globulin from egg protein solution. The inhibiting power of an alkali salt 
thus appears related to some extent to its efficiency as a salting-out agent. In 
this connection, it is noted that soldium acetate, which has no solvent action on, 
edestin (17), is a far more effective inhibitor toward this protein than sodium 
chloride, which dissolves edestin freely. On the other hand, neither sodium 
chloride nor sodium acetate precipitates egg albumin from aqueous solution, and 
towards this protein both salts inhibit to about the same degree. 

Table 1 also shows that sodium acetate inhibits the liberation of —SH groups 
in edestin far more strongly than it does in egg albumin. This is particularly 
noticeable, since the inhibiting effects of sodium chloride and sodium sulfate on 
the two proteins are approximately equal. This suggests that edestin is more 
sensitive to the presence of molecules containing a methyl group than is egg 
albumin. In this connection, the results of Greenstein (5) show that, whereas 

TABLE 1 


Inhibiting effect of various anions upon the liberation of sulfhydryl groups from proteins 


ION 

EDESTIN 

EGG ALBUMIN 

Fe(CN)i *. 

+16.7 


C«H*0 7 ~ + CelLOrt. 

+5.98 


S0 4 . 

+5.62 

+6.0 

CiHA' . 

+3.50 

+0.94 

ci-. 

+0.67 

+0.64 

NOT. 

-0.10 

-0.33 

Br-.i 

-0.10 

-0.44 

I-.i 

-0.81 

I -1.99 

Salicylate' .! 

-2.77 ' 

-6.31 


* The potassium salt was used here. 

t Citrate ions. The ratio of trivalent to divalent ions is about 4:1 at pll 5.5. 


urea strongly liberates —SH groups in edestin, its JV-methyl derivative is without 
effect in liberating such groups; upon egg albumin, however, iV-methylurea is as 
effective as the parent substance. The non-polar forces (8) surrounding the 
methyl group in sodium acetate and in iV-methyl urea may be quite different; 
further experiments are therefore necessary before the cause of the observed 
differences can be elucidated with certainty. 

Salicylate ion liberates —SH groups in egg albumin more effectively than any 
of the inorganic ions studied. Its strogn effect may be attributed, in part, to its 
detergent-like structure (1,3). Since certain denaturing agents having a hydro¬ 
phobic-hydrophilic structure, such as Duponal PC, produce protein —SII groups 
at very low concentrations (less than 0.01 M) (1), salicylate, although more effec¬ 
tive than any inorganic ion, would appear to be one of the least effective of the 
detergent-like denaturing agents. 

* The comparison is made in terms of mole concentrations. 
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Effects of divalent salts 

All the chlorides of the divalent bases studied (barium, calcium, magnesium, 
and manganous chlorides) denature edestin, the denaturing effect increasing in 
the order 4 

Mg++ < Mn++ < Ba++ < Ca++ 

Dilute solutions of manganous chloride and magnesium chloride produce —SH 
groups in urea solutions of egg albumin, as with edestin, but more concentrated 
solutions inhibit 5 the liberation of such groups (see figure 2). In concentrated 
solution, the order of increasing denaturing effect for cations acting on egg al¬ 
bumin is 

Mg++ < Mn++ < Ca++ < Ba++ 

Although Mn++ and Mg++ inhibit in this series, they have the same relative 
positions as in the above series for edestin, where they denature. 

The effect of magnesium chloride on lactalbumin is exactly opposite to its effect 
on egg albumin. In dilute solution, in the presence of urea, magnesium chloride 
inhibits the liberation of —SH groups in the milk protein, but in more concen¬ 
trated solutions it enhances such liberation. Regardless of this effect, the cation 
order® for lactalbumin is 

Mg++ < Ca++ < Ba++ 

The acetate of calcium and the sulfate of magnesium, unlike the chlorides, 
exhibit no denaturing effects, but inhibit markedly. Magnesium sulfate inhibits 
the liberation of —SH groups in edestin almost as strongly as does sodium sulfate. 
Since magnesium chloride denatures edestin, while magnesium sulfate inhibits 
the denaturation, the effect of the anion of magnesium sulfate must greatly pre¬ 
dominate over that of the cation. 

Effects of monovalent cations 

The effects of these ions were studied in lactalbumin solutions containing cal¬ 
cium chloride as well as Urea as the denaturing agent. The inhibiting effects of 

4 This order is for edestin I. The position of Ba ++ in this series was determined from the 
observation that edestin I appeared to give a very faint nitroprusside test in saturated 
barium chloride solution, the concentration of which, 1.29 M f lies between the critical 
concentrations for calcium chloride and manganous chloride (see table 2). Owing to lack 
of material, a complete barium chloride curve for edestin I was not obtained. Edestin II 
differed from edestin I in that it was insoluble in all salt solutions used. Since the m.e.c. 
value of barium chloride for edestin II is different from that for edestin I (figure I), it is 
important that the proteins be native to begin with. 

1 At constant urea concentration, increasing concentrations of magnesium chloride or 
manganous chloride enhance the liberation of —SH groups before inhibiting them. This 
is illustrated by the following data for egg albumin solutions containing 8.5 molar urea. 
The numbers indicate approximately the relative intensity of the nitroprusside test. 

Molarity of MgCl*. 0 0.75 1.00 1.25 1.40 

Intensity of test... 6 8 0 3 0 

• Mn ++ does not appear in this series, for in the presence of manganous chloride the 
titratable —SH groups of lactalbumin are rapidly destroyed. 
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various cations (having chlorine as the common anion) increase in the following 
order: 


Order. 

Na + < K+ < NH* < H + 

K+ < Na 4 < NH+ < H + 

Slope 7 . 

0.43 0.70 1.1 3.4 

0.71 l!l 2.6 3.8 


(In calcium chloride solutions) 

(In urea solutions) 


The order of the salt ions in the series for urea solutions is the reverse of that 
found by Hofmeister (9) for the precipitation of egg globulin from egg protein 
solution. Calcium chloride is more effective in producing —SH groups in lactal- 
bumin than is urea (sec table 2) and, commensurate with this, a given cation in¬ 
hibits less effectively in calcium chloride than in urea solutions. 

Ionic antagonism 

The inhibiting of the denaturing effects of Ca+ + upon lactalbumin by dilute 
solutions of K + , Na + , NH 4 +, Mg++ and H+ (see figure 3) shows that ionic an¬ 
tagonism manifests itself in the phenomena of the liberation of —SH groups in 
proteins. The denaturing effects of calcium chloride upon lactalbumin are 
also inhibited by calcium acetate; antagonism between the effects of the 
anions of these salts is thus indicated. Figure 2 (CaCls + NaCl curve) shows 
that the denaturing effects of calcium chloride upon egg albumin are antagonized 
by sodium chloride, for more calcium chloride is required for thiol production 
in the presence of the alkali halide than in its absence. 

Effects of acids , bases , and other substances 

Figures 2 and 3 show that dilute hydrochloric acid inhibits the liberation of 
—SH groups in urea solutions of lactalbumin but produces such groups in similar 
solutions of egg albumin. On the other hand, aqueous ammonia liberates —SH 
groups in the former protein but not in the latter. The effect of ammonia solu¬ 
tion can be ascribed chiefly to the hydroxyl ion, since the shape of the ammonia 
curve for egg albumin resembles the ionization curve of the base. Although 
sodium carbonate produces about the same alkalinity in water as ammonia does, 
it inhibits the liberation of —SH groups in lactalbumin. Here the strongly 
inhibiting effects of the carbonate ion, which are like those of the sulfate ion (c/. 
7), overshadow the sulfhvdryl-liberating effects of the hydroxyl ion, which is pres¬ 
ent in relatively low concentration. 

The effect of hydrochloric acid in inhibiting the denaturation of certain pro¬ 
teins was first observed by Wu and Yen (20) as a specific effect upon serum albu¬ 
min. Spiegel-Adolf (22), who confirmed this observation, showed that a solution 
of serum albumin containing 0.005 M hydrochloric acid could be heated in boil¬ 
ing water for 15 min. with less than 10 per cent of the protein undergoing altera¬ 
tion. 8 The inhibiting effect was less at higher and lower concentrations of acid. 

7 At an electrolyte concentration of 0.5 AT. 

• Similarly, pure edestin and certain other seed globulins can be boiled in 10 per cent 
sodium chloride without being coagulated (14). 
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In the present experiments with urea and lactalbumin, the inhibiting effect 
occurs up to a hydrochloric acid concentration of about 2 M f . 

Acetamide just produces —SH groups in lactalbumin at a concentration of 
1.75 M\ This observation is noteworthy, since acetamide liberates no —SH in 
egg albumin, edestin, excelsin, or globin (6). Figure 2 shows that acetamide has 
a slight denaturing effect on edestin in the presence of urea; the effect is too 
small, however, to be apparent in aqueous acetamide solutions. 

A summary of the effectiveness of hydrochloric acid, ammonia, acetamide, and 
other denaturing agents in aqueous solution is given in table 2. With respect to 
concentration of denaturing agent required to just produce —SH groups, edestin 


TABLE 2 

Minimum effective concentrations for various denaturing agents in aqueous solution 


DENATURING AGENT 

PROTEIN 

Egg albumin 

Edestin 

Lactalbumin 


moles per 1000 r* 

moles per 1000 k* 

moles per 1000 

Magnesium chloride. 

Nonef 

1.59 

3.9J 

Manganous chloride. 

Nonet 

1.42 

1 

Acetamide. 

Nonet 

Nonet 

1.75 

Ammonia. 

Nonet 


0.05 

Urea. 

6.06 

1.50 

0.60 

Sodium bromide. 

5.30J 

3.98 


Sodium iodide . 

3.04 

1.86 


Barium chloride. 


(1.29) 

0.10 

Calcium chloride. 

2.69 

1.23 

0.30 

Guanidine hydrochloride . 

2.13 

0.55 

0.34 

Sodium salicylate. 

0.96 

0.55 

(None^) 

Hydrochloric acid. 

0.15 



* Refers to the concentration of the denaturing agent. 

t The agent does not liberate —SH groups in aqueous solution, 
t An extrapolated value corresponding to a supersaturated solution. 

* The —SH groups of lactalbumin are destroyed in the presence of manganous chloride. 
1 Up to a concentration of 4 M'. 

occupies a position, in the case of most electrolytes, intermediate between that of 
egg albumin and lactalbumin. 


Effect of pH 

Comparison of the citrate curves (figure 1) with those of sodium chloride and 
sodium nitrate (figures 1 and 2) shows that small changes in pH have a relatively 
smaller effect upon the phenomena studied than variations in the nature of the 
anion. 


Effect of protein concentration 

Figure 4 shows that the minimum effective concentration of calcium chloride 
required to liberate —SH groups in egg albumin depends upon the protein con- 
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centration, less calcium chloride being required as the protein concentration in¬ 
creases. This is the expected relationship, and is apparent from the following 
considerations: The concentration of —SH groups in protein solutions may be 
increased in two ways: either by increasing the number of protein molecules con¬ 
taining a fixed proportion of —SH groups, or by increasing the proportion of 
—SH groups in a fixed number of protein molecules. Greenstein (5) has shown 
that increasing the concentration of denaturing agent increases the proportion of 
—SH groups liberated in proteins. In the solutions represented in figure 4, the 



Fig. 4. Effect of egg albumin concentration on the liberation of —SH groups in (a) 
sodium chloride solutions containing 8.5 molar urea, and (6) aqueous calcium chloride 
solutions. The curves show the concentrations of protein and salt in solutions in which 
—SH groups just appear. The concentration of sodium chloride and of calcium chloride 
is expressed in moles per liter and the protein concentration in grams per 100 ec. of solution. 


concentration 9 of —SH groups is presumedly constant. Consequently, with 
decrease of protein concentration 10 there must be an increase of concentration of 
denaturing agent in order to maintain this constancy of —SH group concentra¬ 
tions. 

The relationship between the protein concentration and the concentration of 
electrolyte inhibitor was also studied. Figure 4 shows that increasing the pro- 

9 This concentration corresponds to the sensitivity of the nitroprusside test; in terms of 
cysteine, about 0.0025 per cent. 

10 Increasing the protein concentration has no effect on the proportion of —SH groups 
liberated in proteins (5). 
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tein concentration increases the concentration of sodium chloride that is required 
just to inhibit the liberation of —SH groups by urea. This is also the expected 
relationship. As shown by figure 1, a decrease in the concentration of denatur- 
ing agent is equivalent in effect to an increase in the concentration of the electro¬ 
lyte inhibitor. Consequently, with increase of protein concentration there must 
be (in order to maintain a constant —SH group concentration) an increase of 
inhibitor concentration, since the concentration of denaturing agent has been 
maintained constant. 

Experiments with guanidine hydrochloride 

The results of experiments with this denaturing agent are shown in figure 5. 
For comparison, the results of similar experiments with urea are also given. It is 
seen that the liberation of —SH groups in egg albumin or edestin by guanidine 



Fig. B. Concentrations of sodium sulfate required just to inhibit the liberation of —SH 
groups in solutions of egg albumin (EA.) and edestin (ED.) containing guanidine hydro¬ 
chloride or urea. O, guanidine hydrochloride; (D, urea. 

hydrochloride is completely inhibited by means of sodium sulfate. The inhibit¬ 
ing effect is less pronounced in solutions of the hydrochloride than in solutions of 
urea. From titration experiments with porphyrindin, Greenstein (7) found that, 
“The addition of potassium sulfate to a solution of protein [egg albumin] in 
guanidine hydrochloride has no apparent effect on the proportion of —SH groups 
which appear in the protein.” The difference between the results of Greenstein 
and those obtained here may be explained on the basis of a difference in the pro¬ 
portion of sulfate used in the two sets of experiments. In the experiments of 
Greenstein the concentration of potassium sulfate was 0.62 M ' 11 or less, while the 
•concentration of guanidine hydrochloride was apparently 6 molal or greater. 1 * 
Extrapolation of the curve in figure 6 for egg albumin shows that approximately 
2.2 M' sodium sulfate would be required to inhibit the liberation of -—SH groups 

11 This is the solubility of potassium sulfate in water. 

u This concentration was not specifically stated by Greenstein in his report on potassium 
sulfate, but was inferred from the context of the paragraph containing the report. 
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in 6 M' guanidine hydrochloride solutions. Thus the relatively low concentration 
of sulfate used by Greenstein is sufficient to explain the absence of a salt-inhibit¬ 
ing effect in his experiments. 

The order of mixing of the reagents may also be of importance. In the experi¬ 
ments of Greenstein, potassium sulfate was added to a solution of egg albumin 
in guanidine hydrochloride, but in those reported here, egg albumin was added 
to a solution of potassium sulfate in guanidine hydrochloride. In the first 
instance, protein was exposed to the action of the denaturing agent for a period 
of time in the absence of inhibitor. Experiments showed that, when certain 
inhibiting electrolytes were added to solutions of protein and denaturing agent 
which had stood for 45 min., they had no very great effect on the proportion of 
—SH groups liberated. Thus, a 4.5 per cent egg albumin solution was ( 1) satu¬ 
rated with urea and 45 min. later tested with nitroprusside, (£) saturated with 
urea and 45 min. later saturated with sodium chloride and then tested, ( 3 ) 
saturated with urea and sodium chloride and 45 min. later tested. In the first 
and second cases the nitroprusside test for —SH groups was positive, and in the 
third it was negative. 


DISCUSSION 

The effects of sodium chloride and sodium citrate in inhibiting the liberation 
of —SH groups in urea solutions of proteins qualitatively parallel the effects of 
these salts, as observed by Wu and Yang (23), in decreasing the loss of solubility 
of egg albumin in solutions of urea. Similarly, the effects of barium chloride and 
dilute magnesium chloride in liberating —SH groups in egg albumin in urea 
qualitatively parallel the effects of these salts, as observed by Lepeschkin (11), 
in increasing the rate of heat denaturation of the protein. Since changes in the 
availability of protein —SH groups and changes in protein solubility are both 
consequences of protein denaturation (14, 15), this parallelism affords evidence 
for the validity of the results obtained. 

It was observed by Greenstein (7) that, whereas guanidine hydrochloride 
strongly liberates —SH groups in egg albumin, guanidine sulfate liberates no 
such groups at all. The present results offer an explanation of the phenomena 
on the basis of antagonistic action. Sulfate ions are strongly inhibiting and com¬ 
pletely antagonize the denaturing effects of the guanidinium ions. This is more 
clearly apparent in the cases of magnesium chloride and magnesium sulfate act¬ 
ing on edestin, where the former salt liberates —SH groups while the latter 
strongly inhibits such liberation. 

Whether the effects produced by the chlorides of magnesium, manganese, and 
hydrogen are denaturing or inhibiting depends largely upon the concentration 
of electrolyte and the nature of the protein upon which they act. In order to 
account for such differences, a more detailed theory of protein denaturation (see 
reference 15 and reference 21, page 407) must be formulated. 

THE NITROPRUSSIDE TEST 

In protein solutions containing sulfhydryl, the pink color of added nitroprus¬ 
side appears when the reaction is about pH 7, and is intensified by the addition 
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of ammonia solution (2), The effect of hydroxide concentration on color inten¬ 
sity was investigated as follows: A 0.75 per cent solution Of egg albumin in 
saturated urea (10.2 M at 25°C.) was prepared and allowed to stand 45 to 75 
min. in order to liberate the maximum proportion of —SH groups characteristic 
of urea den&turation. The nitroprusside test was performed upon aliquots, in 
series of three, using various ammonia concentrations (0.1, 0.5, and 1 M ; 0.5, 1, 
and 2 M , etc.). The pink colors were compared in small test tubes of approxi¬ 
mately the same internal diameter directly with the eye within 10 sec. after the 
addition of the ammonia. 

The color intensity was found to increase progressively in solutions in which 
0.05,0.1,0.5, and 1 M ammonia were used, but remained constant within experi¬ 
mental error for the concentrations of 2, 4, 6, and 8 M . Full color development 
is thus produced by 2 M ammonia as a minimum concentration. 

EFFECT OF SOLVENT 

It is known that the pink color in nitroprusside tests upon protein solutions 
varies considerably with the nature of the solvent, being greater, for example,in 
guanidine hydrochloride than in urea solutions (2). Quantitatively, it was 
found that a 1.0 per cent solution of egg albumin in guanidine hydrochloride 
(6 M) and a 1.8 per cent solution in urea (10 M) gave the same color with nitro¬ 
prusside. At the same protein concentration, the nitroprusside color in the 
former solvent would thus be 80 per cent greater than that in the latter, for 
under conditions of maximal liberation —SH group concentration is propor¬ 
tional to protein concentration (5) and may be assumed to be proportional to 
color intensity. As 6 M guanidine hydrochloride liberates 1.20, and 10 A/urea 
liberates 1.0 per cent of —SH groups in egg albumin (5), the solvent effect of 
the former agent in increasing the nitroprusside color is (50 per cent greater than 
that of the latter. 

The error which a 60 per cent difference in color intensity (—SH concentration) 
will produce in the determination of m.e.c. values has been estimated as follows: 
The data of Greenstein (5) show that at 2.38 and 3.93 M IZ guanidine hydro¬ 
chloride, 0 and 0.18 per cent respectively are the proportions of —SH groups 
liberated in egg albumin. If, as a first approximation, the liberation of —SH 
groups over this concentration range is taken as proportional to the concentra¬ 
tion of denaturing agent, then the following figures are obtained: 

Concentration of —SH.0.0025 0.004 0.0064 0.0102 (1.00) (1.60) 

Concentration of guanidine hydro¬ 
chloride (ilf).2.50 2.51 2.53 2.56 (10.54) (15.38) 

Per cent error. 0.4 0.8 1.2 (36.6) 

It is seen that at a low concentration of —SH groups (0.0025 per cent), a 
60 per cent change in —SH concentration (color intensity) produces an error 
of only 0.4 per cent in the concentration of denaturing agent (m.e.c. value). 

18 These values in terms of moles per liter were calculated with the aid of the experi¬ 
mental value of 0.75 for the partial specific volume of guanidine hydrochloride. 
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Although at higher —SH concentrations the error became quite large, this is 
of no significance for this work, for all m.e.c. values were determined at the 
sensitivity of the nitroprusside test, which is approximately (in terms of cysteine) 
0.0025 per cent. 


SUMMARY 

A study has been made of the effects of various inorganic electrolytes upon 
the liberation of titratable —SH groups in solutions of egg albumin, edestin, 
and lactalbumin. The solutions contained urea or calcium chloride as dena¬ 
turing agents. It has been found that: 

1. Many electrolytes inhibit the liberation of titratable —SH groups in 
proteins. 

2. The inhibiting effects of the anions of various alkali salts differ markedly, 
and increase in the order of the Hofmeistcr series. 

3. The chloride salts of divalent bases, in general, produce titratable —SH 
groups in certain proteins. There is a lyotropic series for increasing denaturing 
effect which, for edestin, is 

Mg++ < Mn H < Ba + + < Ca+ 4 

Magnesium chloride and manganous chloride, in concentrated solution, inhibit 
the liberation of —SH groups in egg albumin but produce them in dilute solu¬ 
tion. The sulfates and acetates of the divalent bases appear to inhibit at all 
concentrations. 

4. Hydrochloric acid inhibits the liberation of —SH groups in lactalbumin 
but produces them in egg albumin. The effects of magnesium chloride on 
lactalbumin are also opposite to those of the salt on egg albumin. 

5. Ionic antagonism is manifested in phenomena of the liberation of —SH 
groups in certain proteins. The denaturing effects of Ca ++ upon lactalbumin 
are inhibited by various cations (where chlorine is the anion), the inhibiting 
effect increasing in the order 

Na+ < K+ < Nltf < Mg++ < H+ 

Anionic antagonism also occurs, the effects of calcium chloride being inhibited 
by calcium acetate. 
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QUANTITATIVE INVESTIGATIONS OF AMINO ACIDS AND 

PEPTIDES. XIV 

Equilibria between Amino Acids and Formaldehyde: 
Arginine and Lysine 1 
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Received January 8, 1943 

This paper presents the results of a polarimetric study of the equilibria between 
formaldehyde and J(+)-arginine and formaldehyde and Z(+)-lysine. Some of 
the results obtained with other amino acids have already been reported (1,2, 
3, 4). 


I. ARGININE 

A potentiometric study of the equilibria between arginine and formaldehyde 
has been reported by Levy (5). He found (a) that the equilibria were estab¬ 
lished slowly, erratic results being obtained unless the solutions were allowed 
to stand, and (b) that the data indicated that both arginine cation and arginine 
zwitter ion react with 2 moles of formaldehyde. There appeared to be no evi- 

1 For the preceding paper in this series, see reference 4. 
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dence for the existence of the intermediate reaction (3 mole of formaldehyde per 
mole of arginine). Levy calculated the values 0.71 and 2.5 X 10 & for L 2 i and 
Lyt, respectively. (The symbols used follow the terminology introduced by 
Levy.) 

Polarimetric titrations were performed using solutions of i(+)-arginine mono¬ 
hydrochloride and Z(+)-arginine free base. The amino acids used were the 
c.p. grade, obtained from Amino Acid Manufactures. 

Experimental 

The apparatus used has been described previously (1,2). Upon the addition 
of formaldehyde to a solution of i(+)-arginine monohydrochloride, only slight 



Fig. 1. Graph showing the change of rotation of mixtures of f(-f )-arginine and formalde¬ 
hyde with time. The concentration of arginine in all runs was 0.0523 M . The formalde¬ 
hyde concentrations were as follows; o, 0.000 M; X, 0.0103 M; #, 0.0200 M; £, 0.0304 M; 
V, 0.0378 M\ □, 0.0506 M. 

changes in rotation were observed. Within experimental error, the rotation 
was linear up to 2 M formaldehyde concentration. There was no indication of 
compound formation, although a considerable change in rotation was observed 
when the solution was allowed to stand in the tube for a period of 6 hr. This 
phenomenon was not investigated further. 

Upon the addition of formaldehyde to arginine free base, a rapid, apparently 
reversible reaction occurs until slightly more than 1 mole of formaldehyde has 
been added. Upon the addition of more formaldehyde, a definite time depend¬ 
ence of rotation is observed. This is consistent with the observations reported 
by Levy. 

In order to investigate the slow reactions observed, mixtures of formaldehyde 
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Fig. 2. Graph showing the change of rotation of mixtures of l {+)-arginine and formalde¬ 
hyde with time. The concentration of arginine in all runs was 0.0526 M . The formalde¬ 
hyde concentrations were as follows: o, 0.0623 M; X, 0.1122 M\ A, 0.2500 M\ • , 0.515 M . 



Fio. 3. Graph showing the change of rotation of mixtures of l (4*)-arginine and formal¬ 
dehyde with time. The concentrations of arginine ( Z*) and formaldehyde (F) were as 
follows: 

O, (Z±) - 0.0266 M, (F) - 0.0514 M X, (Z±) - 0.0268 M, (F) - 0.0308 M 

A, (Z±) - 0.1071 M, (F) - 0.206 M •, (Z*) * 0.1071 ilf, (F) - 0.0410 M 

D, (Z±) - 0.1071 M, (F) - 0.0820 M 
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and arginine were prepared, placed in 2-dm. polarimeter tubes, and the rotation 
observed as a function of the time elapsed from the moment of mixing. Several 
runs were made at concentrations of 0.053 M arginine and 0.01 M to 0.53 M 
formaldehyde. Rate studies were also made at both larger and smaller concen¬ 
trations of arginine. The temperature of all runs was about 24°C. The ob¬ 
served rotations were converted to molecular rotations. 

The experimental results are shown in figures 1 and 2, in which molecular 
rotation is plotted against time elapsed from the moment of mixing. 

Another set of rate studies was made using different initial arginine concen¬ 
trations. The rate curves are shown in figure 3. 

Discussion 

It is apparent from figures 1, 2, and 3 that the reaction between arginine and 
formaldehyde occurs in two steps. An instantaneous initial reaction is followed 

TABLE 1 

Initial and asymptotic rotations of the curves of figures 1 and £ 


ARGININE 

| FORMALDEHYDE j 

(tfo) 

WJ 

moles per liter 

moles per liter i 



0.0523 

! o.ooo ! 

29.2 

29.2 

0.0523 

, 0.0101 ! 

-3.0 

77.0 

0.0523 

j 0.0200 

-25.5 

116 

0.0523 

0.0303 | 

-45.0 

167 

0.0523 

i 0.0404 i 

-60.0 

224 

0.0523 

; 0.050G 

—65.0 

i 300 

0.0529 

0.0630 

-70 

345 

0.0529 

0.1135 ; 

-84 

592 

0.0529 

0.253 

-102 

675 

0.0529 

| 0.529 

-80 (?) 

730 


by a slower second reaction, the rate of the latter being apparently dependent 
upon either the concentration of formaldehyde or the concentration of the com¬ 
pound formed in the first step, or both. 

A valuable clue as to the stoichiometry of the two reactions involved can be 
obtained by plotting the initial and final rotations of figures 1 and 2 against the 
formaldehyde concentrations. The initial rotations (the rotations at zero 
time) are obtained by extrapolating the curves to their origin. The final rota¬ 
tions (the asymptotes of the curves of figures 1 and 2) w T ere evaluated by plotting 
the rotations of a given set of data against the reciprocals of the elapsed time. 
The rotation at 1 /T = 0 is the asymptote. Table 1 gives the initial (ATo)and 
final (M *) rotations for each set of data available. 

From table 1, curves relating M 0 and A/* to 2F can be drawn, as indicated in 
figures 4 and 5. From figure 4 it may be inferred that the compound which is 
rapidly formed from formaldehyde and arginine is to some extent dissociated. 
Figure 5 indicates that the product of the time-dependent reaction contains 2 
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moles of formaldehyde per mole of arginine, and that very little dissociation 
occurs* This is qualitative confirmation of Levy’s conclusions. 



Fig. 4. Initial rotations of J(+)-arginine-formaldehyde mixtures plotted as a function 
of the 'formaldehyde concentration. 



Fig. 5. Asymptotic (final) rotations of mixtures of /(+)-arginine and formaldehyde 
plotted as a function of the total formaldehyde concentration. 

The calculation of the initial and final rotations of the curves of figure 3 result 
in the values listed in table 2. 

Upon comparing the data of table 2 with those of table 1, it is observed that 
the initial and final rotations are primarily dependent upon the formaldehyde- 
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arginine ratio, and are only slightly affected by a change in the actual concen¬ 
tration of either component. This is consistent with the assumption that the 
initial reaction involves the combination of 1 mole of formaldehyde and 1 mole 
of arginine to form a complex, since a more marked dependence of rotation upon 
absolute concentration is expected for any other possible reaction. 

TABLE 2 

Initial and asymptotic rotations of the curves in figure S 


A1G1NINE 

FOIMALDEHYDE 

(Me) 

(MJ 

moles per liter 

0.0268 

moles per liter 

0.0307 

-72 

320 

0.0266 

0.0512 

-89 

535 

0.1071 

0.0410 

-27 

112 

0.1071 

0.0820 

-66 

220 

0.1071 

0.2045 

-82 

540 


If it is assumed that the rapid reaction is: 

Z ± + F?±ZF* (1) 

the time-dependent reaction must follow the equation: 

ZF* + F ;=± ZF? (2) 

The expression for the rate of the reaction is therefore: 

_d ( zn . dJZFt) . WZF , )(F) ( 3 , 

The dependence of the rate of the reactions of figures 1, 2, and 3 upon the free 
formaldehyde concentration can be ascertained by a comparison of the rate of 
reaction when (Z*) = 0.0529 M and (SF) = 0.1135 M with the rate when (Z*) = 
0.0529 M and (SF) = 0.253 (figure 2). From figures 4 and 5 it can be seen that 
the molecular rotations of ZF* and ZF? are —110° and 750°, respectively. 
Therefore, for any given set of data, the fraction of ZF* converted to ZF* during 
the time interval Ti — T* is: 

Fraction converted = (. M r% — M Tl )/ 800 (4) 

in which M Tl is the observed rotation at time T\ and M Ti is the observed rota¬ 
tion at time For the two sets of data referred to, the initial rate of con¬ 
version of ZF* to ZF t is 1.545 X 1CT 2 moles per liter per minute when 2F = 
0.1135 Af, and 5.65 X 10~ 2 moles per liter per minute when SF = 0.253. The 
ratio of these rates is 3.66. If it is assumed that in each case the initial reaction 
has proceeded nearly to completion, the free formaldehyde concentrations are 
0.0606 and 0.2001, which bear the ratio 3.29. Since the time intervals are not 
accurately known, the agreement is satisfactory, and it can be concluded that 
the rate of the time-dependent reaction of formaldehyde with arginine is first 
order with respeqt to formaldehyde. 
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The specific reaction-rate constant for the reaction of ZF* with formaldehyde 
was calculated using a set of data in which the 2F:Z* ratio is considerably 
greater than unity. If the ratio of total formaldehyde to total amino acid is 
designated by R, then the relative concentrations of ZF* and F shortly after 
mixing will be 1 and R — 1, respectively. Designating the fraction of amino 
acid in the form of the complex ZF* by x, equation 3 becomes: 

-^ = &(*)(«- 2 + z) (5) 



Fig. 6. Graphical test of equation 6 applied to arginine-formaldehyde rate data 
R - 4.79. 


Transposing and integrating: 

/ x(R - 2 + x) = I kdt 

[ log —- log (R - i)] = kt (6) 

Plotting log (x + ft — 2)/x against T should give a straight line of slope 
— l/[fe(ft — 2)] and intercept — log (ft — 1). Figures 6 and 7 indicate the 
application of equation 6 for the two sets of data for which ft = 4.79 and 2.15. 
The values of k calculated from the two slopes are 1.03 X 10~ 2 and 1.14 X 10“*, 
respectively. The latter is probably less reliable, since ft — 2 is smaller in this 
instance than in the former case. The fact that both sets of data fit the pre¬ 
dicted straight line so closely is further proof of the mechanism we have proposed. 

In his discussion of the reaction of arginine with formaldehyde, Levy noted 
that his attempts to study the time-dependent reaction proved unsuccessful. 
It was thought worthwhile to study the rate potentiometrically to see if the 
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results were in conformity with the conclusions reached above. Accordingly, 
a fivefold excess of formaldehyde was added to a solution of half-neutralized 
arginine monohydrochloride, and the pH followed with time. The results are 
given in table 3. 



Fig. 7. Graphical test of equation 6 applied to arginine-formaldehyde rate data, 
R - 2.15. 


TABLE 3 


Rate of change of pH of half-neutralized 0.0649 M l (-f) -arginine monohydrochloride and 

0.270 M formaldehyde 


ELAPSED TIME 

pH 

ELAPSED TIME 

pH 

minutes 


minutes 


0.5 

7.85 

6.0 

7.41 

1.0 

7.85 

7.0 

7.32 

1.5 

7.80 

8.0 

7.28 

2.0 

7.73 

10.0 

7.20 

2.5 

7.70 

15.0 

7.01 

3.0 

7.65 

20.3 

6.85 

3.5 

7.60 

30.0 

6.49 

4.0 

7.57 

36.0 

6.30 

4.5 

7.51 

104 

5.32 

5.0 

7.48 

132 

5.22 

5.5 

7.44 

330 

5.00 


Before the addition of formaldehyde, the solution consisted of an equimolar 
mixture of the hydrochloride (C^) and the zwitter ion (Z*). The SF^Z*) 
ratio, after the addition of formaldehyde, was 9.82. From the polarimetric 
study it is known that with this amount of formaldehyde present, nearly all of 
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tiie Z* has been converted to ZF*. The equilibrium is therefore governed by 
equation 7. 

C* + F ^ ZF* + H + L\ - ( ^ ) - ^ ) (7) 

The time-dependent reaction is, as before: 

ZF* + F?±ZFf (2) 

The relation of (H + ) to (ZF*) can be shown to be given by equation 8: 

_L _ ( ZF± ) ( 8) 

(H+) (C±)(F )U 

(C^) remains essentially constant. As before, (F) is replaced by R — 2 + 
(ZF*), and (C*)Li is written as L[. Therefore: 

JL = (ZF*) /o') 

(H+) - 2 + (ZF*)] 

In the following equations, i? — 2 is designated by a and (ZF*) by x. From 
equation 5 


-/ § - / *(*)(« + *) 



1, a + x 
i h ‘ x "** 

(5b) 

but from equation 8 

pH - -logi, - log ( “ + x) 

X 

(8a) 

Substituting into equation 5b: 



—- (pH + log la) = kt 
a 

(10) 

Solving for the pH: 

pH = —akt — log L'i 

(11) 


Hence, if the pH be plotted against t , a straight line of slope — ak and intercept 
— log Li should be obtained. 

Figure 1 represents the data of table 3. It may be observed that the predic¬ 
tion of linearity is fulfilled for a considerable period of time, whereafter the 
curve flattens out. This flattening is to be expected if it is recalled that earlier 
experiments with arginine cation indicated the existence of a slow reaction of 
the cation with formaldehyde (page 2). It is obvious from equation 8 that if 
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the cation, as well as the zwitter ion, reacts, the change in pH will be less than 
if the latter alone reacted. 

From the first part of figure 8, k can be calculated to be 0.85 X 1(T 2 , in fair 
agreement with the polarimetric data. 

The contrast between the slow reaction of arginine with formaldehyde and the 
rapid reaction of other amino acids led us to study the effect of formaldehyde 
upon the reactivity of arginine toward alkaline alcoholic /3-naphthol and bromine 
(the Sakaguchi reaction). When the test is performed upon a dilute solution 
of arginine alone, a deep carmine color develops immediately, while formaldehyde 
alone gives a dark green color which soon changes to a light brown. When the 
test is immediately applied to a solution containing arginine and a large excess 
of formaldehyde, the carmine color develops as rapidly as before. If the argi¬ 
nine-formaldehyde mixture is allowed to stand for 20-30 min. before the test 



Fig. 8. Rate of change of pH of mixture of half-neutralized 0.0549 M arginine mono¬ 
hydrochloride and 0.270 M formaldehyde. 

is applied, a dark green color appears, which gradually changes to a reddish 
brown; the latter solution is distinctly different from the color produced in any 
of the other tests. Since the Sakaguchi reaction is specific for the monosub- 
stituted guanidino group [H 2 NC (—NH) NHR], it is clear that formaldehyde 
reacts slowly and irreversibly with the guanidino group of arginine. The 
structure of the product was not investigated further. 

II. LYSINE 

From studies of the effect of formaldehyde upon pfv 2 and p Kz of lysine, 
Levy (5) calculated equilibrium constants for the reaction of each amino group 
with 1 and 2 moles of formaldehyde. The polarimetric studies reported in this 
paper are not consistent with Levy’s results, although our experimental results 
and conclusions are incomplete. 

Both lysine zwitter ion and the anion can theoretically react with formalde- 
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hyde. Accordingly, two polarimetric titrations were perforated. For the first, 
an equivalent quantity of base was added to a quantity of the hydrochloride. 
Hie pH of the resultant solution was 9.8. From the p K values of lysine it was 
calculated that at this pH 78.6 per cent of the amino acid is present as the zwitter 
ion, 13.8 per cent exists as the anion, and 10.6 per cent is present as the cation. 
This distribution, while unfavorable, is nearly the best possible under the cir¬ 
cumstances. Two of the forms present (A” and Z ± ) can react with formaldehyde. 

TABLE 4 


Remits of the (pH *■ 9.8) polarimetric titration of 0.1459 M l(+)4ysine zwitter ion with 

$.880 M formaldehyde 


FORMALDEHYDE 

LYSINE 

OBSERVED ROTATION 

(">Hg 

ml. 

moles per liter 

moles per liter 



0.00 

0.000 

0.1459 

1.315 

22.6 

0.120 

0.0092 

0.1456 

1.287 

22.1 

0.205 

0.0156 

0.1453 

1.242 

21.4 

0.355 

0.0290 

0.1447 

1.176 

20.3 

0.505 

0.0383 

0.1444 | 

1.110 

19.2 

0.655 

0.0494 

0.1438 

1.040 

18.1 

0.810 

0.0610 

0.1435 

0.958 

16.7 

0.970 

0.0729 

0.1430 

0.873 

15.2 

1.120 

0.0840 

0.1427 

0.782 

13.7 

1.300 

0.0943 

0.1421 

0.646 

11.4 

1.475 

0.1098 

0.1416 

0.514 

9.1 

1.650 

0.1220 

0.1410 

0.389 

6.9 

1.860 

0.1372 

0.1405 

0.271 

4.8 

2.140 

0.1571 

0.1400 

0.169 

3.0 

2.430 

0.1775 

0.1391 

0.114 

2.1 

2.700 

0.1960 

0.1384 

0.109 

2.0 

3.09 

0.2228 

0.1373 

0.133 

2.4 

3.64 

0.2600 

0.1360 

0.163 

3.0 

4.33 

0.315 

0.1343 

0.231 

4.3 

5.05 

0.351 

0.1323 

0.289 

5.5 

6.00 

0.410 

0.1302 

0.330 

6.3 

8.00 

0.528 

0.1257 

0.358 

7.1 

10.00 

0.638 

0.1215 

0.389 

8.0 

12.00 

0.741 

0.1176 

0.418 

8.9 

15.00 

0.883 

0.1121 

0.430 

9.6 


The titration was performed using 3.820 M formalin, and the results are shown 
in table 4. Figure 9 shows the data of table 4 in convenient graphical form. 

Figure 9 indicates that lysine zwitter ion reacts with formaldehyde to form 
two compounds. The analogy between this reaction and that of the other 
amino acids with formaldehyde is not complete, however. The shape of the 
first part of the curve indicates that the simple equilibrium postulated pre¬ 
viously does not hold in this instance. 

The second part of the curve, when 2F > 0.2 M, appears conventional enough, 
and was found to be subject to the treatment described for leucine (2). a* and 
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a* (the molecular rotations of ZF* and ZF*) were found to be —2.88° and 11.5°, 
respectively. It was assumed that whatever reaction occurred in the region 
2F = 0.0-0.2 M had used up one equivalent of formaldehyde. This assump¬ 
tion is justified, even though an appreciable amount of the amino acid is present 
as forms other than the zwitter ion. While the cation probably does not react 
with for mal dehyde, the anion, present in approximately equal amount, is ex¬ 
pected to react with twice as much formaldehyde as does the zwitter ion. The 



FORMALDEHYDE, MOLES PER LITER 

Fia. 9. Change of rotation of 0.1459 M i(+)-lysine zwitter ion upon the addition of for- 
maldehyde. 

logarithmic treatment of the data resulted in the linear relationship depicted in 
figure 10. From the intercept at log (ZF* )/(ZF*) = 0, Ln turns out to be 8.72. 

From the peculiar shape of the first part of figure 9, it is to be expected that 
the calculated log (ZF ± )/(Z ± ) and log (F) terms would not fit the straight line 
anticipated for a simple association, and this is indeed found to be the case. 
It is possible that the presence of a fairly large amount of the anion complicates 
the picture by introducing one or more additional reactions. 

For the second titration, two equivalents of sodium hydroxide were added to 
_]ysi n e monohydrochloride, and the solution was titrated with 3.820 M 
formaldehyde. The experimental results are given in table 5 and graphed in 
figure 11. 
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Figure 11 indicates that we are dealing with two main equilibria, with some 
indication of further complex formation. The fact that the first sudden change 



LOG F 

Fig. 10. Logarithmic treatment of the (ZFfVCZF*) — (F) relation for lysine-formal¬ 
dehyde reaction. 


TABLE 5 

Results of the polarimetric titration of 0.1318 M lysine anion with 3.880 M formaldehyde 


FORMALDEHYDE 

LYSINE 

OBSERVED ROTATION 

<">H* 

ml. 

0.000 

moles per liter 

0.000 

moles per liter 

0.1312 

1.270 

24.2 

0.120 

0.0092 

0.1310 

1.268 

24.2 

0.290 

0.0221 

0.1304 

1.228 

23.5 

0.465 

0.0345 

0.1300 

1.198 

23.1 

0.635 

0.0480 

0.1298 

1.170 

22.6 

0.935 

0.0703 

0.1290 

1.115 

21.6 

1.250 

0.0935 

0.1280 

1.020 

19.9 

1.750 

0.1,292 

0.1267 

0.776 

15.3 

2.250 

0.1646 

0.1254 

0.433 

8.6 

2.500 

0.1823 

0.1250 

0.170 

3.4 

2.750 

0.1992 

0.1242 

—0.027 

-0.5 

3.000 

0.2165 

0.1239 

-0.200 

-4.0 

3.260 

0.2340 

0.1230 

-0.300 

-6.1 

3.750 

0.2665 

0.1220 

-0.441 

-9.1 

4.25 

0.2995 

0.1208 

-0.515 

-10.7 

5.25 

0.3635 

0.1186 

-0.516 

-10.9 

7.00 

0.4700 

0.1152 

-0.^97 

-10.8 

9.00 

0.584 

0.1112 

-0.423 

-9.5 

12.00 

0.743 

0.1060 

-0.407 

-9.6 

18.00 

1.013 

0.0965 

-0.316 

-8.2 


in slope occurs at a total formaldehyde concentration which is about half that 
required to reach a minimum rotation suggests that the two equilibrium con¬ 
stants, Liz and L%z> are nearly equal. This is to be expected for consecutive 
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additions of formaldehyde to each of the free amino groups of anionic lysine. 
The total formaldehyde concentration at the minimum is slightly greater than 
twice that of lysine; hence only 2 moles of formaldehyde are concerned. 

The data of table 5 are not subject to analysis by the methods used for leucine, 
since the analytical method described depends upon the assumption that ap¬ 
preciable quantities of AF~ and AF7 do not coexist in solution. (It is estimated 
that in order for this method to be useful, the ratio of L\ to L 2 must be at least 
10 to 1.) 

It was found possible to obtain a tentatively acceptable value of the constant 
by calculating, for the first five data of table 5, values of (A~), (AF~), and [F] 
corresponding to a series of estimates of a 2 . When ai was taken as 24.5° and 



Fig. 11. Change of rotation of 0.1312 M /(+)-lysine anion upon the addition of for¬ 
maldehyde. 

a 2 was assumed to be 17°, the straight line depicted in figure 12 was obtained 
upon plotting log (AF~)/(A~) against log (F). From this graph, L\ 2 turns out 
to be 35.0. It must be pointed out, however, that a satisfactory mathematical 
approach to the problem presented by figure 11 has not yet been devised. 

It may be pointed out that, according to figure 11, the eamino group of 
lysine reacts with formaldehyde before the a-amino group reacts. This conclu¬ 
sion is based upon the fact that the addition of the first formaldehyde molecule 
changes the rotation considerably less than does the second addition. Pre¬ 
sumably, the addition of formaldehyde to the amino group which is closest to 
the asymmetric center should affect the rotation more than a similar addition 
much further away. 

From the results of potentiometric studies of the lysine-formaldehyde equili- 




132 


E. H. FBIEDEN, M. S. DUNN AND C. D. CORYELL 


bria, Levy (5) has calculated equilibrium constants for the four possible reac¬ 
tions. While we have not been able to calculate all four of these constants, 
some comparisons are possible. Levy gives the values 89 and 240 for La and 
L«, respectively; hence, his value for Lm would be 2.70. The discrepancy be¬ 
tween this figure and the value of 8.72 calculated from figure 10 is considerable. 
It is difficult to see how the latter could be greatly in error. 

While we do not claim great accuracy for the value La = 35.0 calculated 
from figure 12, it is to be noted that this value is approximately that to be 
expected for the association constant of formaldehyde with the amino group of a 



Fig. 12. Logarithmic treatment of the (AF - )/(A~) — (F) relation for lysine-formalde¬ 
hyde reaction. 

six-carbon-atom amino acid. (Compare the values for leucine, valine, etc.) 
Levy’s figure of 252 is greater than would be expected. 

SUMMARY 

1. The polarimetric study of amino acid-formaldehyde reactions has been 
extended to the basic amino acids /(-f)-arginine and ((+)-lysine. It has been 
shown that the reaction of arginine and formaldehyde is an instantaneous, prob¬ 
ably reversible combination of 1 mole of each of the reactants, followed by a 
slow irreversible combination of the product with another formaldehyde 
molecule. The latter reaction apparently involves the guanidino group of the 
amino acid. 

2. The experimental data available from the reaction of lysine and formal¬ 
dehyde could not be subjected to complete mathematical analysis, although 
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they have been interpreted qualitatively. The polarimetrie data appear to be 
inconsistent with the equilibrium constants derived by Levy. 
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It has been shown by Larsen and Walton (10) that activated carbon prepared 
from ash-free gelatin is much more active in catalytically decomposing hydrogen 
peroxide than carbon derived from sugars. It was the object of the present in¬ 
vestigation to prepare activated nitrogenous carbons from different sources and 
to study the catalytic activities of these carbons upon (f) the decomposition of 
hydrogen peroxide, (2) the oxidation of hydroquinone, and (3) the oxidation of 
potassium urate. 


PREPARATION OF CARBONS 

The method of preparing the carbon was essentially that used by Larsen and 
Walton and consisted in charring the material at about 450°C., grinding to 100 
mesh or more, heating in a vacuum at 1000°C. for 45 min., and then activating 
the residue by heating in moist oxygen at 875°C. for 12 hr. Table 1 lists the 
sources of carbon and gives the ash and nitrogen content. The yield of activated 
carbon was 20 to 50 per cent of the char. 

The ash content was not considered sufficiently high to warrant any purifi¬ 
cation. Spectroscopic examinations of the ash indicated that traces of many 
metals were present. Iron was present to an insignificant extent; this is in¬ 
teresting in view of the fact that the claim has been made that for certain reac¬ 
tions the catalytic activity of carbons is due to the presence of iron-carbon and 
iron-carbon-nitrogen complexes (14, 19). 

The per cent nitrogen present in the carbons as nitrogen of constitution was 
estimated by Kjeldahl analysis. Determinations of nitrogen by the Dumas 

i This investigation was financed by a grant from the Research Committee of the Uni¬ 
versity of Wisconsin, Dean E. B. Fred, Chairman. 
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method were not as satisfactory, because it was difficult to remove all the ad¬ 
sorbed nitrogen from the carbons. It is not likely that the nitrogen of constitu¬ 
tion of the carbons is adsorbed ammonia, since the carbons were heated in a 
vacuum at 1000 6 C. before activating them at 875°C. Unless otherwise indi¬ 
cated; the above carbons were used in all the experiments to be described. Other 
carbon samples are marked B and C. 


TABLE 1 

Nitrogenous carbons used 


SOUBCE OF CARBON 

YIELD OF CHAS 

ASH IN CHAR 

NITROGEN IN 
ACTIVATED 
CARBON 

Hexamethylenetetramine. 

Gelatin. 

per cent 

0.5-1.0 

19 

20.5 

26.5 

28 

11 

per cent 

0.25 

0.18 

0.11* 

0.02 

0.06 

0.22 

per cent 

3.0 

3.6 

3.9 

2.4 

2.9 
None 

Glucosazone. 

Lactose (90%) and hexamethylenetetramine (10%) 

Lactose (90%) and urea (10%). 

Lactose. 



* Calculated from per cent ash in activated carbon. 



Fig. 1 . The effect of activation temperature on the time of half-life of decomposition of 
hydrogen peroxide by carbon. Curve 1,0.100 g. of gelatin carbon; curve 2,0.050 g. of gelatin 
carbon; curve 3, 0.300 g. of 90 per cent lactose and 10 per cent hexamethylenetetramine 
carbon. 


THE CATALYTIC DECOMPOSITION OF HYDROGEN PEROXIDE 

Temperature of activation of carbons 

To determine the optimum conditions for preparing highly active catalytic 
carbons, two samples, one prepared from gelatin, the other from a mixture of 90 
per cent lactose and 10 per cent hexamethylenetetramine, were activated at 
various temperatures. The catalytic activity of each carbon was measured by 
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determining the rate at which it decomposed hydrogen peroxide (5, 10). All 
experiments were carried out at 25°C., using 15-ml. portions of solutions con¬ 
taining 50 ml. of available oxygen. All gas volumes have been corrected to 
standard conditions. The conditions for optimum activation are best shown 
graphically (figure 1). Since the carbons differ greatly in activity, two scales 
have been used. Activation at temperatures below 700°C. produced very 
inactive carbons, not shown in the figure. 

When a smaller amount of a particular carbon catalyst was used, the optimum 
temperature of activation could be more accurately observed. Consequently 
875°C. was the activation temperature used for the carbons prepared in the 
following experiments. This value compares favorably with that of 825~875°C. 
noted by Larsen and Walton (10) for sugar carbons. 

Catalytic activities of carbons 

The catalytic activities of the various carbons were compared as in the study 
of the temperature of activation. Duplicate experiments for a given sample of 

TABLE 2 

Decomposition of hydrogen peroxide by various carbons 


SOURCE OF CARBON 

WEIGHT USED 

TIME OF HALF-LIFE 

March, 1940 

July, 1941 

1 

Hexamethylenetetramine. 

Gelatin . 

Glucosazone . 

Lactose (90%) and urea (10%). j 

Lactose (90%) and hexamethylenetetramine (10%) 
Lactose. 

grams 

0.025 

0.050 

0.050 

0.050 

0.100 

0.100 

0.300 

seconds 

20 

256 

540 

2845 

seconds 

32 

266 

759 

2377 

690 

781 

3160 


carbon agreed within 2 per cent. The results are given in table 2. From this 
table it is evident that the nitrogenous carbons are much more active than the 
lactose carbon. Even within the series of nitrogenous carbons, the range of 
activities is surprisingly large. The great activity of the hexamethylenetetra¬ 
mine carbon is especially noteworthy. 

The decay factor 

These experiments also show that the carbons have decreased in catalytic 
activity after standing for 15 months. Though the samples were kept in evacu¬ 
ated desiccators, they came into contact with air when the desiccators were 
opened. Since Larsen and Walton showed that moist oxygen readily deactivates 
carbon, this decay is not surprising. 

It has been assumed that the moist oxygen is also responsible for the deactiva¬ 
tion of the carbon during the decomposition of a solution of hydrogen peroxide. 
The very active nitrogenous carbons make it easily possible to follow this reac¬ 
tion to completion, thereby allowing any variation in the volume of oxygen 
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evolved to be measured accurately. This has not been feasible with the less 
active carbons prepared by previous investigators. The amount of oxygen 
obtained must be corrected for gases released on wetting the carbon (said by 
McBain to be nitrogen (11)). 

Using 0.100-g. samples of carbon C, prepared from a mixture of 90 per cent 
lactose and 10 per cent hexamethylenetetramine, it was found that when the 
reaction was complete 0.40 ml. of oxygen was adsorbed by the carbon, since only 
49.60ml. of the50.00ml. available was evolved. Corrections weremade for blanks, 
using water instead of hydrogen peroxide. The time of half-life was 331 sec. at 
25°C. When the reaction was carried out at 15°C., the carbon adsorbed 1.36 
ml. of oxygen, and the time of half-life increased to 481 sec. 

When the carbon was merely suspended in water and agitated in the presence 
of oxygen, it also adsorbed this gas. Furthermore, the carbon so treated showed 


TABLE 3 

Temperature coefficients and inhibitory effect of potassium cyanide for the decomposition of 

hydrogen peroxide by carbons 


SOURCE OF CARBON 

WEIGHT USED i 

TIME OF HALF-LIFE 

TEMPERATURE 

25 °C. 

15 *C. 

0.001 N 
KCN, 25°C. 

COEFFICIENT 


grams 

minutes 

minutes 

minutes 


Lactose. .... 

0.300 

67.5 

97.5 

58.0 

1.44 

Hexamethylenetetramine (B) 

0.025 

0.45 

0.03 

1.60 

1.40 

Gelatin (B). 

Lactose (90%) and hexamethyl¬ 

0.050 

7.4 

10.2 

14.0 

1.38 

enetetramine (10%) .. 

0.100 

12.6 

16.6 

27.3 

1.32 

Lactose (90%) and urea (10%).. 
Lactose (90%) and hexamethyl¬ 

0.100 

8.1 

9.8 

16.8 

1.21 

enetetramine (10%) (B). 

0.100 

4.7 

5.6 

11.3 

1.19 


that its activity had decayed. Thus a sample of carbon which had adsorbed 1.25 
ml. of oxygen by agitation for 19 hr. showed a half-life increase of about 100 per 
cent. However, a carbon which had decomposed hydrogen peroxide and 
adsorbed about 0.40 ml. of oxygen, when used a second time showed greater 
decay, the period of half-life having been increased by 400 per cent. 

The decay in activity may be attributed to the chemisorption of oxygen by the 
carbon to form less active surface oxides. That oxygen derived from hydrogen 
peroxide causes greater decay than molecular oxygen may be explained by as¬ 
suming that the hydrogen peroxide oxygen attacks the active centers where the 
decomposition occurs, while the molecular oxygen does not preferentially poison 
these centers. Since chain mechanisms for the decomposition are involved, this 
effect is very noticeable. 

From the reciprocal of the half-lives of the reaction the temperature coefficient 
is found to be 1.46. However, it should be noted that the temperature coeffi¬ 
cient is very dependent on the decay factor, which may vary for different carbons. 
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If the carbon picks up more oxygen at the lower temperatures and this oxygen 
causes greater decay, the reaction will naturally be slower, the time of half-life 
greater, and the temperature coefficient larger. This in part may account for 
the fact that Fowler and Walton (6) observed the temperature coefficient to be 
only slightly more than 1, while Larsen and Walton found it to be about 1.90. 
Even for the uniformly prepared carbons studied here, the temperature coefficient 
was found to vary for different preparations (see table 3). 

Inhibition by potassium cyanide 

Warburg (19) found that low concentrations of cyanide inhibited certain oxida¬ 
tion reactions in which a nitrogenous carbon having metallic impurities was em¬ 
ployed as catalyst. Skumburdis (16), using potassium cyanide of 1 and 10 per 
cent concentrations, found that the decomposition of hydrogen peroxide by 
carbons was very greatly promoted. Since the effect of equivalent concentra¬ 
tions of hydrogen cyanide was definitely inhibitory, the promotion was explained 
as due to the free alkali formed by hydrolysis. It was of interest therefore to 
determine the effect of low concentrations of potassium cyanide on this reaction, 
using the types of carbons described above. The results of experiments with 
freshly prepared hydrogen peroxide solutions containing 0.001 N potassium cy¬ 
anide are included in table 3. 

For the different nitrogenous carbons the presence of the potassium cyanide 
approximately doubled the time of half-life for the decomposition. However, 
for the lactose carbon little effect was noticed. The nitrogenous carbons ap¬ 
parently contain certain active centers which are responsible for their enormous 
catalytic activity. In addition, other parts of the surface contribute to the 
activity of the carbon. This is evidenced by the effect of the presence of po¬ 
tassium cyanide, which inhibits the action of the nitrogenous carbons but has 
little effect on the lactose carbon. 

The experimental evidence presented supports the oxide theory often used for 
active carbons. According to this theory the properties of active carbons de¬ 
pend largely upon the existence of two types of surface oxides, one formed at 
high, the other at low temperatures. In these carbons the high-temperature 
oxide, best formed at 875°C., catalyzes the decomposition of hydrogen peroxide. 
The decay effect observed when the carbon picks up oxygen shows that such 
oxide centers are capable of being partly destroyed. That such a small amount 
of oxygen can have such a large effect indicates that a great deal of the surface 
may be relatively inactive to begin with. 

The poisoning experiments cited above further indicate that these highly 
active centers probably involve the presence of metallic impurities and nitrogen, 
since the cyanide has been shown by Warburg to be selectively adsorbed on such 
surface complexes of carbon (19). In this connection it is interesting to note 
that for the nitrogenous carbons the order of decreasing catalytic activity ap¬ 
proximates the order of decreasing ash content ( cf . table 1). Since the ash an¬ 
alyzes to show that many metallic constituents are present, it is difficult to en¬ 
large upon this. 
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THE OXIDATION OF HYDROQUINONE 

The catalytic effect of carbon in the autoxidation of solutions of hydro- 
quinone is recorded by Matsui (12), Gandini (8), and others. Gandini states 
that in ether solution Norite rapidly catalyzes the reaction to form quinhydrone, 
which in turn is slowly oxidized to quinone. This reaction was used by the au¬ 
thors to compare the various catalytic activities of the nitrogenous carbons and 
not to determine its exact nature. Most of the carbons used were too inactive 
to carry the oxidation as far as the quinhydrone point. However, in the case of 
the highly active hexamethylenetetramine carbon the reaction proceeded as ob¬ 
served by Gandini. 



Activation Tcmpcbatubi *C 


Fig. 2. The effect of activation temperature on the carbon-catalyzed oxidation of hydro- 
quinone in alcohol. 15-ml. samples of 0.30 molar hydroquinone. 0.100-g. samples of gelatin 
carbon. 


Apparatus and technique 

The same apparatus and technique used for the decomposition of hydrogen 
peroxide were employed, except that absorption instead of evolution of oxygen 
was now measured. 


Effect of temperature of activation 

To determine the optimum temperature for producing an active carbon 
catalyst for this reaction, 0.100-g. samples of gelatin carbon activated at six 
different temperatures were treated with 15 ml. of 0.300 molar hydroquinone in 
oxygen-free 95 per cent ethyl alcohol. The results of the experiments (figure 2) 
show that the gelatin carbon is most active when activated at 875°C. This 
differs from the data of King (9), who for sucrose carbon obtained most activity 
at 420°C. activation and least at 800-900°C. The activity of this 875°C. gelatin 
carbon for this oxidation reaction is much greater than that of King’s sucrose 
carbon. 
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TABLE 4 


Effect of solvent on catalytic oxidation of hydroquinone 


SOLVENT 

OXYGEN ABSORBED IN 30 MIN. 

0.2 g. of 840°C. | 

lactose carbon 

0.2 g. of 840*C, 
gelatin carbon 

O.t g. of 875°C. 
gelatin carbon (C) 


ml. 

ml. 

ml. 

Water. 

0.55 

2.80 

16.65 

Ethyl alcohol (95%). 


2.10 

9.75 

Acetone. 

0.10 

1.40 


Ethyl ether. 

0.05 

0.15 

1.65 

Dioxane. 

0.05 

0.13 

0.50* 


* Amount of oxygen absorbed in 70 min., using 0.2 g. of carbon. 



Time in Minutes 

Fig. 3, The oxidation of 15-ml. samples of 0.50 molar hydroquinone (aqueous), using 
hexamethylenetetramine carbon as catalyst. 

Solvent effect 

To determine the most favorable solvent for the reaction, fixed amounts of 
carbon were added to 15-ml. portions of 0.3 molar oxygen-free solutions. The 
greatest activity was noted in water solutions, followed in order by 95 per cent 
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ethyl alcohol, acetone, ethyl ether, and dioxane. Dioxane almost completely 
suppressed oxidation. The data are given in table 4. 

The decrease in activity with change of solvent does not correspond to 
the changes in oxygen solubility, though it does agree roughly with changes 
in the dielectric constants. Other factors which are involved but which 
were not determined are the relative adsorptive capacities of the carbons to¬ 
wards hydroquinone, quinhydrone, and quinone in the various solvents. Also, 
in the experiments with water the oxidation products, being less soluble, may 
precipitate at much lower concentrations than in the organic solvents. From 
figure 3 it is evident that the products, though insoluble, must be desorbed for 
the catalyst does not lose its activity, the reaction rate remaining constant as the 
oxidation proceeds. 

In the aqueous medium the oxidation actually proceeds somewhat faster in the 
more dilute solutions containing hexamethylenetetramine carbon. Since the 
solubility of oxygen in 0.1 and 0.5 molar solutions of hydroquinone was found to 


TABLE 5 

Catalytic activities of the various carbons 


SOURCE OF CARBON 

WEIGHT USED 

TIME 

OXYGEN 

ABSORBED 

Hexamethylenetetramine.j 

Gelatin. 

(iIuco^ftzonB ... .. i 

grams 

0.075 

0.100 

0.100 

0.100 

0.100 

0.100 

0.100 

minutes 

15 

14 

60 

60 

60 

60 

60 

ml. 

34.00 

41.60 

9.60 

1.05 

0.70 

0.70 

0.40 

Lactose (90%) and hexamethylenetetramine (10%) 

Lactose (90%) and urea (10%). 

Lactose.. 



be the same, the change in rate of reaction with change in concentration cannot 
be explained as due to different oxygen solubilities. 

Catalytic activities of the carbons 

Using 15-ml. samples of aqueous 0.50 molar hydroquinone, the catalytic 
activities of the various carbons activated at 875°C. were compared. The results 
are shown in table 5. When these catalytic activities are compared with those 
found for the decomposition of hydrogen peroxide, it is evident that the order of 
the decreasing activities of the carbons is the same. 

Characteristics and inhibition of the reaction 

The oxidation of 15-ml. samples of 0.50 molar hydroquinone catalyzed by 
hexamethylenetetramine carbon activated at 870°C. has zero-order character¬ 
istics, as shown by figure 3. This fact is useful in making extrapolations to zero 
time to determine the necessary corrections for gases desorbed on wetting the 
carbon. Figure 3 also shows that the smaller the amount of carbon used the 
more the reaction departs from zero order. If less active carbons are used the 
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reaction has no definite order, but is complex. The same is true when the 
hydroquinone concentration is reduced. Thus the zero-order characteristics 
indicate the extent to which this reaction is dependent on factors such as the 
rate of diffusion of the reactants to the catalyst. 

, If the hexamethylenetetramine carbon is previously suspended in water and 
exposed to oxygen for some 20 hr., it shows no catalytic decay as in the hydrogen 
peroxide experiments. 



Fig. 4. The effect of 0.001 N potassium cyanide on the catalytic oxidation of 0.30 molar 
hydroquinone (aqueous). Curves I and II, 0.100 g. of hexamethylenetetramine carbon B; 
curves III and IV, 0.300 g. of 90 per cent lactose and 10 per cent hexamethylenetetramine 
carbon B; curves V and VI, 0.500 g. of lactose carbon. 


The inhibitory effect of 0.001 N potassium cyanide on 0.5 molar hydroquinone 
was also investigated. Some of the data are given in figure 4. For the highly 
active carbon the reaction was very markedly inhibited (r/. curves I and II, 
figure 4), while for the relatively inactive carbons including the lactose carbon 
the reaction was actually promoted (r/. curves V and VI). A carbon selected for 
its intermediate activity showed promotion for the early part of the reaction and 
inhibition thereafter (c/. curves III and IV). 
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Since the potassium cyanide hydrolyzes to give free alkali and since the 
oxidation of hydroquinone in alkaline medium is very rapid, the promoting effect 
of the potassium cyanide in the presence of relatively inactive carbons is probably 
due to the presence of free alkali. When a more active catalyst is used this 
effect may still be observed, but it is more likely to be masked completely by the 
inhibition caused by selective adsorption of the cyanide on the catalytically 
active centers. 

The effect of activation temperature in preparing the carbons indicates that 
few nitrogenous carbons a temperature of 875°C., where the high-temperature 
oxides are supposedly best formed, is the optimum for forming active centers 
with proper spacing. Thus the promotion effect due to the presence of both 
ash and nitrogen is again evident from the potassium cyanide inhibition. How¬ 
ever, exposure of the carbon to oxygen does not modify the activity as for 
the decomposition of hydrogen peroxide, indicating that for the hydroquinone 
oxidation it is not the type of surface oxide that matters but some more funda¬ 
mental factor, such as proper spacing of active points, caused by the presence of 
the nitrogen and ash during formation of the oxide surface at 875°C. 

THE OXIDATION OF POTASSIUM URATE 

The oxidation of an alkaline solution of potassium urate in the presence of 
activated carbon has been studied by Frerejacque (7), Truszkowski (18), Zyl- 
bertal (20), and Larsen and Walton (10). The reaction, which requires 2 moles 
of oxygen to react with 3 moles of potassium urate, is zero order. The method 
of following this reaction was the same as that used for the oxidation of hydro¬ 
quinone. In all experiments 15-ml. samples of an oxygen-free solution contain¬ 
ing 12.5 g. of uric acid and 15.6 g. of potassium hydroxide per liter were treated 
with the various carbons and the rate of oxygen absorption measured. 

Catalytic activities 

The zero-order characteristics of this reaction are very pronounced for the 
highly active hexamethylenetetramine and gelatin carbons. However, for less 
active carbons or for smaller amounts of more active carbons the reaction departs 
from zero order and becomes complex, as in the case of the hydroquinone reaction. 

Since the senior author (10) noted that the activity of sugar carbons increased 
with activation temperature, experiments using the highly active carbons acti¬ 
vated at 875°C. were carried out. The data are given in table 6. Table 6 
shows that the carbons arrange themselves in the same order of decreasing 
catalytic activities as observed for the other reactions studied. 

Inhibition 

Representative results of experiments carried out to determine the inhibition 
due to previous exposure of the carbon to oxygen and the presence of potassium 
cyanide are given in figure 5. Curves I and II show that a hexamethylenete¬ 
tramine carbon when exposed to water and oxygen, as described previously, 
showed a definite catalytic decay. Furthermore, the inhibitory effect of 0.001 
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N potassium cyanide was evident for all the nitrogenous carbons, being most 
pronounced for the highly active hexamethylenetetramine carbon (cf. curves I 
and III). For the lactose carbon, however, the potassium cyanide had no 

TABLE 6 

The oxidation of potassium urate 


flOUSCE OF CAXBON 

WEIGHT USED 

OXYGEN 

ABSOSBED 

TIME 

Hexamethylenetetramine. 

grams 

0.100 

0.200 

0.200 

0.200 

0.200 

0.200 

ml . 

10.50 

10.60 

10.20 

10.10 

10.20 

4.35 

0.85 

minutes 

1.25 

6 

8 

30 

30 

30 

30 

Gelatin. 

Glucosazone. 

Lactose (90%) and hexamethylenetetramine (10%) 

Lactose (90%) and urea (10%). 

Lactose. 

None. 



Fig. 5. The effect of 0.001 N potassium cyanide on the catalytic oxidation of potassium 
urate. Curves I, II, and III, 0.100 g. of hexamethylenetetramine carbon B; curves IV and 
V, 0.100 g. of glucosazone carbon; curves VI and VII, 0.300 g. of lactose carbon. 

effect (curves VI and VII), showing that the reaction on the normal carbon 
surface was unaffected by the presence of the poison. 

The experiments for this reaction again indicate that the more active nitro¬ 
genous carbons owe their catalytic activities to active centers which have both 
nitrogen and ash present as promoting agents and which may be selectively 
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poisoned by Adsorbing the cyanide. Here the type of oxide may also be of 
significance, since decay occurs on exposure to oxygen. Thus the mechanism of 
the oxidation of alkaline potassium urate probably differs from that for the oxi¬ 
dation of hydroquinone, since for the latter reaction the carbon shows no decay 
on exposure to oxygen. 

DETERMINATIONS OP SURFACE AREA 

Effect of nitrogen on subdivision of carbons ; 

All the nitrogenous carbons studied in this laboratory are considerably more 
active as catalysts than the carbons prepared from non-nitrogenous materials. 
It is generally agreed (13,14) that the presence of nitrogen in organic compounds 
produces carbons with relatively larger surfaces. From photomicrographs 
(110 magnification) of the six carbons studied it is evident that the nitrogenous 
carbons had undergone considerably more rupturing than the lactose carbon. 
Figure 6 gives an illustration of this. 

When the photomicrographs of the carbons are arranged in the order of their 
decreasing particle sizes, one obtains approximately the same order as that ob¬ 
served for the decreasing catalytic activities. The catalytic properties studied 
often differed so greatly that moderate differences in surface area can hardly ac¬ 
count for these variations. 

Further proof that nitrogenous carbons in general have more surface than 
sugar carbons is shown by the measurement of their bulk densities, as described 
by McBain (11). Table 7 shows that nitrogenous carbons are more dispersed, 
but there is no correlation between bulk densities and catalytic activities. 

Absolute surface areas, etc. 

Since more accurate observations were desirable, the absolute surface areas 
were determined by the gas-adsorption method of Emmett and Brunauer (4). 
Surface areas were calculated from the amount of nitrogen necessary to cover the 
carbon surface with a. monolayer of gas. An adsorption apparatus of Pyrex 
resembling that of Benton and White (2) was used. Before measuring the ad¬ 
sorption, each sample of carbon was evacuated at 10~ 3 mm. pressure for 16 hr. at 
a temperature of 360-400°C. The surface areas are given above in table 7, one 
column being calculated from the slope of a straight-line function for the isotherm 
described by Emmett, the other from the observed saturation point found on the 
normal isotherm. The results show that there is no direct correlation between 
these absolute surface areas and the catalytic activities observed. 

Experiments on adsorption of iodine were also carried out on the various 
carbons. The milligrams of iodine adsorbed per gram of carbon are given in table 
7. It is significant that the ratio of absolute surface area to the amount of 
iodine adsorbed is fairly constant, best agreement being obtained with surface 
area values calculated from the observed saturation value of nitrogen on the 
carbon. Thus for these carbons each milligram of iodine absorbed is equivalent 
to about 10 square meters of absolute surface area, as found by the low-tempera- 
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146 


PAUL F. BENTE AND JAMES H. WALTON 


ture nitrogen-adsorption method. After this work was begun, Smith, Thornhill, 
and Bray (17) showed that for carbon blacks absolute surface areas are propor¬ 
tional to iodine adsorption. In their work they found that 1 mg. of iodine is 
equivalent to 0.77 square meter of absolute surface area, a value which is in keep¬ 
ing with the possibility of the formation of a monolayer of adsorbed iodine. If 
the adsorbed iodine does form a complete monolayer on the carbon, then the 
active carbons used here must have nearly 90 per cent of their absolute surface 
area in micropores which are inaccessible to the iodine molecule. Such a value is 
probably too high and indicates rather that the type of surface as well as the 
available surface determines the amount of adsorption. In support of this may 
be cited the evidence of Larsen and Walton (10), showing that adsorptive ca¬ 
pacity t owards iodine decreases materially if the carbon is allowed to stand over¬ 
night in contact with hydrogen peroxide, a condition which brings about, a change 
in the surface' oxide but which cannot change the surface area materially. 


TABLE 7 

Surface properties of the carbons 




1 ABSOLUTE SURFACE AREA 


j 

SOURCE OF CARBON 

BULK DENSITY 

1 _ 

1 

From slope 

From 

observed 

saturation 

IODINE 

adsorbed 

RATIO OF 
COLUMN 3 
ro (OLCvrv 4 




point 




grams per cc. 

j(7. m. 
per gram 

sq. m 
per gram 

mg per gram 


Hexamethylenetetramine 

0.103 

2080 

1980 

181 1 

10.9 

Gelatin 

0.590 

575 

! 556 j 

53 | 

10 5 

Glucosazone 

Lactose (90%) and hexamethyl¬ 

0.442 

960 

977 

101 

9.9 

enetetramine (10%) 

0.596 

802 

799 

87 

9 2 

Lactose (90%) and urea (10%) i 

0.562 

907 

908 

99 

9.2 

Lactose ■ 

! 

0.703 

896 

896 

94 

9 5 


Thus one may conclude that, though iodine-adsorption values are directly 
proportional to absolute surface areas, the proportion holds only when a com¬ 
parison of similarly prepared carbons is made. Once the proportion for a given 
type of carbon has been determined, the absolute areas may be calculated ap¬ 
proximately from the iodine-adsorption values, but only for carbons of that type. 

The gelatin carbon is of special interest, since it has very high catalytic activity 
for the three reactions studied but by far the lowest adsorptive capacity towards 
iodine in solution and nitrogen gas at low' temperatures. This same carbon, 
when tested for phenol adsorption (1), was found to be very inferior to a com¬ 
mercial carbon used in water purification. However, the* commercial carbon was 
much less effective than the gelatin carbon for decomposing hydrogen peroxide 
solutions. 

If the various carbons had the same number of catalytically active points of the 
same kind in a given area, one might logically expect the catalytic activities to be 
directly proportional to the surface areas. That no such correlation exists is not 
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very surprising, since the carbons vary considerably in both ash and nitrogen 
content, both of which are believed to have pronounced promotion effects. It is 
more surprising that the carbons show the same order of catalytic activities for 
all three reactions. 


SUMMARY 

The catalytic activities of several nitrogenous carbons and one sugar carbon 
were compared by measuring their effects on the rate of decomposition of hydro¬ 
gen peroxide, the rate of oxidation of hydroquinone in various solvents, and the 
rate of oxidation of alkaline potassium urate. The optimum temperature of 
activation was found to be 875°C. The carbons can be arranged in the same 
order of decreasing activity for all three reactions. The carbon prepared from 
hexamethylenetetramine showed exceptional catalytic activity. 

The decay factor in the decomposition of hydrogen peroxide is shown to be 
due to adsorption of oxygen on the active centers and is explained on the basis of 
the oxide theory. The possible effect of such decay on the temperature coeffi¬ 
cient is discussed. Decay on exposure to oxygen was also noted for the oxida¬ 
tion of potassium urate but not for the oxidation of hydroquinone. 

Potassium cyanide (0.001 N) inhibits the catalytic action of the nitrogenous 
carbons in all three reactions. It does not affect the catalytic properties of 
lactose carbon. The inhibitory effect indicates that a small per cent of the total 
surface of the nitrogenous carbon is responsible for most of the catalytic activity. 

Photomicrographs of the carbons were prepared and the bulk densities de¬ 
termined. The absolute surface areas measured by the low-temperature gas- 
adsorption method were found to be proportional to the iodine adsorptive 
capacities of the carbons. No direct correlation was found to exist between 
these sorptive properties and the catalytic properties of the carbons. 
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The orthorhombic salts MgNH 4 P0 4 • 6H 2 0 and MgNH 4 As0 4 * 6H 2 0 are isomor- 
phous. Their axial ratios are almost identical, being as follows (2): 

MgNH 4 P0 4 -6H 2 0 a:b:c « 0.5667:1.0:0.9122 

MgNH 4 As0 4 • 6H 2 0 a:b:c « 0.5675:1.0:0.9122 

Analytical use of the mixed-crystal formation between the phosphate and the 
arsenate is made in the quantitative coprecipitation of traces of dissolved arsenate 
with magnesium ammonium phosphate (1). The arsenate in the precipitate is 
determined by classical procedures. In this way as little as 0.075 mg. of arsenic 
dissolved in 500 ml. of solution could be determined with an accuracy of 2 per 
cent. The quantitative coprecipitation is accomplished by adding 500 mg. of 
phosphorus pentoxide in the form of monopotassium phosphate, 1 ml. of hydro¬ 
chloric acid, and 10 ml. of magnesia mixture 2 to 500 ml. of solution. The solu¬ 
tion is neutralized with ammonia and after most of the precipitate has been 
formed, 5 ml. of concentrated ammonia is added. The precipitate is filtered after 
2 to 4 hr. of standing and washed with dilute ammonia. 

MECHANISM OF THE COPRECIPITATION 

The quantitative precipitation of small amounts of arsenate in the absence of 
phosphate requires a long time. This precipitation from supersaturated solu¬ 
tions is promoted by the addition of magnesium ammonium phosphate. Even 
fairly perfect crystals of magnesium ammonium phosphate which are not subject 

1 This paper is based upon a thesis submitted by C. W. Carr to the Graduate School of 
the University of Minnesota in partial fulfillment of the requirements for the degree of 
Master of Science, June, 1939. 

9 Fifty grams of MgCL * 6H*0 and 100 ml. of water. A slight excess of ammonia was 
added and the solution allowed to stand overnight. If a precipitate was formed, the solu¬ 
tion was filtered from it. It was then slightly acidified with hydrochloric acid and diluted 
to 1 liter. 
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to pronounced recrystallizations in the precipitation medium promote the precip¬ 
itation of arsenate. The Crystals of the phosphate, being isomorphous with the 
arsenate, aid in overcoming the supersaturation of magnesium ammonium 
arsenate. Moreover, the phosphate promotes the precipitation as a result of 
surface exchange: 

MgNH 4 PO 4 • 6H 2 0 + AsOr~“ *=± MgNH 4 As 04 * 6 H 2 0 + P07” 
surface solution surface solution 

The speed of precipitation of the arsenate increases with increasing surface of the 
magnesium ammonium phosphate added. The above views were substantiated 
by adding well-aged crystals of magnesium ammonium phosphate to an ammo- 
niacal mixture of arsenate and magnesia mixture. The well-aged crystals were 
prepared by slow precipitation and allowing the precipitate to stand in contact 
with the mother liquor for 2 days before filtration. The crystals were washed 
with dilute ammonia and alcohol, and made air-dry. Part of the crystals was 
ground finely in a mortar to increase the magnitude of the surface. The effect 
of the crystals upon the speed of precipitation of the arsenate was studied in the 


TABLE 1 

Arsenate added after precipitation of MgNILPCh-BHjO 
Five milliliters of arsenate required 4.49 ml. of 0.01 N iodine 


Time of addition of 
arsenate in 
minutes. 

0* 

1 

2 

5 

10 

30 

60 

960 

Milliliters of 0.01 N 
iodine. 

4.49; 4.50 

4.38; 4.40 

4.31; 4.36 

4.30 

3.99 

3.84 

3.82 

3.82 


* Coprecipitation. 


following way: Five milliliters of 0.01 N arsenate, 10 ml. of magnesia mixture, 
and 5 ml. of concentrated ammonia were diluted to 250 ml. and shaken for 2 hr. 
Some of the arsenate was precipitated after this time. Then 400-mg. portions 
of the ground or unground crystals of the phosphate were added and the shaking 
was continued for various periods of time. Using the unground sample the fol¬ 
lowing results were obtained: amount of arsenate precipitated in per cent after 
shaking for 2 hr. (after addition of phosphate) 86; after 4 hr., 89; after 18 hr., 90. 
Use of the ground sample of the phosphate crystals yielded the following results: 
amount of arsenate precipitated in per cent: after 2 hr., 92; after 4 hr., 94; after 
18 hr., 95; after 5 days, 98. Hence, the speed of precipitation of arsenate in¬ 
creased with increasing surface of the magnesium ammonium phosphate exposed 
to the solution. The speed of precipitation could be increased by working with 
less perfect crystals of magnesium ammonium phosphate. This is shown by the 
following experiments: Ten milliliters of magnesia mixture was added to 190 ml. 
of solution containing 50 mg. of phosphorus pentoxide. The solution was made 
ammoniacal. After most of the magnesium ammonium phosphate had separated 
(2 min.), 5 ml. of concentrated ammonia was added. At specified intervals after 
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the addition of ammonia 5 ml of 0.01 N arsenate was added, and the latter de¬ 
termined in the precipitate after 2 hr. of shaking, 'the results are reported in 
table 1. It is seen that the magnesium ammonium phosphate perfects itself 
readily. After aging for half an hour its effect upon the speed of precipitation 
of arsenate was found the same as after aging for 10 hr. 

DISTRIBUTION COEFFICIENT D 

The distribution of the arsenate and phosphate between solution and the 
mixed crystals can be given by the following expression: 



In this expression the symbol a denotes the activity, and D ' the thermo¬ 
dynamic distribution coefficient. Since the arsenate and phosphate ions are of 
the same valence and charge, and the ionization constants of arsenic and phos¬ 
phoric acids are about the same, we can write concentrations instead of activities 
of the dissolved ions. Assuming that the solid system is ideal, mole fractions, 
N, instead of activities in the solid are written. In this way we obtain: 



We have tried to determine the distribution coefficient D given in expression 2. 
In order to do so, magnesia mixture was precipitated with an excess of a mixture 
of phosphate and arsenate. After various periods of shaking at room tempera¬ 
ture the phosphate and arsenate were determined in the precipitate. The great 
difficulty experienced in these experiments was to secure homogeneous distribu¬ 
tion of the constituents in the solid phases. If the precipitation was carried out 
slowly and the phosphate was added to the magnesia mixture before the arsenate, 
the precipitate contained much more phosphate than corresponded to equilibrium 
conditions even after a month of shaking, The reverse was found if the arsenate 
was added to the magpesia mixture before the phosphate. When the precipita¬ 
tion was made slowly with a mixture of phosphate and arsenate, equilibrium was 
approached after a day of shaking. 

Much better agreement between the three different sets of experiments was 
obtained by making the precipitation very quickly. Under such conditions the 
primary precipitate is highly imperfect and is subject to frequent recrystalliza¬ 
tions upon shaking with the mother liquor. The experiments reported in column 
C of table 2 were carried out in the following way: In a 125-ml. bottle were placed 
2 ml. of magnesia mixture (0.2708 M in magnesium), 50 ml. of 0.0281 M monopo¬ 
tassium phosphate, and 25 ml. of 0.005 M arsenate. The solution was neutra¬ 
lized with concentrated ammonia and 5 ml. of ammonia added in excess at once. 
The system was shaken for various periods of time and analyzed. In the experi¬ 
ments reported in column A the arsenate was added 5 sec. after precipitation of 
magnesium ammonium phosphate; in set B the phosphate was added 5 sec. after 
precipitation of magnesium ammonium arsenate. 
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It was gratifying to see that the values of D obtained in the three sets of 
experiments, A, B, and C, were the same after 1 day of shaking. The peculiar 
result that the distribution coefficient started to increase upon very long periods 
of shaking (series C) might be explained by the instability of the precipitate. 
Mellor (2) states, e.g., “When MgNH 4 As 04 - 6 H 2 0 is digested with water for a 
long time, crystals of Mg 3 (AsO4)2-10H 2 O appear.” Similar statements are 
found in other handbooks of inorganic chemistry. 

Apparently, method C after 1 day of shaking yields the true value of the distri¬ 
bution coefficient. Method C was applied in a set of experiments in which the 


TABLE 2 

Distribution coefficient, D, found by various methods at room temperature (25°C.) 


TIME OF SHAKING 

A* 

Bt 

ct 

30 mm. 

5.0 

4.1 

4.7. *' 

3 hr. 

5.4 

4.4 

5»2 

1 day. 

5.6 

5.6 

: 5.5 

1 week. 

5.8 

5.4 

5.7 

(2 weeks. 



6.6) 

(1 month . 

v i 



8.3) 


* A: Primary precipitate magnesium ammonium phosphate, 
t B: Primary precipitate magnesium ammonium arsenate. » 

t C: Precipitation made with mixture of arsenate and phosphate. 


TABLE 3 

Distribution coefficient, D , at varying composition of the mixed crystals 


MOLAR RATIO 

As04 

ro< 

INITIALLY 

MOLE FRACTION .V^sO* IN PRECIPITATE 

D 

4.43 

0.60 

5.9 

2.99 

0.495 

5.5 

0.89 

0.179 

5.6 

0.089 

0.023 

5.8 

0.044 

0.011 

5.60 

(0.0089 

0.007 

1.3) 


mole fraction of phosphate and of arsenate in the mixed crystals was varied 
within very wide limits. The results of these experiments are given in table 3. 
Between 1 and 60 mole per cent of arsenate in the mixed crystals the distribution 
coefficient (equation 2) was found sensibly constant, the average value being 5.65. 
If the system were ideal, the distribution coefficient should be equal to the ratio of 
the solubility products of magnesium ammonium arsenate and magnesium ammo¬ 
nium phosphate. A comparison of our calculated value with the actual data is 
not possible, as the solubility products of magnesium ammonium arsenate and 
magnesium ammonium phosphate are not given in the literature. From solu¬ 
bility determinations carried out by Wenger (3) one would conclude that the 
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solubilities of the phosphate and the arsenate are of the same order of magnitude. 
The ratio of the solubilities of both salts reported by Wenger, however, fluctuated 
in an irregular way, with the composition of the medium. 


SUMMARY 


The distribution coefficient 


D = 



has been determined at 25°C. Over a range of mole per cents of 1 to 60 of arsen¬ 
ate in the solid phase, D was found constant and equal to 5.65 ± 0.2. 
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Considerable evidence has accumulated supporting the thesis that catalysis 
arises from peculiarities in the atomic or molecular constitution of the catalyst. 
Investigation has definitely connected electric phenomena with the 4 ‘active cen¬ 
ters” on which catalysis actually takes place. Thus, Richardson (27) revealed 
that electron emission from a hot surface occurs in localized patches, Thompson 
(43) showed that thermionic emission from a platinum wire began when the wire 
was raised to the temperature at which the union of hydrogen and oxygen at the 
surface began, and Langmuir (16) noted that poison sufficient to' suppress 
catalysis on a tungsten wire also suppressed thermionic emission. Furthermore, 
the difference in the catalytic power of substances for accelerating gas combustion 
diminishes with rising temperature, becoming the same for all substances at 
incandescence. It is noteworthy that metals capable of varied catalytic activity 
are grouped in and close to the transition group of the Periodic Table. These 
elements are metals of variable valence (17) and poorly defined electron sub¬ 
groups. In the case of compounds, colored substances containing loosely bound 
electrons seem to be prefered (28,33). Goldschmidt (9) and Russell (29) assume 

1 Present address: Box 975 (Catalytic Laboratory), Buffalo, New York. 
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that electrons in the inner shells of the metals enter into resonance with adsorbed 
atoms so as to bind them in a homopolar manner. These observations have led 
Taylor to the conclusion that “the lattice parameter . .. would not... be the 
sole parameter for catalytic activity” (35), i.e., the parameter must be more 
intimately related to the inner structure of the atom. These catalytic forces 
are relegated to “active centers” of the catalyst surface, which differ in kind as 
well as in degree. Taylor (42) views active centers as being edge, peak, and 
corner atoms having powerful free valences; Schmidt (31) considers them to be 
fissures or pores of atomic dimensions; and Smekal (37) regards them as imper¬ 
fections in the crystal surface emitting a powerful electrical field. It is apparent 
that catalytic forces are free to act only where there is discontinuity in the 
medium (10, 40, 44). This is supported by data on sintering and promotor 
action. 

The lattice parameter mentioned above has been developed by a number of 
investigators. Catalytic action has often been ascribed to the power of catalysts 
to orient molecules adsorbed at their surfaces. The fact of orientation has been 
demonstrated by Langmuir (16), Germer (8), Palmer and Constable (24), Dohse 
and Kalberer (6, 7), and many others. Sherman and Eyring (36) showed that 
there is an optimum carbon -carbon distance in the adsorption of hydrogen on 
charcoal. Raschig (26), Boeseken (4), and Bodenstein (3) concluded that de¬ 
formation on adsorption was the cause' of activation and postulated that when 
two atoms of a reactant molecule are adsorbed on different catalyst atoms a bond 
is broken. Balandin (1) and Burk (5), working along the same lines, developed 
the multiplet hypothesis, according to which catalysis arises from the geo¬ 
metrically determined action of various catalyst centers. The geometric ar¬ 
rangement is determined by the metallic lattice', the constants of which must be 
within definite limits. This concept has met with some success (21), but leaves 
much to be explained, since most evidence loads to the conclusion that a disor¬ 
derly surface favors catalysis. In order to test these theories, an attempt will be 
made in this paper to correlate the behavior of a number of metals towards the 
decomposition of ethylene and carbon monoxide with their physical properties. 

EXPERIMENTAL 

Apparatus 

The apparatus consisted simply of two water-jacketed gas burets mounted on a 
swivel, making it possible to measure the gases in a vertical position and then to 
swing the buret to a nearly horizontal position when connected directly to the 
catalyst chamber. This latter was done in order that the change in static head 
during the flow of the gases should be negligible. The confining liquid was 1 
per cent sulfuric acid. The rate of flow of the gases was controlled by a short 
piece of fine capillary. The reaction chamber was designed to provide for pre¬ 
heating of the gases and to avoid as much free space as possible. The free space 
was about 20 cc. The temperature was maintained constant to 1°C. and was 
determined by a thermoelectric pyrometer. 
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Procedure 

The respective gas or gaseous mixture was measured in the first buret and then 
passed at the rate of 12 cc. per minute over the catalyst. The effluent gases 
were measured in the second buret and then analyzed by a modified Orsat appara¬ 
tus. Rims with fresh samples were made in rapid succession until the volume 
change checked to 0.5 cc. Each sample was passed over the catalyst once. 
With each metal, runs were made first with ethylene, then the system was 
evacuated and washed with carbon monoxide, and runs were made with carbon 
monoxide. The system was then washed with the equimolecular mixture, and 
runs were made with the mixture. Determinations, using the same catalyst, 
were first made with rising temperatures and then with decreasing temperatures. 
The carbon deposited had no apparent effect on the activity of the catalyst, ex¬ 
cept to obstruct the flow of gases. The results were readily reproducible and the 
accuracy of all measurements, except the determination of ethane and methane 
by combustion, was easily within 1 per cent. Ten per cent accuracy, however, is 

sufficient for the conclusions drawn. 

■ I '• * 

• Preparation of the catalysts 

The preparation of the catalysts, in the cases of iron, cobalt, copper, nickel, 
palladium, and zinc, was carried out by adding prepared asbestos to a saturated 
solution of the respective metal nitrate, evaporating to dryness, calcining, and 
reducing with hydrogen. The metal nitrates were of c.p. stock. The asbestos 
was boiled in concentrated sodium hydroxide, washed, boiled in hydrochloric 
acid, and then washed until no further test could be obtained for chloride. In 
each case, the nitrate was calcined at 450-500°C., the temperature being allowed 
to rise slowly while a current of air was passed through the tube to remove nitrous 
oxides* Reduction was allowed to proceed for 16 hr. at the following tempera¬ 
tures: iron, 450°C.; cobalt, 400°C.; nickel, 300°C.; copper, 300°C.; palladium, 
150°C.; zinc, 410°C. The palladium solution was not saturated. Platinum was 
prepared by treating the asbestos with ammonium hydroxide followed by chloro- 
platinic acid, drying, and then heating slowly to 150°C. for 12 hr., hydrogen being 
passed over the mass for the last 6 hr. Osmium was prepared by oxidizing 1 
g. of osmium to osmium tetroxide in a stream of oxygen and distilling the tetrox- 
ide into a flask containing 100 cc. of slightly alkaline water and 8 g. of asbestos. 
The mixture was treated with 10 cc. of 37 per cent formalin and then dropwise 
with IS cc. of 40 per cent potassium hydroxide and heated for 30 min. at 60°C., 
dried* washed, dried, and reduced at 150°C. with hydrogen. 

Preparation of the gases 

Preparation of the gases was accomplished in the case of carbon monoxide by 
dehydrating formic acid on sulfuric acid. The gas analyzed 100 per cent pure. 
The ethylene was a commercial product testing 98 per cent ethylene and 2 per 
ce#t ethane. 
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TABLE 1 


The decomposition products of ethylene 


METAL 

TEM¬ 

PERA¬ 

TURE 

VOLUME 

PERCENTAGE OF 

A 

B 

Change 

C 2 H 2 

C 5 H< 

H* 

CsHe 

CH* 


°C. 

cc. 

cc. 

cc 






Cobalt. 

260 

98.0 

95.0 

3 (d) 

0.0 

68.4 

2.1 

14.7 

14.8 


275 

98.0 

80.0 

18 

0.0 

31.2 

3.1 

35.4 

30.5 


285 

98.0 

84.0 

14 

0.0 

2.4 

8.3 

49.4 

40.0 


300 

98.0 

86.0 

12 

0.0 

0.0 

8.1 

25.9 

66.0 


340 

96.5 

93.0 

3.5 

0.0 

0.0 

14.0 

0.0 

86.0 


370 

95.0 

93 0 

2.0 

0.0 

0.0 

12.8 

0.0 

87.2 


400 

88.5 

98.5 

7. (i) 

0.0 

0.0 

14.6 

0.0 

85.4 

Copper. 

420 

91.0 

93.5 

2.5 (i) 


67.4 

19.0 

13.6 

0.0 


440 

88.0 

92.0 

4.0 

0.0 

54.3 

26.1 

19.6 

0.0 


460 

90.0 

96.0 

6.0 

1.0 

27.1 

38.5 

34.4 

0.0 


500 

77.5 

100.0 

22.5 

0.0 

6.5 

47.3 

23.1 

23.1 


530 

72 0 

94.0 

i 

22.0 

0.0 

1.1 

61.7 

14.9 

22.3 

Iron. 

340 

93.0 

i 

95.0 

2.0 (i) 

0.0 

74.0 

14.4 

12.3 

0.0 


355 

89.0 

94.0 

5.0 


28.1 

36.0 

7.3 

38.6 


380 

85.0 

95.0 

10.0 


0.5 

50.6 

5.9 

42.4 


425 

80.0 

94.5 

14.5 

0.0 

0.0 

57.2 

11.4 

31.4 


455 

77.0 

94.0 

17.0 

1.6 

0.0 

44.7 

13.8 

41.4 


510 

76.0 

100. 

26,0 

0.0 

0.0 

58.0 

3.4 

38 6 

Nickel. 

210 

95.5 

92.0 

3.5 (d) 

0 

83.8 

0.0 

16.2 

0 0 


250 

98.0 

83.0 

15 0 

0.0 

45.8 

0.0 

43.3 

10.9 


280 

98.0 

72 0 

26.0 

0.0 

0.0 

1.0 

64.4 

34.6 


350 

98.0 

91.0 

7.0 | 

0.0 

0.0 

0.0 

3.0 

97.0 


400 

98.0 

102.0 

4.0 (i) 

0.0 

0.0 

1.0 

0.0 

99.0 

Osmium.. 

340 

88.0 

91.0 

3.0 (i) 


87.0 

2.2 

4.4 

5.4 


470 

87.0 

93.0 

6.0 


33.4 

2 2 

4.4 

60.0 

Platinum. 

410 

97.0 

83.0 

14.0 (d) 

1.8 

64.0 

4.8 

3.9 

25.2 


435 

98.0 

73.0 

25.0 

0.0 

28.0 

9.6 

0.0 

62.4 


460 

97.0 

89.0 

8.0 

0.5 

0.5 

34.8 

0.0 

64.2 


480 

98.0 

89.0 

9.0 

1.1 

0.5 

36.5 

20.9 

41.0 


495 

98.0 

96.0 

2.0 

1.0 

1.0 

43.3 

0.0 

54.7 


525 

89.0 j 

98.0 

9.0 (i) 

0.5 

0.5 

57.2 

0.0 

41.0 


(d) * decrease; (i) ® increase. 


RESULTS 

A. The decomposition of ethylene 

The results of table 1 show that the metals are quite varied in their action on 
ethylene. Nickel and cobalt produce ethane and methane, witli the percentage 
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of methane increasing with increasing temperature. Very little hydrogen is 
produced. This would indicate that nickel and cobalt are active in dehydro¬ 
genation, but that the hydrogenation process is immediate, forming ethane. As 
the temperature increases, carbon-carbon bonds are broken, resulting in the 
formation of methane. With iron as a catalyst, large amounts of hydrogen are 
formed, increasing with temperature. Also, much larger percentages of methane 
than of ethane are produced. Hence, iron is efficient in breaking both carbon- 
carbon and carbon-hydrogen bonds, but is less efficient in hydrogenation. Cop¬ 
per, on the other hand, is efficient in breaking carbon-hydrogen bonds, but not 
efficient in breaking carbon-carbon bonds, for when copper is used as a catalyst, 
much hydrogen is produced, but no methane is produced J>elow 500°C. Pre¬ 
sumably the two carbons are stripped of their hydrogen atoms and deposited 
together. Like iron, platinum breaks the carbon-carbon bond and produces 
much methane. Large proportions of hydrogen are also produced. The only 
analysis made in the case of palladium and zinc was for the ethylene content. 
Correction was made for the ethane originally present. 



Fio. 1. Showing the relative efficiencies of the metals in the decomposition of ethylene 

At temperatures above 400°C. the metals iron, nickel, cobalt, and platinum 
all produce large amounts of methane. This differentiates them from copper. 
Copper, iron, and platinum are differentiated from nickel and cobalt in that they 
produce large amounts of hydrogen. The homogeneous decomposition at these 
temperatures is negligible. 

JS. The ethylene-carbon monoxide mixture 

As seen from table 2, carbon monoxide does not poison any of the metals 
tested towards the decomposition of ethylene. There is an apparent lowering 
of 10-60°C. in the 90 per cent decomposition temperature of ethylene. This 
might have been due to the halving of the volume rate of flow of the ethylene, but, 
on the other hand, the partial pressure of ethylene was also halved. No con¬ 
sistent results were obtained for the carbon monoxide in the mixture. Ap¬ 
parently a portion was hydrogenated to methane, since the relative proportion 
of hydrogen in the products is less for the mixture than for the ethylene alone, 
while the proportion of methane produced is greater in the case of the mixture. 
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In the case of nickel and cobalt, the carbon monoxide appears to have prevented 
the hydrogenation of ethylene to methane, since for these two metals a much 
larger proportion of ethane appears in the products of the pure ethylene than 
in the products of the mixture, while the amounts of hydrogen are in the reverse 
order. Carbon monoxide is known to be a strong poison for hydrogenation 

TABLE 2 


The decomposition products of the equimolecular ethylene-carbon monoxide mixture 


METAL 

TEM¬ 

PERA¬ 

TURE 

VOLUME 

PERCENTAGE OF 

PER 

CENT 

CsH4 

REACT¬ 

ING 

A 

B 

Change 

CO* 

CsH* 

C2H4 

CO 

H* 

OHo 

cm 



cc. 

cc. 

cc. 









Cobalt. 

255 

97.0 

86.0 

11.0 (d) 

6.6 

0.0 

35.2 

24.2 

4.4 

22.1 

7.5 

41.2 


270 

97.0 

73.0 

24.0 

12.3 

0.0 

9.6 

23.3 

11.0 

26.2 

17.6 

85.6 


275 

97.0 

69.0 

28.0 

14.5 

0.0 

2.9 

20.3 

13.0 

14.3 

35.0 

96.0 


305 

98.0 

66.0 

32.0 

24.6 

0.0 

0.0 

0.0 

6.2 

18.1 

51.1 

100.0 


360 

98.0 

79.0 

19.0 

21.3 

0.0 

0.0 

1.6 

8.2 

15.4 

53.5 

100.0 

Copper. 

305 

97.0 

93.0 

4.0 

6.5 

0.0 

49.5 

42.0 




5.2 


355 

98.0 

94.0 

4.0 

9.6 

0.0 

34.0 

28.7 

3.2 

24.5 

0.0 

43.6 


410 

96.0 

95.0 

1.0 

7.4 

0.0 

19.0 

29.5 

12.6 

3.0 

28.5 

63.3 


440 

91.0 

92.5 

1.5 (i) 

9.2 

0.0 

4.3 

21.6 

9.7 

0.0 

54.2 

91.4 

, 

490 

92.0 

97.0 

5.0 

8.2 

0.0 

0.0 

25.8 

19.6 

0.0 

46.6 

100.0 

Iron. 

300 

98.0 

91.0 

7.0 (d) 

16.5 

0.0 

43.9 

13.2 

5.5 

20.9 

0.0 

16.3 


330 

98.0 

91.5 

6.5 

17.5 

0.0 

9.9 

10.9 

33.9 

11.0 

16.7 

81.5 


350 

93.5 

94.5 

1.5 a) 

19.0 

0.0 

0.0 

6.3 

43.4 

7.8 

23.5 

100.0 


410 

97.0 

96.5 

0.5 (d) 

17.6 

0.0 

0.0 

6.3 

39.8 

2.3 

34.0 

100.0 


440 

93.5 

93.0 

0.5 

16.1 

0.0 

0.0 

8.6 

41.9 

6.6 

26.6 

100.0 


490 

95.0 

94.0 

1.0 

16.1 

0.0 

0.0 

9.7 

45.2 

0.0 

29.0 

100.0 

Nickel. 

160 

96.0 

89.0 

7.0 

6.7 

0.0 

40.4 

31.5 

3.4 

12.6 

5.4 

25.1 


175 

98.0 

90.0 

8.0 

6.7 

0.0 

30.3 

31.1 

2.2 

26.4 

3.4 

38.7 


205 

97.0 

75.0 

22.0 

7.7 

0.0 

5.1 

43.6 

6.4 

22.7 

14.5 

91.6 


250 

98.0 

74.0 

24.0 

17.7 

0.0 

0.0 

21.6 

2.7 

39.4 

19.7 

100.0 


300 

98.0 

72.0 

26.0 

25.0 

0.0 

0.0 

8.3 

2.1 

24.5 

40.2 

100.0 


390 

97.0 

73.0 

24.0 

24.6 

0.0 

0.0 

2.7 

1.4 

0.0 

71.0 

100.0 

Platinum. 

390 

98.0 

95.0 

3.0 

8.4 

0.0 

20.0 

37.0 

10.0 

14.4 

7.2 

38.8 


420 

98.0 

94.0 

4.0 

7.5 

0.0 

7.5 

33.7 

16.0 

0.0 

35.3 

83.8 


455 

97.0 

94.0 

3.0 

5.3 

0.0 

2.1 

22.0 

29.8 

22.4 

18.4 

87.9 


485 

95.0 

100.0 

5.0 (i) 

7.0 

0.0 

0.0 

28.0 

30.0 

3.0 

32.0 

100.0 


525 

95.0 

100.0 

5.0 

11.0 

0.0 

0.0 

36.5 

25.0 

6.3 

21.2 

100.0 


catalysts. Zinc, palladium, and osmium were tested only for the ethylene con¬ 
version. No correction was made in this case for the ethane originally present. 

C. The decomposition of carbon monoxide 
The decomposition of carbon monoxide proceeds as follows: 

2CO —* CO 2 C 
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Only iron, cobalt, and nickel were efficient in the decomposition of carbon 
monoxide. It is significant that these are the only metals of the group which 
form carbonyl compounds. The decomposition of carbon monoxide on cobalt 
reaches a maximum at 400°C. and thereafter declines. Similarly, the reaction 
on iron reaches its maximum at 400°C. and thereafter declines. The reaction 
on nickel increases steadily with temperature and, at the maximum temperature 
used, no retarding has appeared. Iron and cobalt, which show retarding, both 
form several carbonyls; nickel forms only one. The Monds and coworkers have 
investigated the metal carbonyls (18,19). 

t 

CONCLUSIONS 

Since the purpose of this research was an effort to correlate the catalytic 
activity of the metals with their physical and chemical properties, the data of 
table 3 are of interest. It is apparent that the adsorptivity of the metal for 
the gas is not the controlling factor. Platinum and palladium both have high ad- 



Fig. 2 . Showing the relative efficiencies of the metals in the decomposition of carbon 
monoxide. 

sorptivity for carbon monoxide, but neither one of these metals activates its de¬ 
composition. Platinum to a large extent, and copper to a smaller extent, have 
much greater adsorptivity for ethylene than does iron, yet iron decomposes 
ethylene at much lower temperatures than do platinum and copper. Nyrop (20) 
has proposed that adsorption is parallel with and not the cause of catalytic 
activity. 

The results of this investigation indicate that there is no relation between crys¬ 
tal structure and lattice constants and the efficiencies of the metals for the de¬ 
composition of ethylene. Thus, cobalt, which is highly active, and osmium, 
which is least active, both have close-packed hexagonal structures. Nickel is 
highly'active and has a face-centered cubic structure; iron, also active, has a 
body-centered cubic structure. Palladium, copper, and platinum have face- 
centered cubic structures, but are relatively inactive. A similar lack of correla¬ 
tion exists in regard to the lattice constants. Thus, the lattice constant, ao, of 
the relatively inactive metal osmium lies between that of the active metals 


SPECIFIC ADSORPTION 
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* Dimensions of unit cell. 

All distances are in Angstrom units. The data on crystal structure are from the 1939 Handbook of Chemistry and Physics , Hodgman, 
Chemical Rubber Publishing Company, Cleveland, Ohio. 

The values for specific adsorption are from Burns and Taylor (J. Am. Chem. Soc. 43, 1273 (1921)) and the distances to the nearest atom 
from Hall (Science 62, 227 (1920)). 










160 


aitbrey r. McKinney 


nickel and iron. When the evidence is considered in terms of the theories of 
Balandin and Burk, the results are inconclusive. Consider, for instance, the 
efficiencies of the metals for breaking the carbon-carbon bonds. Nickel, cobalt, 
iron, and platinum produce large amounts of methane. The single-bond carbon- 
carbon distance is 1.54 A. Assuming that rupture of the bond is due to an ad¬ 
sorption of the carbon atoms to different atoms of the metal, there is little reason 
to believe that the optimum distance for the breaking of this bond would hold 
for the interatomic distance 2.487 A. (nickel) to 2.513 A. (iron) and then jump 
to 2.780 A. (platinum). A similar anomaly exists for the formation of hydro¬ 
gen, but in this case the amount of hydrogen produced depends on the extent 
of the secondary hydrogenating reaction. 

It is true that the crystal data and lattice constants of the metals reduced on 
asbestos may be entirely different from those of the pure metal, but a similar 
circumstance arises in any occasion where a metal is prepared in a catalytically 
active form, and even if the surface were uniform, the lattice dimensions are by 
no means constant, since impurities, adsorbed gases (22), temperature changes, 
and other influences distort the lattice. 

The formation of a compound between the metal and the reactant has been 
shown to be the deciding factor in the decomposition of carbon monoxide. This 
illustrates one manner of catalytic action, but does not provide a general pa¬ 
rameter for catalysis at metallic surfaces. A correlation is suggested when the 
data on the decomposition of ethylene are considered. In figure 3 the temperature 
at which 90 per cent decomposition of ethylene is obtained on each of the metals 
has been plotted against the atomic radius. The two smooth curves obtained 
indicate that the catalytic efficiency of metals is related to the atomic radius. 
It should be noticed that inspection of the chart would indicate that zinc (radius 
1 .32 A.) would not be active. Zinc was found to be inactive. 

B. S. Srikantan (38) found that without exception those elements displaying 
catalytic activity were of a markedly higher order of atomic energy than were 
elements inactive in catalysis. The close relation between this energy and 
catalytic efficiency is shown by figure 4, where the lowest critical potentials have 
been plotted against the temperature of 90 per cent decomposition of ethylene. 
This would suggest that activity is related to ease of excitation. Srikantan (39) 
has ascribed catalytic activity to an electron from the metal colliding with an 
adsorbed molecule. This is supported by the electrical phenomena previously 
mentioned. In this case, the activity should be related to the electron work 
function. Such a relation has been postulated in the decomposition of hydro¬ 
carbons (41). “To be a catalyst for these reactions (equilibrium between the 
hydrocarbon, its ions, protons, electrons, and the decomposition products) the 
catalyst must have work functions for electrons and positive ions, the sum of 
which is equal to about 12-13 electron volts .... Metals having small atomic 
volumes accompanied by several valence electrons should have the highest 
electron cloud density and positive ion work function. On this basis metals 
having the smallest atomic volumes and largest electron work functions would be 
the best catalysts”. Schwab (32) found that for the decomposition of nitric 
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oxide on metallic oxides, within each group the heat of activation increases with 
the atomic number (and with atomic radius). Schmidt (30), in an investigation 
of hydrogenation catalysts, found that good hydrogenation catalysts were gen¬ 
erally metals situated in the minima of ion or atom volume curves. 



Fig. 3. Plot of temperature at which 90 per cent decomposition of ethylene is obtained 
on each of the metals against the atomic radius of the metal. 



Fig. 4, Plot of lowest critical potentials against the temperature of decomposition of 
ethylene. 

Since very little work has been done towards the comparison of catalysts under 
uniform conditions, the relation between activity and atomic radius is not easily 
tested for other reactions. Table 4 is, however, indicative; the metals are in the 
order of decreasing efficiency. 
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Consideration of the evidence presented leads to the conclusion that catalytic 
activity is related to forces within the atom and related to the interdependence 
of the atoms only in so far as these forces are controlled by interatomic forces. 
Thus, the data of Sherman and Eyring might be considered as indicating that 
there is an optimum interatomic distance which releases the forces residing in the 
individual atoms. This is supported by the data on promotor action, by the 
increase in activity of metals at the Curie point (12, 13) and other transition 
points (14, 34), by the behavior of metals in a magnetic field (21), and by the 
influence of x-rays on increasing the catalytic activity (11). In each of these 
cases, an increase in catalytic power is shown when bonding between atoms of the 
catalyst has been freed or is in the process of redistribution. Certain lattice 
structures and certain interatomic distances may favor fragmentation of the 
metal into catalytically active particles. 


TABLE 4 

The relative catalytic efficiencies of metals in relation to their atomic radii 


HYDROGENATION (IS) 

REACTION OF HYDROGEN 
AND OXYGEN (25) 

DECOMPOSITION OF 
HYDROGEN PEROXIDE 

ATOMIC RADIUS 




A. 

Ni 



1.24 

Co 



1.25 

Fe 



1.27 

Cu 



1.28 


Os 

Os 

1.34 


Pd 

Pd 

1.37 


Pt 

Pt 

1.38 


SUMMARY 

1. Several of the metals have been prepared under uniform conditions and 
their efficiencies in the decomposition of ethylene and carbon monoxide have been 
compared under uniform conditions 

2. It has been found that of the metals tested only those metals which form 
metal carbonyls catalyze the decomposition of carbon monoxide. 

3. The efficiency of the metals in the decomposition of ethylene has been found 
to be related to the atomic radius; a similar relation is suggested for other re¬ 
actions. 

4. Evidence as to the source of catalytic activity has been reviewed and a cor¬ 
relation between atomic properties and catalytic activity has been attempted. 
The evidence suggests that catalytic activity is a function of forces residing within 
the individual atoms and that these forces are more or less free to act, depending 
on the interrelationship of the catalyst atoms. 

The author wishes to express his appreciation of the kind encouragement and 
assistance of Dr. W. A. Felsing, Department of Chemistry, University of 
Texas, Austin, Texas. 
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CYCLOHEXANE-METHYL ALCOHOL IN THE PRESENCE 
OF VARIOUS SALTS AS THIRD COMPONENTS 1 
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Department of Chemistry and Chemical Engineering , University of Pennsylvania , 
Pkiladelphia t Pennsylvania 
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The system cyclohexane-methyl alcohol was first studied by Lecat (8), and 
the phase data from this investigation are compiled in the International Critical 
Tables (6). According to these data the critical solution temperature for the 
system is 49.1°C. In 1926, Mondain-Monval (10) published results on the heat 
changes produced on mixing cyclohexane and methyl alcohol at various tempera¬ 
tures, from which the phase relationships are deducible. A more careful investi¬ 
gation of this system than had been made previously was undertaken by Jones 
and Amstell (7), who extended their researches to the effects of added substances 
on the miscibility temperatures. They studied, as third components, water, 
acetone, and benzene, and established a method for determining the amount of 
water in methyl alcohol. According to these workers, the critical solution tem¬ 
perature of the two-component system is 45.60°C. In 1934, Washburn and 
Spencer (16) studied the three-component system cyclohexane-methyl alcohol- 
water, noting the distribution of methyl alcohol between water and cyclohexane 
and the freezing-point relationships. The present investigation was undertaken 
to determine the phase equilibria when various inorganic salts are present. 

EXPERIMENTAL 
Purification of cyclohexane 

Commercial cyclohexane and even better grades are likely to contain impuri¬ 
ties due to foreign matter originally present in the benzene together with isomers 
and products of incomplete hydrogenation. Methylcyclopentane frequently is 
present and boils only 7°C. below cyclohexane. These two substances are very 
similar in other respects and their separation is difficult. Seyer, Wright, and 
Bell (13) have shown that the purification of cyclohexane can best be achieved 
by efficient rectification, and this method was used in the present work. 

A fractionating column employing 5-mm. glass helices as packing material 
was constructed especially to purify cyclohexane. The central tube of the col¬ 
umn was 1.9 cm. in diameter and packed for a height of 3.36 meters. Adiabatic 

1 This article is based upon a dissertation submitted by E. L. Eckfeldt to the Faculty 
of the Graduate School of the University of Pennsylvania in partial fulfillment of the 
requirements for the degree of Doctor of Philosophy, February, 1942. 

9 Sincere thanks are due E. I. du Pont de Nemours and Company, Inc., for a Postgraduate 
Fellowship for the academic year 1940-41. 

9 Present address: Research Department, Leeds and Northrup Company, Philadelphia, 
Pennsylvania. 
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operation was maintained by a complex column jacket equipped with electrical 
heating elements. The head construction allowed for reflux control. In order 
to remove benzene and other unsaturated substances present, commercial cyclo¬ 
hexane 4 was subjected to nitration. Two liters of the substance (m.p. 4.42°C.) 
were treated with 200 ml. of concentrated nitric acid and 200 ml. of concentrated 
sulfuric acid. Rapid mechanical stirring agitated the mixture for a period of 
2j hr. At the end of this time the layers were separated and the cyclohexane 
was twice washed with sodium carbonate solution, concentrated sulfuric acid, 
and finally with water. The hydrocarbon was then dried with anhydrous sodium 
sulfate. The column described above operated very satisfactorily and with a 
charge of 1500 ml. gave a product with constant melting point after about 300 or 
400 ml. had been distilled. Since the chief impurity was the more volatile com¬ 
ponent, pure cyclohexane continued to come over even in the tail fractions. 

After fractionation, metallic sodium was used to dry the cyclohexane. Large 
unmarred bars of sodium kept under xylene were carefully wiped free of liquid 
and trimmed to remove surfaces which had come in contact with the storage 
hydrocarbon. These cleaned blocks of metal were put into cyclohexane for 
temporary storage. Before using sodium prepared in this fashion, it was dried 
and again trimmed, and promptly introduced into an all-glass distilling apparatus 
containing the cyclohexane. The coating which developed on the metal was 
sufficiently impervious to prevent the removal of the last traces of moisture. 
Fresh sodium surfaces were formed continuously underneath the liquid by 
abrading lumps of sodium with a glass plunger and tube manipulated concen¬ 
trically. This abrasion of the alkali metal was continued for about a quarter of 
an hour, during which time the cyclohexane was warming slowly. Material 
merely distilled from sodium gave no constancy of miscibility temperature, but 
cyclohexane treated as above gave consistent and reproducible critical solution 
temperatures with pure methyl alcohol. 

It was found that the common Beckmann freezing-point apparatus gave er¬ 
roneous values of the freezing point of cyclohexane. A simple and effective 
method for the determination involved the use of a thermos bottle which kept 
the solid-liquid cyclohexane practically adiabatic while the measurement was 
being made. The thermometer used was calibrated in place against a platinum 
resistance thermometer and could be read to 0.005°C. The freezing point of the 
purified cyclohexane was 6.48°C. =fc 0.02°, a value agreeing well with values re¬ 
ported in the recent literature (6.48°, 6.47°, 6.50°, and 6.35°C.; references 7, 13, 
4, and 11, respectively), and material of this purity was used in the miscibility 
work. 

Purification of methyl alcohol 

A high grade of methanol 6 was first subjected to treatment for removing ace¬ 
tone by the iodoform reaction, as described by Bates, Mullaly, and Hartley (1). 
The resultant mixture was then fractionated through a seven-ball Snyder 
column, which lowered the water content from about 40 per cent to 10 per cent 

4 Supplied by the Dow Chemical Company, Midland, Michigan. 
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and removed residual salts. The 90 per cent alcohol was then fractionated care¬ 
fully through the column which has already been described under the purifica¬ 
tion of cyclohexane. The distillate, withdrawn from the column head, was split 
into three approximately equal fractions and the middle one saved for further 
treatment. Samples of the middle fraction were tested by the iodoform reaction 
and by the Schiff test, both of which were negative. 

At this point the alcohol was of high purity and practically anhydrous, since 
fractionation effectively removes water. The influence of water on the miscibil¬ 
ity temperature, in general, is more than ten times that of organic impurities, and 
for this reason it was essential to remove the last traces of moisture. Gillo (2) 
has critically examined the literature on the purification of methyl alcohol and 
has appraised the various methods of desiccation. In view of his work, sodium 
offers certain advantages over other substances, and accordingly it was adopted 
in the present work. The alcohol was three times distilled in an all-glass appa¬ 
ratus, twice from sodium methylate (produced by adding sodium, prepared as 
described under the purification of cyclohexane, in amount of about 1 g. per 
liter), and finally simply distilled, the last step being introduced to eliminate 
traces of methylate. Anhydrous alcohol collected in this manner was protected 
by a dry atmosphere during storage and while being transferred from one vessel 
to another. 

Careful density measurements were made on the purified alcohol, using a 
Sprengle-type pycnometer having about 10-ml. capacity. Caps were provided 
for the arms to reduce evaporation error. The pycnometer was thermostated at 
25°C. to within =b0.02°C. Density values were obtained on three separately 
dried samples of alcohol: 

d*a° (corrected to vacuum) 

0.78664 

0.78656 

0.786 53 

Average = 0.78654 grams per milliliter 

This value agrees well -with those given in the literature. An equation (5), 
claimed to reproduce the best values to two digits in the fifth decimal place, gives 
for the density, dJ5°, the value 0.78660. Lund and Bjerrum (9) give for methyl 
alcohol dried with magnesium methylate the value, d^ 0 , 0.78651. Their value 
calculated from the data of Landolt-BOmstein is d^ 0 , 0.78657. 

Purification of salts 6 

The sodium chloride, bromide, iodide, and nitrate used were twice recrystal¬ 
lized from water, dried in a vacuum desiccator, and finally heated in an oven at 
120°C. The dried crystals were ground fine and then reheated to constant 
weight. In the case of sodium iodide, the crystallizing solution was kept below 
60°C. to avoid any tendency of the salt to decompose. 

* Baker’s C.P. Analyzed, J. T. Baker Company, Phillipsburg, New Jersey. 

• Baker’s C.P. Analyzed, J. T. Baker Company, Phillipsburg, New Jersey. 
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Sodium thiocyanate was twice recrystallized from methyl alcohol and dried 
in a vacuum. It was then put into an oven at 120°C. in a current of nitrogen, 
as recommended by the procedure of Unmack, Murray-Rust, and Hartley (16). 

Preparation of salt solutions 

The methanol salt solutions were made up by weight, employing flasks 
equipped with ground-glass stoppers. The salts were weighed to 0.01 mg. in 
glass weighing bottles of about 0.5-ml. capacity. This accuracy of weighing was 
necessary, in view of the small amounts of salt used, and the concentrations ob¬ 
tained are believed to be accurate to better than 0.05 per cent. Hygroscopic 
salts were protected against moisture during these operations. Prior to weigh¬ 
ing, the filled weighing bottles were heated in an oven, the atmosphere again 
being replaced by nitrogen when the thiocyanate was heated. 

Temperature reference 

The thermometer used in the measurements was a Brothcom glass-mercury 
instrument graduated between 25°C. and 75°C., with the smallest division every 
tenth of a degree. The calibration was made every 5°C. in the bath in which it 
was used, employing a platinum resistance thermometer. Over a period of sev¬ 
eral months there were indications of a slight change so that the thermometer 
was recalibrated, using a Bureau of Standards thermometer which could be read 
to 0.01 °C. This Bureau of Standards thermometer had been checked at the 
time of the previous calibration with the platinum resistance thermometer and, 
with the Bureau of Standards corrections, was found to be excellent. 

Experimental technique 

Because of its accuracy, the synthetic method was employed in obtaining the 
points of phase change. The apparatus used for the measurements was a bath 
especially constructed for this purpose. The front of the bath was provided with 
a plate-glass window through which a clear view could be obtained of the am¬ 
poules containing the cyclohexane-methyl alcohol mixtures and the thermometer, 
reading totally immersed. Machinery for stirring the bath and shaking the 
ampoules was mounted on the top of the bath. It was found that rapid shaking 
of the ampoules was advantageous to insure thorough mixing of the contents, to 
promote thermal equilibrium of the sample with the bath, and to make the 
miscibility-immiscibility observation more sensitive. It was necessary, how¬ 
ever, to have a stationary ampoule during observation of the phase change. A 
clutch and brake controlling a simple crank satisfied these requirements. 

The bath, in which water was used, was equipped with electrical heating ele¬ 
ments and water coils for cooling so that the bath temperature could be raised or 
lowered at any speed, or held constant. For observing the ampoules a glowing 
lamp filament was first tried, but the bright moving hub of the bath propeller was 
found to serve quite as satisfactorily. A strong light was mounted over the bath 
and this, in conjunction with reflection from the hub, furnished excellent condi¬ 
tions for observing cloudiness and clearness in the ampoules. 
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The precision of the measurement was easily within 0.02 o C. over most of the 
composition range but fell off rapidly with compositions approaching pure cyclo¬ 
hexane. Near the critical solution composition the miscibility temperature 
could have been read with greater precision than 0.01 °C., the limit imposed by the 
thermometer used. As might be expected, a slight difference in temperature was 
generally observed between the point of clearing and the point of clouding. 
Because of the likelihood of metastability in the latter observation, the former 
temperature was the one recorded. Reproducibility of the miscibility tempera¬ 
tures so observed is indicated by the fact that values with test ampoules showed 
no change over a 2-month period. 

The ampoules used were constructed from 14-mm. Pyrex tubing, the necks 
being made of 7-mm. stock. The finished ampoule had a capacity of about 4.5 
ml. and held on the average a charge of 4 ml. Each ampoule was equipped with 
a carefully ground glass stopper of 1 cm. bearing length to avoid vaporization loss 
during the filling operations. 

The technique of filling and sealing the ampoules was a modification of that 
used by Jones and Amstell (7). The greatest difficulty which had to be sur¬ 
mounted was that of excluding moisture from the system. The critical solution 
temperature of cyclohexane-methyl alcohol mixtures iB raised 0.05°C. by a 0.003 
per cent water impurity in the methyl alcohol. 

To exclude atmospheric moisture during the ampoule-filling process, a dry 
chest was constructed. This consisted of a box, 38 x 38 x 50 cm., provided with 
a glass front for observation, a removable top, and sheet-rubber sides, each hav¬ 
ing a rubber glove cemented in its center. The top was held in place by wing 
nuts and was rendered air-tight by two layers of felt, one glued on the lid and the 
other on the upper edge of the box, Phosphorus pentoxide in two large crystal¬ 
lizing dishes inside the box served as desiccant. 

Three 5-ml. burets were mounted behind and above the box so arranged as to 
deliver cyclohexane, alcohol, and the alcohol solution inside the box. A stopcock 
at the top of each buret controlled the pressure inside the buret, enabling liquid 
to be drawn in or discharged. Fine adjustment of the liquid level in the buret 
was furnished by a variable-volume device consisting of a modified Hofmann 
clamp set to squeeze a section of rubber tubing. Stainless-steel hypodermic 
needles acted as buret tips, making it convenient to fill ampoules without wetting 
the necks. In use, the box and contents were allowed to stand overnight before 
the hydroscopic substances were uncapped. Besides being used for the am¬ 
poule-filling operations, the anhydrous box was used for all other processes neces¬ 
sitating a dry atmosphere, which included preparing salt solutions, transferring 
dried liquids, and filling the pycnometer for the density measurements. 

Attempts to reproduce the procedure of Jones and Amstell in sealing off the 
necks of the ampoules were always accompanied by considerable carbonization 
and sometimes by ignition of the vapors inside the tube, with consequent intro¬ 
duction of moisture. These difficulties occurred regardless of the care exercised 
in not wetting the neck of the ampoule during the filling operation. Cooling of 
the liquids with solid carbon dioxide in ethyl alcohol reduced the vapor pressure 
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to a negligible value and no further trouble was experienced in sealing off the 
ampoules. 

In order to prevent moisture from being drawn in during the treatment with 
dry ice, a line carrying dry filtered nitrogen was attached to the mouth of the 
ampoule. Low-temperature sealing of the ampoules probably caused a some¬ 
what higher pressure inside the tube at room temperature than would be the case 
if the seal were made with the ampoule at the ambient temperature. The effect 
of pressure on such systems is slight, however. Timmermans (14) has measured 
the influence of pressure on the cyclohexane-methyl alcohol system and, over the 
range 50 to 100 kg. per square centimeter, found the coefficient to be +0.0314°C. 
per kilogram per square centimeter. 

The sensitivity of the system to traces of moisture and other impurities caused 
considerable difficulty before a technique for filling the ampoules could be de¬ 
vised which gave consistent and reproducible results. A routine series of opera- 

TABLE 1 


Miscibility of cyclohexane and methyl alcohol 


WEIGHT OP 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 

TEMPEEATUEE 

WEIGHT OF 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 

TEMPEEATUEE 

grams 

grams 

•c. 

grams 

grams 

°C. 

1.215 

1.905 

29.19 

2.294 

0.812 

45.14 

1.242 

1.867 

30.46 

2.446 

0.657 

44.81 

1.679 

1.434 

42.29 

2.352 

0.745 

45.09 

1.489 

1.621 

38.62 

2.537 

0.563 

44.15 

1.334 

1.775 

34.01 

2.693 

0.439 

42.05 

1.858 

1.251 

44.24 

2.769 

0.343 

39.05 

1.981 

1.122 

44.87 

2.814 

0.281 

35.95 

2.076 

1.031 

45.07 

2.844 

0.254 

34.13 

2.170 

0.934 

. 45.14 

2.849 

0.244 

33.19 

2.229 

0.872 

45.14 

2.874 

0.222 

31.3 


tions through which each ampoule passed was finally developed and the various 
steps, several of which proved to be essential to achieve the desired accuracy, 
are abbreviated below: 

1. A ground-glass ampoule top from the preceding run was sealed to the neck 

of a new ampoule. 

2. Cleaning solution was put into the ampoule and the temperature raised to 

150~200°C. The entire ampoule was allowed to stand in cleaning solu¬ 
tion at least 2 hr. 

3. The ampoule was drained of cleaning solution and washed thoroughly with 

water. It was then filled and surrounded with distilled water until the 
next step. 

4. The inverted ampoule was subjected to a steam jet for 40 min. from a 

steamer having potassium permanganate in the boiler to destroy organic 
matter and a trap to prevent any possible mechanical carry over of salts. 

5. The steamed ampoule was maintained in an oven at 120°C. for at least 
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TABLE 2 

Miscibility of cyclohexane and methyl alcohol in the presence of sodium chloride 


WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPE EATURE 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPEKATUBE 

(a) 0.02992 per cent NaCl in 

(h) 0.06618 per cent NaCl in 


methyl alcohol 


methyl alcohol 

grams 

grams 

•c. 

grams 

grams 

# C. 

1.226 

2.011 

28.29 

1.227 

1.879 

31.19 

1.368 

1.918 

33.24 

1.385 

1.725 

37.13 

1.490 

1.760 

37.68 

1.538 

1.560 

41.46 

1.703 

1.606 

, 41.89 

1.693 

1.404 

44.44 

1.858 

1.446 

44.24 

1.868 

1.253 

46.31 

2.050 

1.271 

45.79 

2.002 

1.093 

47.22 

2.198 

1.058 

46.42 

2.178 

0.936 

47.74 

2.356 

0,837 

46.80 

2.306 

0.779 

48.23 

2.447 

0.709 

46.93 

2.462 

0.622 

48.44 

2.539 

0.606 

46.68 

2.549 

0.535 

48.15 

2.601 

0.514 

46.03 

2.645 

0.436 

47.15 

2.719 

0.413 

44.24 

2.737 

0.345 

44.91 

2.783 

0.314 

41.01 

2.795 

0.281 

41.4 

2.845 

0.253 

37.49 

2.859 

0.226 

35.5 

2.876 

0.217 

34.2 

2.892 

0.197 

32.6 

(c) 0.1379 per cent NaCl in 

(d) 0.2195 per cent NaCl in 


methyl alcohol 


methyl alcohol 


1.123 

2.000 

25.05 

1.115 

2.020 

27.55 

1.262 

1.845 

33.80 

1.210 

1.923 

32.29 

1.480 

1.625 

41.23 

1.362 

1.765 

38.57 

1.665 

1.441 

45.31 

1.520 

1.606 

43.35 

1.821 

1.284 

47.44 

1.670 

1.451 

46.67 

1.972 

1.126 

48.63 

1.827 

1.300 

48.83 

2.131 

0.971 

49.34 

1.984 

1.135 

50.24 

2.249 

0.846 

49.92 

2.106 

1.010 

50.90 

2.341 

0.749 

50.43 

2.228 

0.882 

51.63 

2.430 

0.659 ‘ 

50.82 

2.382 

0.724 

50.72 

2.521 

0.561 

49.47 




2.642 

0.435 

47.16 




2.766 

0.313 

42.14 




2.842 

0.249 

37.58 




2.896 

0.183 

30.9 





(e) Excess NaCl present 


WEIGHT OF 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 
TEMPEB ATURE 

WEIGHT OF 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 

TEMPERATURE 

1.108 

2.013 

30.17 

2.353 

0.756 

50.74 

1.207 

1.899 

35.24 

2.447 

0.657 

50.35 

1.425 

1.684 

43.43 

2.599 

0.501 

48.49 

1.670 

1.431 

48.46 

2.691 

0.409 

46.10 

1.886 

1.212 

50.37 

2.797 

0.295 

41.00 

2.104 

0.995 

50.85 

2.873 

0.218 

34.9 

2.228 

- —- 

0.875 

50.89 

2.958 

0.135 

22.6 
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5 hr., during which time the air inside the ampoule was changed twice 
by means of a suction tube. 

6. The baked ampoule then was heated in the flame of a blast lamp almost to 
the softening point and again air was drawn from the interior. The hot 


TABLE 3 

Miscibility of cyclohexane and methyl alcohol in the presence of sodium bromide 


WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

(a) 0.08268 per cent NaBr in 

(b) 0.1752 per cent NaBr in 

methyl alcohol 


methyl alcohol 


grams 

grams 

°c. 

grams 

grams 

°C. 

1.170 

1.937 

28.41 

1.153 

1.969 

28.09 

1.278 

1.833 

33.04 

1.258 

1.855 

33.09 

1.448 

1.657 

38.81 

1.416 

1.698 

38.76 

1.588 

1.516 

42.17 

1.571 

1.542 

42.80 

1.754 

1.362 

44.77 

1.756 

1.353 

46.03 

1.913 

1.187 

46.32 

1.974 

1.130 

48.00 

2.094 

1.002 

47.07 

2.096 

1.003 

48.53 

2.283 

0.833 

47.48 

2.188 

0.908 

48.90 

2.403 

0.689 

47.82 

2.250 

0.845 

49.21 

2.530 

0.565 

47.63 

2.435 

0.660 

50.07 

2.633 

0.457 

46.68 

2.525 

0.564 

50.13 

2.745 

0.344 

44.07 

2.646 

0.439 

49.52 

2.808 

0.269 

40.8 

2.775 

0.319 

46.99 

2.863 

0.227 

37.9 

2.853 

0.234 

43.3 

2.907 

0.175 

33.0 

2.927 

0.162 

36.1 

(c) 0.2683 per cent NaBr in 

(d) 0.4672 per cent NaBr in 


methyl alcohol 



methyl alcohol 


1.108 

2.007 

26.70 

1.124 

2.016 

28.65 

1.186 

1.927 

30.67 

1.238 

1.888 

34.42 

1.334 

1.786 

36.74 

1.414 

1.699 

41.30 

1.543 

1.568 

43.19 

1.535 

1.585 

44.85 

1.733 

1.379 

46.73 

1.790 

1.321 

49.58 

1.948 

1.162 

48.92 

1.972 

1.132 

51.38 

2.156 

0.938 

50.08 

2.157 

0.941 

52.60 

2.344 

0.751 

51.25 

2.434 

0.757 

54.59 

2.527 

0.565 

52.28 

2.588 

0.534 

56.72 

2.666 

0.426 

52.04 

2.694 

0.394 

57.20 

2.745 

0.344 

50.84 

2.768 

0.316 

56.51 

2.819 

0.267 

48.2 

2.852 

0.232 

54.2 

2.927 

0.155 

39.2 

2.927 

0.161 

50.5 

2.866 

0.255 

47.7 

2.990 

0.095 

38.5 

2.958 

0.129 

35.8 





ampoule was allowed to cool in a desiccator. (Care was taken during 
treatment to avoid overheating and chipping the ground mouth.) 

7. The numbered stopper corresponding to the ampoule top was inserted and 
the entire ampoule weighed to the nearest milligram. 
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8. The ampoule was placed in the dry box and allowed to stand overnight, 

and the requisite amount of cyclohexane was introduced. 

9. The ampoule was removed, again weighed, and returned to the box. 

TABLE 4 


Miscibility of cyclohexane and methyl alcohol in the presence of sodium iodide 


WEIGHT QT 

WEIGHT OF METHYL 

MISCIBILITY 

WEIGHT Of 

WEIGHT OP METHYL 

MISCIBILITY 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

(ft) 0.00441 per cent Nal in 

(b) 0.2179 per cent Nal in 


methyl alcohol 


methyl alcohol 

gram 

grams 

°C. 

grams 

grams 

°C. 

1.104 

1.922 

27.98 

1.132 

1.973 

27.17 

1.255 

1.844 

31.76 

1.226 

1.880 

31.08 

1.378 

1.717 

36.33 

1.354 

1.755 

36.59 

1.530 

1.565 


1.467 

1.627 

40.28 

1.082 

1.407 

43.45 

1.626 

1.466 

43.90 

1.809 

1.221 

45.51 

1.761 

1.310 

46.21 

2.052 


46.33 

1.967 

1.127 

47.79 

2.210 

0.874 

46.68 

2.146 

0.939 

48.55 

2.328 

0.749 

46.92 

2.296 

0.789 

49.28 

2.462 

0.625 

46.93 

2.447 

0.628 

50.03 

2.004 

0.467 

45.87 

2.601 

0.471 

50.04 

2.711 

0.361 

43.66 

2.720 

0.358 

48.69 

2.784 

0.246 

38.7 

2.796 

0.271 

46.0 

2.835 

0.231 

37.3 

2.852 

0.222 

43.1 

2.881 

0.187 

33.5 

2.898 

0.185 

39.7 

(c) 0.4232 per cent Nal in 

(d) 0.7145 per cent Nal in 


methyl alcohol 


methyl alcohol 


1.149 

1.969 

29.16 

1.106 

2.023 

28.45 

1.208 

1.864 

34.54 

1.210 

1.904 

33.95 

1.391 

1.731 

39.12 

1.383 

1.734 

40.84 

1.543 

1.574 

43.50 

1.542 

1.576 

45.52 

1.728 


47.21 

1.803 

1.338 

50.22 

1.937 

1.161 

49.53 

2.001 

1.101 

52.40 

. 2.158 

0.945 


2.221 

0.881 

54.24 

2.339 

0.755 

52.32 

2.427 

0.665 

57.17 

2.525 


53.76 

2.579 

0.504 

59.86 

2.000 

0.437 

54.73 

2.700 

0.394 

61.42 

2.752 

0.326 


2.709 

0.317 

01.5 

2.810 

0.272 

52.9 

2.844 

0.232 

59.8 

2.870 

0.204 

49.3 

2.914 

0.103 

50.6 

2.922 

0.155 

44.8 

3.004 

0.108 

48.6 

2,974 

0.119 

41.7 

2.993 

0.104 

48.0 


10. After allowing sufficient time to insure dehydration of the atmosphere in 

the box, the ampoule was unstoppered and methyl alcohol, or solution, 
was introduced. 

11. The ampoule was removed from the box, and the final weight was ob¬ 

tained. 


















TABLE 5 


Miscibility of cyclohexane and methyl alcohol in the presence of sodium nitrate 


WEIGHT OP 

WEIGHT OF METHYL 

MISCIBILITY 

WEIGHT OF 

WEIGHT OP METHYL 

MISCIBILITY 

CYCLOHEXANE 

ALCOHOL SOLUTION j 

TEMPERATURE 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

(a) 0.06353 per cent NaNO* in 

(b) 0.1212 per cent NaNOt in 

methyl alcohol 


methyl alcohol 


grams 

grams 

° C . 

grams 

grams 

°C. 

1.174 

1.903 

28.84 

1.151 

1.958 

27.80 

1.290 

1.815 

33.34 

1.284 

1.817 

33.82 

1.441 

1.682 

38.13 

1.453 

1.645 

39.52 

1.596 

1.500 

, 42.15 

1.623 

1.474 

43.40 

1.779 

1.320 

44.90 

1.806 

1.281 

46.02 

1.968 

1.126 

46.28 

2.038 

1.059 

47.37 

2.151 

0.942 

46.82 

2.181 

0.906 

47.80 

2.300 

; 0.784 

47.07 

2.242 

0.840 

48.00 

2.477 

0.625 

47.03 

2.394 

0.696 

48.35 

2.574 

0.495 

46.01 

2.518 

0.563 

48.14 

2.700 

0.373 

43.55 

2.640 

0.440 

46.95 

2.775 

0.293 

40.37 

2.730 

0.343 

44.56 

2.818 

0.247 

37.6 

2.822 

0.252 

40.4 

2.871 

0.202 

33.7 

2.857 

0.210 

35.4 




2.902 

0.168 

32.1 

(c) 0.3347 per cent NaNO s in 

(d) 0.4505 per cent NaNO* in 


methyl alcohol 



methyl alcohol 


1.147 

1.974 

29.39 

1.100 

2.009 

28.07 

1.224 

1.886 

33.26 

1.196 

1.914 

32.88 

1.381 

1.733 

39.22 

1.303 

1.800 

37.60 

1.541 

1.567 

43.85 

1.438 

1.724 

41.38 

1.714 

1.379 

47.30 

1.531 

1.565 

44.81 

1.944 

1.159 

49.62 

1.688 

1.414 

47.94 

2.147 

0.938 

50.66 

1.840 

1.150 

50.54 

2.310 

0.779 

51.61 

1.993 

0.961 

51.64 

2.422 

0.652 

52.34 

2.298 

0.787 

53.18 

2.550 

0.528 

51.86 

2.695 

0.421 

48.67 

2.638 

0.436 

49.39 




2.728 

0.341 

45.53 




2.821 

0.248 

39.2 




2.881 

0.186 

32.6 





(e) Excess NaN0 3 


WEIGHT OF 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 

TEMPERATURE 

WEIGHT OF 
CYCLOHEXANE 

WEIGHT OF 
METHYL ALCOHOL 

MISCIBILITY 

TEMPERATURE 

1.027 

2.078 

29.48 

2.218 

0.873 

53.90 

1.121 

1.985 

34.73 

2.296 

0.746 

53.75 

1.230 

1.881 

39.76 

2.482 

0.596 

52.63 

1.385 

1.722 

45.43 

2.643 

0.435 

49.35 

1.536 

1.564 

49.40 

2.765 

0.314 


1.723 

1.375 

52.33 

2.836 

0.235 

37.8 

1.844 

1.253 

53.28 

2.903 

0.173 

30.5 

2.040 

1.097 

53.87 

2.929 

0.140 

25.1 

2.128 

0.964 

53.90 
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12. A line carrying dry filtered nitrogen was connected to the mouth of the 

ampoule, and the system was cooled with solid carbon dioxide-ethyl 
alcohol mixture. 

13. The prepared ampoule was finally sealed off in a small hot flame. 

TABLE 6 


Miscibility of cyclohexane and methyl alcohol in the presence of sodium thiocyanate 


WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

WEIGHT OF 

WEIGHT OF METHYL 

MISCIBILITY 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

CYCLOHEXANE 

ALCOHOL SOLUTION 

TEMPERATURE 

(a) 0.03465 per cent NaSCN in 

(b) 0.1187 per cent NaSCN in 


methyl alcohol 


methyl alcohol 

grams 

grams 

°c. 

grams 

grams 

°c. 

1.162 

1.943 

27.56 

imiii ■ 

1.973 

27.11 

1.257 

1.849 

31.75 

1.248 

1.883 

32.13 

1.388 

•1.721 

36.46 

1.348 

1.757 

36.42 

1.533 

1.566 

40.52 

1.475 

1.626 

40.38 

1.690 

1.409 

43.44 

1.629 

1.475 


1.874 

1.222 

45.47 

1.778 

1.315 


2.061 

1.033 

46.31 

1.972 

1.126 


2.216 

0.877 

46.62 

2.154 

0.941 


2.336 

0.747 

46.89 

2.308 

0.782 

49.26 

2.462 

0.622 

46.85 

2.462 

0.627 

49.92 

2.613 

0.469 

45.73 

2.613 

0.470 

49.66 

2.716 

0.358 

43.41 

2.736 

0.344 

47.77 

2.797 

0.278 

40.05 

2.808 

0.264 

44.7 

2.849 

0.234 

37.1 

2.850 

0.218 

42.1 

2.889 

0.187 

33.0 

2.908 

0.170 

36.8 

(c) 0.1927 per cent NaSCN in 

(d) 0.3211 per cent NaSCN in 


methyl alcohol 



methyl alcohol 


1.157 

1.960 

29.02 

1.105 



1.263 

1.850 

33.93 

1.215 

1.895 

33.28 

1.387 

1.726 

38.54 


1.727 


1.539 

1.565 . 

43.03 

1.541 

1.575 

44.56 

1.728 

1.376 

46.61 

1.772 



1.938 

1.159 

48.84 

1.999 


51.22 

2.158 

0.940 

50.02 

2.216 

0.877 

52.73 

2.340 

0.750 

51.21 

2.428 

0.659 


2.521 

0.566 

52.33 

2.582 

0.499 

56.67 

2.659 

0.424 

52.24 

2.692 

0.389 


2.761 

0.325 

50.87 

2.767 

0.312 

56.18 

2.814 

0.264 

48.8 

2.846 

0.237 

53.5 

2.876 

0.206 

45.5 

2.920 

0.155 

48.2 

2.922 

0.158 

41.4 

2.946 

0.121 

43.5 

2.965 

0.112 

35. 

2.981 

0.093 

38.5 


RESULTS 

The results of the experiments appear in tables 1 to 6 and in graphical form in 
figures 1 to 5, in which the miscibility temperatures are plotted against the mole 
fractions of cyclohexane on the basis of the two liquids alone. It should be 
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noted that the cyclohexane mole fractions are quoted on the salt-free basis so as 
to make the several curves for different concentrations of a single salt directly 



MOLE FRACTION CYCLOHEXANE 


Fig. 1 . The effect of sodium chloride on the mutual miscibility of cyclohexane and 
methyl alcohol. Weight per cent of salt in the methyl alcohol: o, no salt; €), 0.02992 per 
cent; 0, 0.06618 per cent; 3, 0.1379 per cent; 9, 0.2195 per cent; #, saturated. 



MOLE FRACTION CYCLOHEXANE 

Fig. 2. The effect of sodium bromide on the mutual miscibility of cyclohexane and 
methyl alcohol. Weight per cent of salt in the methyl alcohol: o, no salt; €), 0.08268 per 
cent; 0, 0.1752 per cent; 3, 0.2683 per cent; 9, 0.4672 per cent. 

comparable. The weight percentages of the salt solutions in alcohol, together 
with the weights of the two liquids, are sufficient for calculation of the salt mole 
fractions with respect to the total ampoule contents. 
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MOLE FRACTION CYCLOHEXANE 

Fig. 3. The effect of Bodium iodide on the mutual miscibility of cyclohexane and methyl 
alcohol. Weight per cent of salt in the methyl alcohol: o, no salt; €>, 0.06441 per cent; 
©, 0.2179 per cent; 3 , 0.4232 per cent; 9, 0.7145 per cent. 



MOLE FRACTION CYCLOHEXANE 

Fig. 4. The effect of sodium nitrate on the mutual miscibility of cyclohexane and methyl 
alcohol. Weight per cent of salt in the methyl alcohol: O, no salt; €), 0.00353 per cent; 
©, 0.1212 per cent; 3, 0.3347 per cent; 9, 0.4505 per cent; •, saturated. 

The data for tables 7 through 9 were obtained directly from large plots (ap¬ 
proximately 70 x 100 cm.) of the values given in the previous tables. The first 
set of data (table 7) indicates the elevation of the miscibility temperature at 
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MOLE FRACTION CYCLOHEXANE 


Fig. 5. The effect of sodium thiocyanate on the mutual miscibility of cyclohexane and 
methyl alcohol. Weight per cent of salt in the methyl alcohol: o, no salt; C, 0.03465 per 
cent; 0.1187 per cent; 3 , 0.1927 per cent; Q, 0.3211 per cent. 


TABLE 7 


Salting-out values at constant cyclohexane mole fraction 


CUIVE.. . 

IT 

hi 

IV 

V 

Mole fraction NaCl. 

0.0000838 

0.0001854 

0.000386 

0.000615 

Miscibility temperature, °C. 

46.66 

47.90 

49.73 

51.60(m)* 

Temperature elevation, °C. 

1.52 

2.76 

4.59 

6.46 

Mole fraction NaBr. 

0.0001315 

0.0002792 

0.000428 

0.000746 

Miscibility temperature, °C. 

47.32 

49.02 

50.38 

53.03 

Temperature elevation, °C. 

2.18 

3.88 

5.24 

7.89 

Mole fraction Nal. 

0.0000704 

0.0002379 

0.000463 

0.000784 

Miscibility temperature, °C. 

46.67 

48.82 

51.23 

54.17 

Temperature elevation, °C. 

1.53 

3.68 

6.09 

9.03 

Mole fraction NaNOi. 

0.0001224 

0.000234 

0.000647 

0.000870 

Miscibility temperature, °C. 

46.92 

47.88 

51.01 

52.49 

Temperature elevation, °C. 

1.78 

2.74 

5.87 

7.35 

Mole fraction NaSCN. 

0.0000700 

0.0002396 

0.000389 

0.000650 

Miscibility temperature, °C . 

46.61 

48.78 

50.33 

52.68 

Temperature elevation, °C. 

1.47 

3.64 

5.19 

7.54 


* (m) denotes that the value lies in the metastable region. 


0.489 mole fraction cyclohexane produced by various salt concentrations. The 
composition 0.489 mole fraction cyclohexane is the critical solution composition 



















TABLE 8 

Salting-out values at miscibility temperature maxima 


CURVE... 

n 

m 

IV 

V 

Mole fraction NaCl. 

0.0000715 

0.0001494 



Mole fraction alcohol. 

0.486 

0.412 



Miscibility temperature, °C. 

46.93 

48.47 



Temperature elevation, °C. 

1.79 

3.33 



Mole fraction NaBr. 

0.0001051 

0.0002090 

0.000286 

0.000423 

Mole fraction alcohol. 

0.408 

0.382 

0.341 

0.289 

Miscibility temperature, °C. 

47.84 

50.16 

52.36 

57.23 

Temperature elevation, °C. 

2.70 

5.02 

7.22 

12.09 

Mole fraction Nal . 

0.0000583 

i 

0.0001667 

0.000271 

0.000386 

Mole fraction alcohol . 

0.424 

0.357 

0.298 

0.251 

Miscibility temperature, °C.... 

46.98 

50.24 

54.72 

61.60 

Temperature elevation, °C. 

1.84 

5.10 

9.58 

16.46 

Mole fraction NaNOs . 

0.0001041 

0.000192 



Mole fraction alcohol. 

0.435 

0.419 



Miscibility temperature, °C. 

47.14 

48.38 



Temperature elevation, °C. 

2.00 

3.24 



Mole fraction NaSCN. 

0.0000585 

0.0001760 

0.000254 

0.000364 

Mole fraction alcohol. 

0.427 

0.375 

0.333 

0.286 

Miscibility temperature, °C. 

46.91 

49.99 

52.48 

57.13 

Temperature elevation, °C. 

1.77 

4.85 

7.34 

11.99 


TABLE 9 

Salting-out values at constant temperature (86° C.) 


Curve . 

U 

m 

IV 

v 

Mole fraction NaCl. 

0.00013 

0.00028 

0.00060 

0.00096 

N . 

0.2239 1 

0.2200 

0.2134 

0.2072 

Log No/N . 

0.0096 j 

0.0172 

0.0305 

0.0433 

Mole fraction NaBr. 

0.00020 ! 

0.00043 

0.00066 

0.00116 

N . 

0.2218 

0.2158 

0.2116 

0.2032 

Log No/N . 

0.0137 

i 

0.0256 

0.0341 

0.0517 

Mole fraction Nal. 

0.00011 

0.00036 

0.00072 

0.00123 

N . 

0.2252 

0.2219 

0.2098 

0.2007 

Log Nq/N . 

0.0071 

0.0135 

0.0378 

0.0571 

Mole fraction NaNOa. 

0.00019 

0.00036 

0.00100 

0.00136 

N . 

0.2233 i 

0.2189 

0.2078 

0.2024 

Log Vo/JV. 

0.0108 

0.0194 

0.0420 

0.0534 

Mole fraction NaSCN. 

0.00011 

0.00037 

0.00060 

0.00101 

N . 

0.2242 

0.2174 

0.2125 

0.2058 

Log Nt/N . 

0.0090 

0.0224 

0.0323 

0.0462 


Ns m solubility (as mole fraction) of cyclohexane in alcohol phase for binary system. 

Average of five curves yields the value 0.2289 for Ns. 

N ** solubility (as mole fraction) of cyclohexane in alcohol phase for ternary systems. 
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of tiie pure liquids averaged from the individual values obtained from the five 
large graphs for the two-component system. The value in each case was ob¬ 
tained by plotting the mean composition between the branches of the curve at 
several temperatures up to the neighborhood of the critical temperature. A line 
drawn through these points and extrapolated to the phase curve yielded the 
critical composition. The data of table 7 are shown graphically in figure 6. 

The data of table 8 were obtained using the maximum miscibility tempera¬ 
tures and corresponding compositions in each case. Compositions were ob¬ 
tained by estimating the maximum points on the curves. The data of table 8 



are shown graphically in figure 7, in which the distribution of the curves is the 
same as in figure 6. The marked difference in form of the two sets of curves is due 
to the pronounced distortion of the miscibility curves upon addition of the sev¬ 
eral salts from that of the pure liquids. 

Table 9 contains data representing the solubility of cyclohexane in the alcohol 
phase and in the salt solutions at a constant temperature of 35°C. The solubili¬ 
ties were taken from the large plots, but because of the convergence of the phase 
lines in this region, the accuracy of these figures is less than that of the previously 
given values. The final row in each group gives the logarithmic ratio of the 
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solubilities in the binary and ternary systems. This function appears in the 
salting-out equation of Setschenow (12) and has been used frequently in cor¬ 
relating such data. The values given in table 9 are plotted in figure 8. In all 
three of these summarizing plots (numbers 6, 7, and 8) the order of the effect 
of the ions in salting out is as follows: 

I- > SCN- > Br~ > Cl- > NO a - 

DISCUSSION 

The mutual miscibility curve for the system cyclohexane-methyl alcohol 
obtained in this investigation lies everywhere below the one found by Jones and 
Amstell (7). The critical solution temperature on the present curve was checked 
a number of times, within an experimental error of about 0.01°C., using samples 
of reagents independently purified and dried, and the accurately measured 
physical constants of the pure liquids agree well with the best values reported 
in the literature. It seems possible, therefore, that the discrepancy between the 
present curve and that of Jones and Amstell, the difference being indicated by a 
comparison of the critical solution temperatures (45.14°C. in the present work 
and 45.60°C. in that of Jones and Amstell), is attributable to water impurity 
existing in the case of the previous w r ork. The difficulties encountered in drying 
cyclohexane make it seem plausible that water might have been present in the 
cyclohexane used in the earlier investigation. Cyclohexane fractionated through 
the 3.36-meter column, mentioned above, and then distilled from fresh sodium 
failed to give a constant critical solution temperature with dried alcohol, and 
it was only after recourse had been had to the special abrasion treatment pre¬ 
viously described that the critical solution temperature fell to the reproducible 
value, 45.14°C. 

In all cases the presence of salt increased the miscibility temperature, the 
magnitude of the effect depending upon both the nature and the concentration 
of the salt. The salt curves are asymmetrical and for the different salts are 
similar except in cases where saturation existed. Strikingly, the distortion of 
the basic curve increases as the cyclohexane mole fraction increases, in spite of 
decreasing salt concentration in this direction. 

The systems sodium chloride-cyclohexane-methyl alcohol and sodium nitrate- 
cyclohexane-methyl alcohol are interesting, in that saturation curves were 
determined by having present an excess of the salt. These curves do not show 
the distortion characteristic of the unsaturated curves. They are of the same 
shape as the basic curve, the critical point being higher, of course, and moved 
slightly toward the methyl alcohol ordinate. A few points were observed which 
lie outside the saturation curve, as can be seen by referring to figures 1 and 4, 
these values representing a metastable condition. 

As drawn, a point on the left branch of the cyclohexane-methyl alcohol curve 
represents the solubility of cyclohexane in methyl alcohol, and one on the right 
the solubility of alcohol in cyclohexane. If these points are at the same tempera¬ 
ture, the chemical potentials of the cyclohexane will be the same in the two 
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solutions and likewise the chemical potentials of the alcohol will be equal. As 
the temperature is raised, thermal agitation tends to overcome positive devia¬ 
tion factors (3) which are responsible for immiscibility. It will be noted that 
the curve is not quite symmetrical. A line through the mean compositions 
between the branches inclines slightly toward the methyl alcohol ordinate. This 
indicates that thermal agitation is Bomewhat less effective in overcoming positive 
deviations on the methyl alcohol than on the cyclohexane side. 

That the curves for the systems saturated with salt are of the same form as 
the basic curve suggests some correspondence between solubility of salt and 
elevation of the miscibility temperature. If the solution of a salt can be related 
to ion-dipole interaction, the limit of solution, solubility, corresponds to a 
minimum number of unattached dipoles. This latter quantity represents the 
unused alcohol, that left free by the ions, and it is this portion of the polar part 
of the system which, as shown along the left branch of the curve, can dissolve 
cyclohexane. Increase in temperature can compensate for the alcohol virtually 
removed from the system. Such a temperature change can increase the solu¬ 
bility in the remaining alcohol, and the liquid concentrations may thus be re¬ 
stored to values comparable to their original salt-free concentrations. 

The solubility of the alcohol in the cyclohexane is perhaps related to its less 
polar nature in this region of concentration (17). If along the right branch of 
the curve, the alcohol is largely dimeric, the amount of salt dissolved will be 
relatively small, and the displacement from the binary system correspondingly 
slight. Increase in temperature causes greater miscibility of the two liquids, 
regardless of increased polarization of the alcohol and greater solubility of salt. 

Whatever the basic changes along the two branches of the curve with change 
in temperature, they probably are closely related. The free energy of the solid 
salt at a given temperature is constant, and thus the chemical potentials of the 
sodium chloride in each phase must be equal. It would appear that thermal 
agitation is slightly less effective in counteracting positive deviation factors on 
the alcohol than on the cyclohexane branch, since the saturation curve lies 
somewhat closer to the alcohol ordinate, although its form approximates that 
of the basic curve. 


SUMMARY 

1. The phase curve has been obtained for the liquid-liquid system cyclo¬ 
hexane-methyl alcohol. 

2. A new value for the critical solution temperature of the cyclohexane- 
methyl alcohol system has been obtained, the value being 45.14°C. 

3. The cyclohexane-methyl alcohol system has been studied with five dif¬ 
ferent salts present in the methyl alcohol, each salt being varied through four 
different concentrations. The salts used were sodium chloride, sodium bromide, 
sodium iodide, sodium nitrate, and sodium thiocyanate. 

4. Liquid-liquid curves for the system cyclohexane-methyl alcohol saturated 
with respect to a third component have been obtained for two different third 
components, sodium chloride and sodium nitrate. 
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5. The lyotropic order of ions has been obtained for the system cyclohexane 
methyl alcohol and found to be: 

I- > SCN~ > Br~ > Cl- > N0 3 - 
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LYOTROPIC ORDER AND THE EFFECTS OF SODIUM SALTS ON THE 
MISCIBILITY OF CYCLOHEXANE AND METHYL ALCOHOL 1 

E. L. ECKFELDT 1 * 3 and WALTER W. LUCASSE 
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In 1888, while investigating the salting out of natural egg albumin from aque¬ 
ous solutions, Hofmeister (12) found that the various ions were effective to 
different extents and arranged the two groups in their resulting order. Later 
Pauli (18) modified and extended the series, giving for the salting out of albumin: 

F" > SO" > PO™ > C*H 6 Of" > C 4 H 4 O" > C 2 H 3 O 2 ’ > cr > 

nojt > cior > B r “ > r > scn~ 

1 This article is based upon a dissertation submitted by E. L. Eckfeldt to the Faculty of 
the Graduate School of the University of Pennsylvania in partial fulfillment of the require¬ 
ments for the degree of Doctor of Philosophy, February, 1942. 

* Sincere thanks are due E. I. du Pont de Nemours and Company, Inc., for a 
Postgraduate Fellowship for the academic year 1940-41. 

•Present address: Research Department, Leeds A Northrup Co., Philadelphia, Penn¬ 
sylvania. 
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with the cation order the same as Hofmeister's. Since then, these orders with 
minor shifts have apeared repeatedly, not only in colloidal but also in other 
branches of chemistry, and they have acquired the name Hofmeister or lyotropic 
series. In 1937, Voet (21) proposed a system of quantitative lyotropy in which 
the behavior of salts in a particular type of experiment, as, for instance, viscos¬ 
ity, salting out, and reaction rate, could be predicted from certain lyotropic data. 
Numerous studies have been made on the lyotropic behavior of ions in liquid- 
liquid systems, and it is to this aspect of the subject that the present discussion 
is limited. 

In most salting-out experiments the normal order of ions is observed; for ex¬ 
ample, fluoride and chloride ions show relatively large salting-out tendency com¬ 
pared with iodide and thiocyanate ions. Thus, for the system n-butyl alcohol- 
water it has recently been found (20) that the lyotropic order in salting out is as 
follows: 


NajSCh > NaCl > NaBr > NaNO, > Nal > NaSCN 

Some cases have been reported, however, in which the anion order is anomalous. 
Kosakevich (17), in studying the solubility of carbon dioxide in ethanol and in 
methanol, and in solutions of these alcohols containing sodium and lithium salts 
(chlorides, bromides, and iodides), found the cation order the same as that usually 
observed but the anion order irregular in methanol and the reverse in ethanol. 
(Liquid-liquid systems and gas-liquid systems in general show similar salting 
effects, which are most likely based on the same fundamental principles.) 
Howard and Patterson (13) investigated the effects of salts on the systems ethyl 
aleohol-parafflns and methyl alcohol-paraffins and found the cation order normal 
but the anion order reversed. 

The lyotropic effect of the anions on the mutual miscibility of cyclohexane and 
methyl alcohol has also been found to be anomalous (5). The figures (6, 7, and 
8) summarizing the phase relations of this system show three aspects of salting 
out, all of which indicate the same reversal of the normal order: namely, 

r > scn" > Br _ > cr > Nor 

Although considerable attention has been given the subject of lyotropy, few 
fundamental suggestions have been made to explain the observed facts. Gross 
(10) proposed a mechanism according to which one ion salts in and the other salts 
out, the net effect determining the observable behavior. The presence of tri-, 
di- and mono-hydrol has also been suggested (3), the equilibria between these 
species being influenced differently by the various ions in accord with the lyo¬ 
tropic series. Yoet (21) believes that the lyotropic effect is determined by the 
magnitude of the electrical field strength of the ion, while Hildebrand (11) and 
Albright (1) are of the opinion that ionic size is of importance. The theory of 
ionic field strength and that of ionic size are obviously compatible, since each 
stresses a different aspect of the same fundamental condition. As the ion be¬ 
comes larger, the charge is spread over a more extensive sphere and the field 
intensity adjacent to the ion decreases. 
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An outstanding contribution to the explanation of salting out was made by 
Debye (4). In his mathematical treatment, salting out is ascribed to the change 
in dielectric constant surrounding an ion. Molecules of high polarity congregate 
in these regions, thus decreasing the solubility of non-polar molecules referred to 
the total polar liquid present. However important this aspect, no comprehen¬ 
sive theory can depend on the electrostatic effect alone, since such a picture has 
no provision to explain salting in when the dielectric constant of the solvent is 
greater than that of the solute (2). 

In an attempt to understand salting effects of the type being discussed, it seems 
useful to recognize three factors: (1 ) The electrostatic effect: This factor is taken 
into account in the Debye theory and may be thought of as an interaction leading 
to salting out in common systems. (2) Compound formation: The chemical 
species may undergo a change generally leading in a ternary system to salting in. 
(3) The ionic polarization effect: This factor is manifest in the effective internal 
pressure and leads to salting out. 


TABLE 1 


Ionic radii 


ION 

RADIUS 


ION 

RADIUS 


A. 




A 

F~ . .. . 

1.33 



Li + . 

0.78 

Cl“. 

1.81 

1 

>. i 

Na + . 

0.98 

Br-. 

1.95 



k + . .. ; 

1.33 

I-. 

i 2.20 



Rb + .! 

1.49 


The first, the electrostatic effect, in common systems causes a decrease in 
mutual miscibility. The correlation of this effect with the ion size is seen in the 
equation of Debye, in which the mean ionic radius appears in the denominator. 
Thus, it follows that salting out is inversely related to the ion size. Table 1 (6) 
gives the sizes of several ions and the salting-out tendency caused by this factor, 
the arrow indicating increasing salting-out tendency. 

Randall and Failey (19), in considering salting out, have emphasized the use of 
ionic strength as more advantageous than concentration. On such a basis, 
which is in accord with the Debye equation, the valency is of little consequence 
and other factors in a lyotropic study become comparable. 

The action of the second salting factor, compound formation, depends upon 
the influence which the added salt has upon the two basic components of the 
system. Compound formation through the cation is likely to be small in the case 
of the alkali metals. The rule of Fajans states that coordination of metal ions 
decreases as the ion size increases and the charge decreases. Although examples 
have been produced, the alkali metals show relatively little tendency to form 
coordination complexes. This point is further demonstrated by the relative 
sparsity of hydrates among the alkali metal salts compared with those of the 
alkaline-earth metals. In many cases, also, hydrates of the alkali metal salts, 
when they occur, are attributable to the anion rather than the cation. 
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Anions tend to participate in coordination much more readily. The order of 
this tendency follows roughly the polarizability of the anion. Thus, the fluoride 
ion rarely appears in coordination complexes, while the bromide and iodide ions 
are frequently so found. The highly polarizable cyanide and thiocyanate ions 
likewise tend to form complexes readily. In table 2 the alkali metal ions and the 
halogen ions are listed in the order of their refractions, which may be used as an 
index of ionic polarizability. The values (8) are for so-called gaseous ions, ions 
hypothetically removed from the effects of solvent and neighboring ions. 

Polarization probably plays an important part in the structure of the poly¬ 
halides of the alkali metals. Both the tendency of this group to form large 
anions and the variety of compound types increase as the size of the ion increases. 

The hydrates of the sodium halides show increasing stability in going from the 
chloride to the iodide. These compounds, each having two molecules of water. 


TABLE 2 

Refractions of gaseous ions 


CATIONS 

ANIONS 

Ion 

Refraction 

Ion 

Refraction 

Li+. 

0.2 



Na+. 

0.5 

F-. 

2.5 

K + . 

2.1 

ci-. 

9.0 

Rb+. 

3.5 

Br-. 

12.5 

Cs+. 

6.1 

I~. 

19.0 





TABLE 3 


Solubilities of sodium salts in methyl alcohol 


Salt. 

NaNOs 

NaCl 

NaBr 

NaSCN 

Nal 

Temperature, °C.. 

ca. 25 

25 

25 

24.7 

25 

Solubility, mole per cent 

0.165 

0.71 

5.43 

13.8 

16.2 


undergo transition, losing their water of crystallization at the following tem¬ 
peratures (1G): sodium chloride, 0.15°C.; sodium bromide, 50°C.; sodium iodide, 
68.9°C. Sodium nitrate is not hydrated. The very high solubility of sodium 
bromide, iodide, and thiocyanate indicates strong solvent attraction for these 
salts. The solubility of these salts in methyl alcohol, although less than in water, 
is still high, and again strong solvent attraction is suggested. The data (14,15) 
in table 3 show that the order in which the solubilities increase is the same as the 
lyotropic order obtained with the cyclohexane-methyl alcohol system. Bromides, 
iodides, and thiocyanates show remarkable solubility in many solvents of inter¬ 
mediate dielectric constant. Sodium iodide crystallizes from methyl alcohol 
with three molecules of solvent. All of these facts testify to the affinity of salts 
with a highly polarizable anion for polar solvents. 

The effect of certain salts, in which an increase in solubility is observed, can be 
explained only on the basis of compound formation. The action of sodium 
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thiocyanate on the butyl alcohol-water system is first salting out and then, with 
larger concentrations, salting in (20). Large quantities of the salt cause a lower 
consolute temperature to appear and the phase curve becomes closed. Lithium 
iodide in sufficient quantities causes the system aniline-water to become com¬ 
pletely miscible at room temperature, although the critical solution temperature 
for the pure system lies at 167°C. (7). Even in the case where no third compo¬ 
nent is present, lower consolute temperatures and the simple case of increasing 
solubility with decreasing temperature are generally thought to be caused by 
compound formation (9). 

Salting in, then, can be understood through solvent-anion interaction. In a 
system such as phenol-water or butyl alcohol-water, the polarizable anions com¬ 
bine with molecules of both liquids. This occurrence leads to negative devia¬ 
tions which can be explained as having a dual cause. First, the number of free 
liquid molecules of both components is reduced and the corresponding activities 
decrease. Secondly, the two complexes, solvent molecules attached to highly 
polarizable anions, may show' inordinate attraction for each other, again leading 
to greater miscibility. 

According to the second salting factor then, the lyotropic order of the ions for 
decreasing salting out would be in the direction of increasing polarizability. The 
halogen ions w ould be arranged thus 

F~ > CF > Br“ > r 

Inspection show s this order to be the same as that required by the electrostatic 
effect. 

The third factor influencing salting-out pow’er, the ionic polarization effect, is 
frequently masked because of the preponderance of the first two factors. Thus, 
lyotropic orders generally correlate the electrostatic effect and compound forma¬ 
tion, both of which give the normal trend’. In cases where compound formation 
is reduced by the nature of the system, as in those in which anomalous orders are 
observed, the polarization factor becomes important. In the anomalous cases 
cited earlier, one of the components w r as chemically inert,—as, for instance, 
cyclohexane,—and the dielectric constant of the mixed system was small com¬ 
pared with systems in wdiich w^ater was one of the components. Since the inert 
component show’s little tendency to unite with the salt added in these cases, 
compound formation cannot operate to make the system more miscible. Thus, 
the effect of the salt is entirely upon the single liquid showing an affinity for the 
added electrolyte, and in this way the third factor comes into prominence. 

The internal pressure of the polar liquid is increased by the presence of the salt 
and greater immiscibility will result. Within the polar liquid there are possibly 
instantaneous arrangements of the nuclei and electrons leading to a range of 
dipole values. Such configurations might be shifted toward higher and less 
temporary dipole values by the presence of the various ions, particularly the 
anions with their highly polarizable electron systems. The high polarizability 
of the iodide and thiocyanate ions acts upon methyl alcohol, increasing the effec¬ 
tive internal pressure and thus decreasing its miscibility with cyclohexane. Ions 
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of lesser polarizability, such as chloride and bromide, have a less marked influence 
in increasing the effective internal pressure. 

When the ionic polarization effect predominates, decreasing salting-out ten¬ 
dency will follow the order of decreasing ionic polarization. Thus, for the 
halogen ions the salting-out order would be as follows: 

r > Br" > cr > F" 

This order is the one found in the previous paper (5) for the three halides studied. 

In pure liquids of various types, the existence of a number of forces has been 
recognized. Among these may be mentioned the forces between permanent 
dipoles, those resulting from the moment induced in a non-polar molecule by a 
polar molecule (the induction effect), those produced by instantaneous arrange¬ 
ments of nuclei and electrons leading to attractions between non-polar molecules 
(the London effect), and those caused by ionic charges. In a series of liquids 
these attractive forces are present to different extents. Thus, London forces 
predominate in non-polar and in only slightly polar liquids. However, as the 
dipole moment increases, dipole-dipole attraction increases markedly, until in 
the case of water it is perhaps four times as large as the London forces. 

In a homogeneous mixture of two or more liquids, there is undoubtedly an 
interplay of the various forces which may be further complicated by the addition 
of an electrolyte. In highly polar liquids, the effect of the salt would be of lesser 
influence because of the more important permanent dipole attractions. With 
liquids of lower dipole moment than water, the ionic polarization factor would 
be appreciable and anomalous lyotropic order would appear, as in the cyclohex¬ 
ane-methyl alcohol system. The effect of an added ion in increasing the polarity 
of a polar liquid may be thought of as analogous to the attractions produced in 
non-polar liquids by the temporary dipoles within the molecules of the pure 
liquid. 

Cation, as well as anion, behavior agrees with this picture of salt effect. Since 
the alkali metal ions show but little tendency to form compounds and since their 
polarizabilities are low, at least for the ones for which lyotropic data are avail¬ 
able, their order follows the normal behavior. 

Numerous cases exist where one or two members of a series are out of place 
but where the general order is correct. Such abnormalities are readily under¬ 
stood when the theory of salting out rests upon a number of competing and inter¬ 
related factors. The position of an ion depends upon the net effect of the salting 
factors postulated. 


SUMMARY 

An explanation for the lyotropic order of salting action in liquid-liquid systems 
has been proposed which attempts to cover not only the normal case but order 
inversion such as found in the cyclohexane-methyl alcohol system.' According 
to tins view, salting action depends upon the net effect of three competing factors 
—the electrostatic effect, compound formation, and ionic polarization. 
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I. INTRODUCTION 

Orange II, a water-soluble dye (Color Index #151, Schultz tables #86) is 
the monosodium salt of l-p-sulfophenylazo-2-naphthol. It is formed by diazo- 
tization of sulfanilie acid and coupling the diazo compound with 0-naphthol. 

When a solution of Orange II in water is mixed with an aqueous alumina hy¬ 
drate gpl a color lake may be formed. The mechanism of the formation of this 
color lake, the Persian Orange lake, has been the subject of several investigations. 
Reinmuth and Gordon (4) proved that the precipitate formed upon addition of 
an aqueous solution of an aluminum salt to a solution of Orange II in water is a 
definite salt of the composition A1X 3 . where X represents the univalent Orange 
II acid radical. The same authors also proved that upon interaction of the free 
Orange II acid (a very soluble and comparatively strong acid) and alumina 
hydrate the compound A1X 3 is also formed. 

This observation was confirmed by Bancroft and Famham (1). These latter 
authors, however, also studied the interaction between the sodium salt of Orange 
II and alumina hydrate and concluded that the mechanism of the interaction 
must be considered as a pure adsorption. These conclusions seem to be directly 
contradictory to the results of investigations of Marker and Gordon (3), who 
studied the amount of dye taken up by alumina hydrate as a function of the 
acidity of the solutions. A sharp break was found to exist at a pH of 3.0, where 
a tremendous increase in the quantity of dye taken up by the hydrate was ob¬ 
served. The conclusion was drawn that a chemical reaction occurred which was 
responsible for the lake formation. 

Weiser and Porter (6), in earlier investigations, questioned the existence of a 
chemical compound A1X 3 and attributed the formation of the Persian Orange 
lake to pure adsorption. In subsequent publications Weiser (5) conceded the 
existence of a definite alumina salt of Orange II acid. He still was inclined, how¬ 
ever, to believe that the Persian Orange lake formation proper was a process of 
adsorption, rightly pointing out that the formation of a definite salt by interaction 
of aqueous solutions of aluminum chloride and the sodium salt of Orange II does 
not prove that the same type of reaction does necessarily occur by interaction of 
the sodium salt of Orange II and alumina hydrate. 

The following study is part of an investigation as to the mechanism of the 
interaction between Orange II and alumina hydrate. 
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II. EXPERIMENTAL 
A. Materials 

( 1) Orange II: The Orange II dyestuff used was a purified commercial prod¬ 
uct. The water content was found to be 2,8 per cent by measuring the loss of 
weight on drying in vacuum until constant weight at room temperatures. The 
ash content was the amount theoretically required for a pure product. No 
foreign metals were present. 

Since Orange II solutions are readily decomposed on standing, fresh solutions 
were made up each time. 

(#) Alumina hydrate: Alumina hydrate was prepared by precipitating a 0.3 
N solution of aluminum sulfate with a 0.3 N solution of sodium carbonate at 70°C. 
The precipitate was filtered and washed with distilled water until addition of 
barium chloride to the filtrate did not cause an opalescence. The filter cake was 
reslurried and rewashed, and this procedure was repeated again. Finally a sus¬ 
pension was made containing 37.2 g. of A1 2 0 8 per liter, and was allowed to<age for 
several months at room temperature. 

A sodium analysis of the alumina hydrate was carried out. A known volume 
of the suspension was evaporated and heated to red heat in a quartz crucible to 
constant weight. The contents of the crucible was treated with sulfuric acid and 
once more heated to red heat. An extraction was carried out with boiling water 
and sodium was estimated in the extract as sodium zinc uranyl acetate, according 
to the method of Barber and Kolthoff ( 2 ). An amount of sodium corresponding 
to 0.41 milliequivalent per gram of AI 2 O 3 was found. 

Sulfate was determined by dissolving a known volume of the suspension in 
hydrochloric acid and precipitating the sulfate as barium sulfate. An amount of 
1.57 milliequivalents of sulfate per gram of A1 2 0 8 was found. 

The pH of the alumina hydrate suspension was 6.50. 

The particles of the suspension showed a positive charge, as was indicated by 
their electrophoretic motion in a U-tube. 

(8) Chemicals: All chemicals used were of C.P. quality. 

B. Method 

Dye solutions were made up by weighing the required amount of dye and add¬ 
ing distilled water up to a given volume. Lakes were prepared by adding a 
measured volume of the dye solution to a measured volume of the alumina hy¬ 
drate suspension. The solutions in Pyrex bottles sealed with rubber stoppers 
were placed in a thermostatic shaker filled with water of 40°C. 0 . 1 °. After 

the period of interaction the solutions were centrifuged in an International clinical 
centrifuge for 15 min. at approximately 2000 r.p.m. A measured volume of the 
top layer was removed carefully with a pipet and recentrifuged, generally after 
dilution with a measured volume of water. All solutions were examined in a 
strong light and analyzed only in the complete absence of suspended particles. 
Determinations of dye concentrations were carried out by means of a Hellige- 
Duboscq optical colorimeter which was adjusted daily by comparing solutions 
containing known quantities of dye. 
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Estimations were made of the concentration of the dye remaining in solution 
after removal of the lake by centrifuging. The quantity of dye taken up by the 
alumina hydrate was found by subtracting these estimated quantities from the 
amount of dye originally added to the solution. 

The pH of the solutions was measured with a Coleman glass electrode pH 
meter, which was standardized with a Coleman standard buffer solution. Meas¬ 
urements were made in the liquid containing dyestuff and lake suspension after 
the end of the period of interaction. Consequently, all reported pH values refer 
to the final stage of suspension. 

Adjustments of the pH were made by addition of the required quantities of 
hydrochloric acid or sodium hydroxide. 




Fig. 1 . Amount of dye taken up by the alumina hydrate plotted against the final 
concentration. 

Fig. 2. Amount of dye taken up by the alumina hydrate plotted against the pH. 
-, data of the author; -., data of Marker and Gordon. 

C. Data 

( 1 ) Influence of the dye concentration: The influence of the dye concentration 
was studied first. To the alumina hydrate suspension equal volumes of dye 
solutions of the different concentrations were added, the pH of which had been 
previously adjusted to a standard. The amount of dye taken up was estimated 
after 72 hr. of interaction at 40°C. The result is given in figure 1, where the 
amount of dye carried down by the alumina hydrate is plotted against the final 
concentration for solutions of a pH of 7.16, as well as for solutions of a pH of 6.40. 

It was found that in solutions of a final pH of 5.5, as well as in more acid solu¬ 
tions, all the dyestuff present is carried down by the hydrate independent of the 
initial dye concentration. 

(#) Influence of the pH: Although the importance of the pH may be observed 
from the curves of figure 1, the influence of the pH on the amount of dye taken 
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up by the hydrate is plotted separately in figure 2 for a solution containing 1.90 
per cent of Orange II. It was found that only a slight amount of dye is taken up 
in neutral and basic solutions, while a tremendous increase is observed in more 
acid solutions. 

The data of Marker and Gordon (3) are plotted in figure 2, indicated by a 
dotted line. Aside from the sharp break in this curve, which might be attributed 
to lack of data in the critical range, the general character of both curves shows a 
certain similarity, although a shift over a range of 4 pH units is observed. 

in. DISCUSSION 

When we consider the curve of figure 1 measured at a pH of 7.16, it becomes 
evident that the shape of the curve is that of a regular adsorption isotherm. 
Consequently the mechanism of interaction between Orange II and alumina hy¬ 
drate at a pH of 7.16 is adsorption. 

When we consider the curve of figure 1 at a pH of 6.40, a more complicated 
picture is observed. The quantity of dye taken up by the alumina hydrate, 
however, may be formed by superposition of a constant quantity independent of 
the concentration, and a variable quantity which follows a regular adsorption 
isotherm. 

Finally, at still higher acidity, it is observed that all the dye present in the 
solution is carried down by the hydrate. 

This rather complicated picture becomes comparatively simple when it is 
borne in mind that precipitated alumina hydrate is readily dissolved in acid. 
Consequently we may expect that at a pH below 7.0 the hydrate will dissolve. 
The speed of this process is greatly increased at greater hydrogen-ion concentra¬ 
tions. Thus a very substantial increase of the quantity of hydrate dissolved per 
unit of time occurs on lowering the pH. As a result of the dissolution of alumina 
hydrate, aluminum ions are formed which are able, as previously mentioned, to 
form the insoluble aluminum salt of Orange II. Consequently, at a pH directly 
below 7.0 the amount of dye carried down by the hydrate is made up by superpo¬ 
sition of a precipitated and an adsorbed part. At a still higher acidity, where a 
large quantity of aluminum ions is present, practically all the dyestuff carried 
down will be in the form of the aluminum salt. This range was found to start 
at a pH of 5.5 for our alumina hydrate. At a pH above 7, in the absence of pre¬ 
cipitating ions, the entire amount taken up is adsorbed. 

More proof of these opinions is furnished by further experiments. 

In a separate blank experiment, under conditions exactly similar to those of 
the experiments reported in figure 1, an estimation was made of the quantity of 
alumina hydrate dissolved by the amount of hydrochloric acid added to reach 
the final pH of 6.40. It was found that this quantity, calculated per gram of 
AliOg, was able to precipitate 560 mg. of Orange II dye; this corresponds exactly 
to the point of the curve extrapolated to zero concentration. Thus the meaning 
of figure 2 becomes clear. At a high pH, above 7.0, the interaction of hydrate 
mid dye is a pure adsorption. Directly below the neutral point, chemical reac- 
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tion and adsorption are both observed, while at lower pH the chemical combina¬ 
tion becomes rapidly dominating, owing to abundance of aluminum ions. 

Although the basic part of the curve of figure 2 represents a true adsorption 
equilibrium, the acid part does not. Upon prolonged interaction more hydrate 
will dissolve and more dye will be precipitated. The theoretical limit is reached 
only when all the excess acid is used up. On the other hand, if the type of hy¬ 
drate used is less reactive, it will dissolve only when a higher acid concentration 
is present and, although the general character of the curve is maintained, a shift 
in pH towards the acid side must occur. The data of Marker and Gordon (3) 
given in the dotted line might be explained by this consideration. 1 

Physically and chemically a very distinct difference is observed between 
“adsorbed” lakes formed at a pH above 7.0, and “precipitated” lakes formed 
in the presence of aluminum ions at a pH lower than 7.0. Adsorption com¬ 
plexes have a yellowish shade, while precipitated lakes have a more reddish 
shade. On prolonged washing with distilled water of 25°C. the filtrate of a pre¬ 
cipitated lake was only very slightly colored and had a pH of 5.0, while under 
similar conditions the filtrate from the adsorption complex was markedly colored 
and had a pH of approximately 4.0. Since the solubility of the aluminum salt 
of Orange II is very slight, the precipitated lake does not lose much of its dye on 
prolonged washing, while the absorbed lake is rapidly decomposed. 

Finally, a color lake was prepared which was known to contain only the alumi¬ 
num salt of Orange II. This was done by first precipitating the aluminum salt 
of Orange II, by adding an equivalent quantity of aluminum chloride to a solu¬ 
tion of Orange II, and then mixing the wet precipitate with an alumina hydrate 
gel. The resulting product could not be distinguished physically or chemically 
from a color lake made by interaction of Orange II and alumina hydrate at a pH 
below 5.5. 

A further study revealed the type of adsorption occurring at a pH above 7.0. 
Analysis of adsorption lakes showed that no sodium was present in the lake. 
This observation eliminates a direct adsorption of the dye and leaves as an ex¬ 
planation of the adsorption phenomena either an exchange adsorption or a 
hydrolytic adsoiption. Hydrolytic adsorption, however, must also be disre¬ 
garded, since no change in pH is observed as a result of adsorption. Conse¬ 
quently, exchange adsorption is the only remaining possibility. This is proved 
directly by analysis, which showed that sulfate ions previously adsorbed by the 
hydrate are released upon adsorption of Orange II acid, in such a way that 
one sulfate ion is exchanged for every two Orange II ions. 

It is interesting to note that the apparent contradictions mentioned in the 
literature are non-existent. Marker and Gordon (3) rightly claimed a chemical 
combination, since their experiments were made in acid solutions, while Bancroft 
and Famham (1) were justified in claiming an absorption, since it may be de¬ 
duced from their reports that they studied neutral or slightly basic solutions. 

1 A source of errors is very likely the use of the rather doubtful Bayliss electrode by 
Marker and Gordon in 1924 to measure pH values. The modern glass electrode is much 
more reliable. 
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IV. SUMMARY 

The interaction of Orange II and alumina hydrate is essentially an exchange 
adsorption, where one sulfate ion is exchanged for two dye anions. When 
aluminum ions are present, as may be the case at a pH below 7.0, the aluminum 
salt of Orange II is precipitated. Orange II lakes prepared at a pH below 5.5 
with the type of alumina hydrate described previously are pure aluminum salts, 
while lakes prepared at a pH between 7.0 and 5.5 consist of mixtures of an ad¬ 
sorption complex and a chemical combination. 

The author wishes to express his thanks to the Sun Chemical & Color Com¬ 
pany, Division General Printing Ink Corporation, for their permission to publish 
this investigation. 
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Laurylsulfonic acid has proven to be the most satisfactory colloidal electro¬ 
lyte for exact experimentation. It is a freely soluble, simple, uni-univalent, 
straight-chain, free sulfonic acid with twelve carbon atoms, and it cannot 
hydrolyze. Its properties are closely similar to those of all straight-chain col¬ 
loidal electrolytes. Indeed, A. P. Brady (work not yet published) has shown 
that the osmotic properties of all the members of all kinds of straight-chain 
compounds, anionic or cationic, can be superimposed on one single curve. 

Most of the simple unambiguous quantitative methods of classical physical 
chemistry have now been applied to laurylsulfonic acid. The chief one lacking 
has been a study of the electrolytic migration, which is here supplied. 

The results are highly interesting in themselves, in as much as the transport 
number, n, exhibits a sharp maximum in moderately low concentration (0.055 N). 
The data yield direct information as to the properties of the carriers of the elec¬ 
tric current in solutions of colloidal electrolytes. 

1 Presented at the Nineteenth Colloid Symposium, which was held at the University 
of Colorado, Boulder, Colorado, June 18-20, 1942. 
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However, a more important result is that w'e now have quantitative data for 
laurylsulfonic acid obtained from conductivity, freezing point, diffusion, migra¬ 
tion, solubilization of dyes, electromotive force, viscosity, density, surface ten¬ 
sion, and surface adsorption. Each of these gives a definite kind of information 
about the nature and properties of the colloidal electrolyte and any hypothesis 
which does not conform to all these requirements simultaneously has to be 
rejected. There are also data upon the behavior and effect of added hydro¬ 
chloric acid. 

We have, therefore, now a unique experimental basis upon which to build a 
sound theory of colloidal electrolytes. The present paper is concerned with 
interpreting the migration data in relation to the information already es¬ 
tablished. 

It is now universally agreed that, in extreme dilution, a colloidal electrolyte 
exists practically only as independent simple ions. Likewise, it is agreed that 
at a certain dilution, called the critical concentration for the initial formation of 
micelles, association rapidly becomes predominant, and colloid forms in sub¬ 
stantial proportions. The sharpness or lack of sharpness of this initial formation 
depends greatly upon the kind and molecular weight of the colloidal electrolyte 
and upon the concentration, high or low, at which it occurs. Thereupon, over 
at least a tenfold range of concentration, colloid increases in amount in almost 
direct proportion to the increase in concentration. 

This second range of dilute solutions concludes almost abruptly at another 
critical concentration, where the behavior again completely alters, and the con¬ 
ductivity and other properties pass through a minimum, the osmotic coefficient 
ceases to diminish, the rate of diffusion passes through a sharp minimum, and 
the transport number exhibits a maximum peak. At all high concentrations, 
diffusion and conductivity rise slowly, tending towards those of ordinary elec¬ 
trolytes, osmotic activity remains almost constant, or it may rise, and transport 
numbers slowly decline. 

McBain was the first to recognize and define the class of colloidal electrolytes, 
which may well prove to be as numerous as ordinary electrolytes. His first 
thought was that a single kind of colloidal particle might suffice, and two or 
three authors still try to explain colloidal electrolytes on this assumption. 
However, to meet the requirements of different physical-chemical methods, he 
found it necessary to assume that more than one kind of colloid is present. 
Nearly all authors now agree that several kinds of micelles must occur and they 
differ only in details as to their characteristics. 

EXPERIMENTAL 

The electrolytic migration was determined by direct analysis, which gives 
the Hittorf transport number of the laurylsulfonic radical (not ion, except in 
extreme dilution). Measurements were carried out in the borosilicate-glass 
apparatus illustrated in Fig. 1 of a previous paper (2). To ensure an unchanged 
middle portion, the contents were separated into five successive compartments 
for analysis. It was not necessary to use the guard solutions that are essential 
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with ordinary soaps. The analyses were made by direct titration of weighed 
portions with carefully standardized solutions of sodium hydroxide. These were 
made from sodium drippings in carbon dioxide-free air, were standardized 
against constant-boiling acid, and were checked with Bureau of Standards ben- 
' zoic acid. Only those experiments in which the middle portion remained sub- 


TABLE 1 

Transference data for the total lauryleulfonate radical in 0.179t m laurylsulfonic add 
110 volts; 40-48 milliamperes; 1 hr.; 20°C.; silver deposit, 0.2125 g., 0.002525 equivalents 


fOKTION 

EQUIVALENTS CHANGE 

TRANSFERENCE 
NUMBER ft 

Anode. 

+0.000500 

+0.000097 

-0.0000021 

+0.236 

AM. 

Middle. 


CM. 

-0.000076 „ 

-0.237 

Cathode. 

-0.000523 0 0599 





Fig. 1. Electrolytic migration or Hifforf or transport number of laurylsulfonate radi¬ 
cal in solutions of dodecylsulfonic acid compared with the diffusion data. T.N. — trans¬ 
port number; l.D. = integral diffusion; D.D. ■* differential diffusion; C.C. *■ critical 
concentration. 

stantially unchanged have been recorded. This is an essential check, because 
the basis of migration work consists in maintaining the middle portion unchanged 
so that the amount of ions leaving and entering it are exactly the same. In 
practice the “anode middle” and “cathode middle” portions are removed first 
by pipetting them into weighed flasks. Then, the glass joints of the apparatus 
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TABLE 2 


Summary* of transference data for the total sulfonate radical in various dilutions of 

laurylsulfonic acid 

t - 20°C. ± 0.2° 


CONCENTRATION 

N w 

EQUIVALENTS CHANGE 

EQUIVALENTS 

SILVER 

DURATION OP 
CURRENT 

TRANSFERENCE 

NUMBER 

0.00116 

| A +0.0000254 

M no change 

C -0.0000362 

0.000164 

4 hr. 

±0.045 

0.00117 

A +0.00001025 

M no change 

C -0.000011766 

0.000164 


±0.064 

0.00538 

A +0.0000325 

M no change 

C -0.0000314 

0.000489 


±0.065 

0.00557 

A +0.0000296 

M -0.0000003 

C -0.0000301 

0.000471 


±0.063 

0.006425 

A +0.0000428 

M no change 

C -0.0000465 

0.0005533 

4 hr. 

±0.080 

0.01127 

A +0.0000743 

M -0.0000004 

C -0.0000749 

0.0008292 

3i hr. 

±0.090 

0.01150 

A +0.0000639 

M -0.0000005 

C -0.0000620 

0.0006712 

2ihr. 

±0.092 

0.0323 

A +0.0001042 

M no change 

C -0.0001068 

0.0005374 

2J hr. 

±0.196 

0.0454 

A +0,0001557 

M -0.0000009 

C -0.0001747 

0.0005727 

3 hr. 

±0.289 

0.0454 

A +0.000303 

M -0.000004 

C -0.000307 

0.001078 

ca. 3 hr. 

±0.283 

0.0551 

A +0.000304 

M no change 

C -0.000301 

0.000859 

2 hr. 

±0.351 


* For brevity, the anode middle portions are included in the anode portion A, and the 
cathode middle portions are included in the cathode portion C. 
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TABLE 2 —Concluded 


CONCENTRATION 

EQUIVALENTS CHANGE 

EQUIVALENTS 

8JLVEE 

DUEATION OT 
CUKHENT 

TEAN8IE1BKCE 

NUMBS* 

0*0654 

A +0.000391 

M —0.000009 

C -0.000380 

0.001312 

110 min. 

+0.293 

0.0752 

A +0.000401 

M no change 

C -0.000427 

0.001445 


±0.285 

0*1164 

A +0.000439 

M -0.000011 

C -0.000457 

0.001879 

I 

80 min. 

+0.246 

0.1792 

A +0.000597 

M -0.000002 

C -0.000599 

0.002525 

60 min. 

+0.237 

0.3053 

A +0.000672 

M no change 

C -0.000700 

0.C03090 

60 min. 

+0.219 

0.3475 

A +0.000453 

M -0.000022 

C -0.000413 

0.002046 

60 min. 

+0.223 


are separated, and the anode U-tube with its contents is weighed, its previous 
weight when dry and clean already being known. The contents were carefully 
rinsed into the titration vessel with boiled-out conductivity water. The weights 
of the anode and cathode solutions were corrected for the weight of the gas 
evolved during electrolysis, as calculated from the coulometer readings. 

The laurylsulfonic acid used was the pure specimen made for us by M. E. 
Synerholm by the method of Noller and Gordon (5). It had an equivalent 
weight of 250.05 and was almost colorless. Owing to its extreme hygroscopicity, 
the original solutions used were analyzed in the same way as the experimental 
portions. Concentrations are expressed in weight normalities or molalities, 
that is, gram-molecules of acid per 1000 g. of water. 

METHOD OP CALCULATING RESULTS 

To the weight of anode or cathode is added the weight of oxygen or hydrogen, 
in grams, equivalent to the silver deposited. From this is subtracted the weight 
of all glassware and the sulfonic acid found by titration. This leaves the weight 
of water which must have been introduced with the laurylsulfonic acid before 
the experiment. From the original concentration of acid, the laurylsulfonic 
acid corresponding to this amount of water is calculated. The change in amount 
of sulfonate radical found gives the actual movement or transference of sulfonate 
radical. Expressed in equivalents and divided by the equivalents of diver 
deposited, it gives the migration or transport number, », of sulfonate radical in 
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equivalents of total sulfonate radical moved into and out of the middle portion 
for each Faraday of current. Except at infinite dilution, it is not the transport 
number of the sulfonate ion itself. 

Table 1 shows the data for a typical experiment and table 2 and figure 1 
summarize the experimental data. 


DISCUSSION 

The transport number for sulfonate radical in the 0.001 m solutions of lauryl- 
sulfonic acid gives a mean value of 0.059 equivalent of RSO 3 moving through 
any cross section per Faraday of current. This enables us to decide between 
the conflicting values for the conductivities for the anion as obtained from con¬ 
ductivity by different authors, which range from my own value of 22 mhos, in 
agreement with Ward ( 8 ), but in contrast to 35 and 36 from two other authors 
(1,6). The ionic mobility 22, divided by the limiting conductivity, 373, equals 
0.059, the transport number here found. This shows practically complete dis¬ 
sociation into simple ions at this concentration. 

An important finding with regard to the conductivity of laurylsulfonic and 
myristylsulfonic acids was that, in very dilute solution, the conductivity was 
constant. In other words, the conductivity did not fall off as required by the 
Debye-Huckel-Onsager theory. The conclusion was drawn that a slight 
amount of some small, relatively highly charged “ionic micelle ,, must be present, 
even in low dilution, to account for this small but definite excess of conductivity. 

This conclusion is supported by the present transport data, which definitely 
increase at dilutions before reaching the so-called critical concentration for the 
initial formation of micelles: namely, 0.007 m. Hartley, Mouillet, Collie, and 
Robinson found that in such great dilution as 0.0004 m, the conductivity of 
methylene blue was 25 to 30 per cent higher than at infinite dilution, likewise 
proving that highly conducting micelles are present in this initial range. 

There are two ways in which the transport number may be increased. The 
first is through actual increase in mobility, as in the ionic micelles to which we 
have just referred. This can happen only if there is more than one charge on the 
same particle, which cannot, therefore, be a simple ion or an ordinary complex 
ion. Obviously, adding neutral material or ion pairs to a singly charged anion 
can only load it down, increase its size, and increase its resistance to movement, 
and hence always lower its mobility or conductivity. Secondly, the actual trans¬ 
port, and therefore transport number, can be increased through association of 
ions of both signs within the same colloidal particle, even where the mobility of 
the resulting particle lies lower than that of the simple anion. 

Reference may be made to the paper by Van Rysselberghe (7) for the develop¬ 
ment of the formula suggested by McBain for calculating the conductivity and 
also the mobility of a spherical particle. According to Stokes’ law, when n frag¬ 
ments of a particle, each carrying one negative charge, unite to form one particle 
with n charges, the total conductivity is increased by n 2 /s -fold. A formula re¬ 
peatedly suggested by Hartley for his spherical micelle would thus lead to an 
increase rather than the actually observed decrease in conductivity, and it would 
also give an increase of several hundred per cent in transport number. In the 
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observed region of rapidly falling conductivity, one has to assume fax less electri¬ 
cal charge, or more complete neutralization of the average colloidal micelle. 

A frequent error is to assume that the equivalent conductivity multiplied by 
the transport number gives the mobility of the particle. This is definitely not 
the case when the particle contains ions of both signs. Take, for example (4), 
cadmium iodide, which forms CdlF ions in higher concentrations. The trans¬ 
port number of the iodine rises from 0.55 for complete dissociation into the ample 
ions Cd++ and I - in dilute solution to the value 1.25 for high concentrations. 
Except for dilute solutions, the transport number, n, is that of iodine, not that of 
the iodide ion, since CdljT contains three iodine atoms. In all cases, the trans¬ 
port number of iodine, n t , equals total movement of iodine in equivalents/total 
current in Faradays. In dilute solution, n x becomes identical with n,-, which 
is equal to 0.55, that is, movement of iodide ion divided by total movement of 
cadmium ion and iodide ion. In concentrated solution, the true transport num¬ 
ber for Cdir ion, ncdin is equal to the movement of that ion divided by the 
total movement of cadmium ion and CdlJT ion, that is, 0.42, a value which is one- 
third of the transport number of the iodine, 1.25, because for each charge being 
carried on the complex ion there are three atoms being moved. The transport 
number of the negative charges or real ions is 0.42, where that of the element, 
iodine, is three times greater. 

Always, the true transport number of the actual ions or particles is the fraction 
of one equivalent of current that is carried by that particle per equivalent of total 
current. It is therefore always a fraction of unity and is identical with the 
transport number of the electrical charge carried by such particle, the sum always 
adding up to unity. 

The transport number of material by any one charged species (2) is mfc/n, 
where m is equal to the number of chemical equivalents per unit of free charge on 
that particle, / is the conductivity contributed by one chemical equivalent of 
matter in such particle, and c is its concentration in chemical equivalents in 1000 
g. of solvent, /i is the sum, not of the fine’s but of the fc ’s for all species of 
charged particles or ions present and is the actual conductivity in mhos of the 
amount of solution contained in 1000 g. of solvent. Thus / is the true electrical 
mobility and mf is the material mobility. 

Thus the mobility or equivalent conductivity of CdlF is 0.42 times the total 
conductivity, instead of the value 1.25 times the total conductivity, which per¬ 
tains to iodine atoms, not ions, because to is equal to 3. Hence, in order to ascer¬ 
tain the true mobility, it is necessary to know the actual composition and charge 
of the charged particle. 

If the formula of the particle is A n BS"“ n)< ' ) , where A and B are expressed 
in chemical equivalents, the true transport number is related to the observed 
transport of the element or radical B in the proportion of (to - n)/m, that is, 
for Cdir just discussed. 

In general, the conductivity contributed by the particle, as compared with the 
simple ion B - , is diminished first and foremost by the loss of free charges in the 
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proportion (m - n)/m. Then the composition (and shape) of the particle has to 
be examined to see whether the net effect, on the one hand, of reducing the mo¬ 
bility by loading each charge with ion pairs is greater than the effect, on the other 
hand, of combining .several fragments, of one free charge each, into a single 
particle, as already explained. 

These general considerations may be made even clearer by referring to the 
transport of hydrogen instead of sulfonate radical. At infinite dilution, the 
transport number of hydrogen is identical with that of hydrogen ion: namely, 
0.941. In moderate concentrations, the transport number of hydrogen falls to 
the sharp minimum of 0.649, rising again to 0.781. However, the transport 
number of the hydrogen ion itself is actually increased above the value 0.941, 
because the true transport number of the hydrogen ion is the fraction of the cur¬ 
rent carried by the hydrogen ion. The essential point is to distinguish between 
transport of material accompanying one electrical charge and the linear move¬ 
ment of that electrical charge. If m equivalents of material accompany one 
electrical charge, then the transport number of the element or radical will be m 
times greater than the real transport number of the complex ion or colloidal 
particle. It is for this reason that a colloidal particle or a bubble or a droplet is a 
far more efficient carrier of material than an ordinary univalent ion. 

Returning to the actual figures here determined for transport of sulfonate 
radical, it was seen that they rise sixfold from infinite dilution to the maximum 
value in 0.055 solution, while the conductivity is falling by 58.5 per cent No 
other explanation is possible than that the main kind or kinds of colloid forming 
throughout this range contains many sulfonate radicals per single charge, that is, 
the colloid contains much neutral material, molecules, or ion pairs. The x-ray 
evidence from several laboratories shows the presence of lamellar micelles. 

However, the conductivity continues to decrease past this maximum for 
transport number, so that up to 0.08 m both fall simultaneously. This appears 
to necessitate the conclusion that the average composition of the colloid is chang¬ 
ing. It still continues to change above this concentration, where the conduc¬ 
tivity again rises while transport numbers continue to fall. It is impossible to 
explain all this on the basis of one kind of colloidal particle of fixed composition. 

Lack of space prevents us from now proceeding to a review of the simultaneous 
significance of the many kinds of quantitative data now available for these solu¬ 
tions. Only one feature need be pointed out. The differential or true diffusion 
curve exhibits a sharp minimum at the same concentration at which the transport 
number exhibits its sharp maximum. We have already taken this as conclusive 
evidence of more than one kind of colloid in the solutions of this one colloidal 
electrolyte. 

SUMMARY 

Electrolytic transference numbers of solutions of laurylsulfonic acid have been 
measured over a wide range of concentration. 

The transport number of sulfonate radical rises from that of the simple ions at 
infinite dilution to a sixfold larger sharp peak in 0.055 m solution, where diffusion 
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exhibits a minimum, but where conductivity and osmotic coefficient are still 
falling off. 

It is shown, in agreement with most writers at the present time, that more than 
one kind or composition of colloid must be present in such solutions of colloidal 
electrolytes. 

Occasion is taken to correct a common misconception of the significance of 
transport of material in a colloid particle or a complex ion as distinguished from 
the true or electrolytic transport number. 
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I. INTRODUCTION 

Although it is well known that boric acid cannot be titrated satisfactorily by 
strong base, using phenolphthalein as an indicator, unless a suitable “activator’' 
such as glycerol or mannitol is added (24), there is no generally accepted theory 
of the remarkable action of these compounds. The increase in effective acidity 
of the weak boric acid which is found to be produced by polyhydric alcohols in 
general is variously called “potentiation” (15,16,17) or “activation” (1). Some 
sort of compound formation between the boric acid and the “activator” is gen¬ 
erally accepted as the fundamental explanation, but the composition, not to 
mention the structure, of the compounds is debatable (1,3). 

A number of papers by Boeseken and his collaborators (3,4,7) have presented 
the thesis that the polyhydric alcohols which “activate” boric acid produce 
esters of the acid and the “activator.” These esters are the result of a two-step 
reaction: 
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According to Boeseken, the type I compound does not increase the effective 
acidity of the boric acid. Only the type II compound, in which the boron atom 
has been esterified thrice and subsequently has attained a covalence of four, is 
responsible for the increase in the acidity of the boric acid (4). 

♦ At the present time the application of this theory as a quantitative interpreta¬ 
tion of the stoichiometric titration of boric acid in the presence of glycerol or 
mannitol is not satisfactory. Furthermore, no compound of glycerol and boric 
acid of type I or type II has been isolated nor has the existence of either type 
been adequately demonstrated. With respect to mannitol and boric acid, no 
esterified compounds have been isolated and the quantitative interpretations 
of the “activation” are fragmentary (5). Krantz, Beck, and Carr (16), employ¬ 
ing Boeseken’s procedures, reported that they were “unable to account for the 
differences between the results of our investigation and BoesekenV’ for the 
ratio of boric acid to poly alcohol in the levulose-boric acid complex. 

We find that when Boeseken’s mass-action treatment is applied to Rimbach 
and Ley’s complete data on the acidity of boric acid and mannitol (22), the 
results are not as consistent as those published by Boeseken in his treatment of 
selected portions of the data (5). 

Kolthoff (14) employs a mass-law treatment of van Liempt’s titration curves 
of boric acid in the presence of glycerol. He claims that a complex containing 
equimolecular proportions of glycerol and boric acid is formed. This finding 
is in conflict with the type II compound required according to Boeseken’s theory. 
However, we are unable to confirm Kolthoff’s calculated values by his own 
method of calculation. 

Bancroft has raised objections to the assumption that esterified compounds 
are responsible for the “activation” (1). He has suggested (2) that the inter¬ 
pretation of the “activation” process should be sought in the solution of the 
boric acid “preferentially in the activating substance,” presumably meaning 
changes in the activity coefficient of boric acid in solvents other than water or a 
dehydration of the orthoboric acid. Bdeseken’s reply (6) to Bancroft’s objec¬ 
tions does not bring us any closer to a quantitative interpretation of the titra¬ 
tion curves of boric acid in the presence of mannitol or glycerol. 

It is the purpose of this research to isolate the compounds produced by the 
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reaction of boric acid with the lowest glycols of the homologous aliphatic series 
and with glycerol and to establish their composition and structure. 

For the purpose of orientation a brief summary of the types of experimental 
investigation to be employed is given:. 

A. Preliminary investigation of possible reactions. 

B. Synthesis and identification of the compounds between boric acid and 

glycols indicated in the preliminary experiments. 

C. Synthesis and identification of the compounds between boric acid and 

glycerol or substituted glycerols indicated in the preliminary experi¬ 
ments. 

D. Substantiation of compounds. 

E. Exclusion of other types of compounds. 

F. Structure of the glycol borates. 

G. “Activation” of boric acid by glycols. 

H. Miscellaneous observations. 

II. MATERIALS 

Boric acid from the Pacific Coast Borax Company analyzed 99.9 per cent 
boric acid and was free from sodium (flame test), chloride (silver nitrate test), 
and sulfate (barium chloride test). 

Water-white glycerol from Procter & Gamble Company assayed 97.66 per 
cent glycerol and was free from chloride and sulfate (tests as above). The 
mannitol, from the Atlas Powder Company, was also chloride- and sulfate-free. 
Propylene and ethylene glycols and methyl cellosolve were from Carbide and 
Carbon Chemicals Corporation, and the 1,3-butylene glycol was from Schur- 
chardt; all were used without further purification (unless noted). Other chem¬ 
icals, obtained from the Eastman Kodak Company, were: trimethylene glycol, 
b. p. 113-121°C.at 20 mm.; 2,3-butylene glycol, m.p.21~23°C.; isobutylene gly¬ 
col, b. p. 175-177.5°C. at 760 mm.; glycerol a-monochlorohydrin, b. p. 115- 
120°C. at 15 mm. and 84-86°C. at less than 1 mm.; glycerol a-monoacetate, 
b. p. 157-159°C. at 15 mm. 

The following chemicals were synthesized according to the methods described 
in the corresponding references: 1,3-butylene glycol (11), b. p. 66-69°C. at less 
than 1 mm.; glycerol a-chlorohydrin (20), b. p. 105-107°C. at 6 mm.; glycerol 
a-monomethyl ether (10), b. p. 68-73°C. at less than 1 mm.; glycerol #-mono- 
n-butyl ether (10), b. p. 93-98°C. at less than 1 mm. As the glycerol butyl 
ether was not reported earlier (10), a sample was analyzed: 1 carbon, calculated, 
56.7 per cent; found, 54.3 per cent; hydrogen, calculated, 10.8 per cent; found, 
10.4 per cent. 

HI. METHOD OF ANALYSIS 

Boric acid was determined by titration to a phenolphthalein end point with 
1 N sodium hydroxide, using excess glycerol or mannitol. Potassium acid 
phthalate (U. S. Bureau of Standards) was used to standardize the sodium 
hydroxide solution. 

1 Mr, 8. Gottlieb of the Laboratories of Columbia University performed the analysis. 
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Esters of boric acid were completely dissolved before the addition of mannitol 
or glycerol. The phenolphthalein end point was tested by boiling with excess 
of standard alkali, subsequently cooling to room temperature, and back-titrating 
with standard acid, except in cases in which this test had previously shown itself 
to be unnecessary. 



0 40 60 /20 f60 ZOO ' 'Hours 400 

Fig. 1. Boric acid and glycerol. Weight loss calculated as moles of water per mole of 
boric acid. T**1Q0°C. 


EXPERIMENT NUMBER 

MOLES GLYCEROL 

MOLES H»BO| 

1 

0.33 

2 

0.66 

3 

1.00 

4 

1.66 

5 

1.33 

6 

2.00 

7 

2.33 

8 

2.66 

9 

3.00 


IV. EXPERIMENTAL INVESTIGATIONS 

A . Preliminary experiments to determine the amounts of water released by heating 
boric acid-polyhydric alcohol mixtures of various mole ratios 

Charges of boric acid and polyhydric alcohol (total approximately 10 g.) were 
weighed into similar beakers. Controls of boric acid alone and the alcohol alone 
were also prepared. The material in each beaker was stirred to hasten solution 
and then the beaker was placed in a constant-temperature oven (100°C. ± 1°). 
At intervals the specimens were removed for weighings to the nearest milligram. 
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They were kept in a desiccator over calcium chloride when not in the oven. 
Evaporation occurred at atmospheric pressure. 

For calculation and comparison, the losses in weight were assumed to be due 
to loss of water (the most volatile material in the condensation reaction), and 
'calculations were made of the ratios of moles of water lost to moles of boric acid 
originally weighed out. These ratios were plotted against hours of heating in 
the oven (see figures 1, 2, and 3). 

Because experiments Nos. 14,15, 21, and 23 resulted in the complete evapora¬ 
tion of the charges and No. 13 lost 94 per cent of the charge, the following tenta- 



Fig. 2. Boric acid and propylene glycol. Weight loss calculated as moles of water per 
mole of boric acid. T — 100°C. □ — total evaporation. 



MOLES OLYCOL 

EXPERIMENT NUMBER 

MOLES HlBOt 

12 

0.50 

13 

1.00 

14 

1.51 

15 

2.01 


tive conclusions were drawn: (1) Boric acid and glycols may form compounds 
which are volatile. (2) These volatile compounds may have various composi¬ 
tions. The mixtures initially 1:1 in mole composition indicate that 1 mole of 
glycol is the smallest amount that will volatilize 1 mole of boric acid. (8) Boric 
acid and glycerol, at least, evolve water and perhaps may form volatile com¬ 
pounds. The mixtures of glycerol and boric acid do not give as definite evidence 
(complete volatilization) of the existence of volatile compounds of boric acid, 
as do the glycol and boric acid mixtures, the object of the following experi¬ 
ments was to establish these conclusions for the various glycols. 
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B. Synthesis and identification of the compounds formed by boric acid and glycols 

(1) Propylene glycol 

(a) 0.20 mole of propylene glycol and 0.20 mole of boric acid were mixed, 
heated until clear, and distilled at 10 mm. from a 100-cc. Claisen flask. Three 



Fig. 3. Boric acid and ethylene glycol. Weight loss calculated as moles of water per 
mole of boric acid. T » 100°C. □ = total evaporation. 


EXPERIMENT NUMBER 

MOLES GLYCOL 

MOLES HiBOa 

19 

0.53 

20 

1.05 

21 

1.58 

22 

2.10 


fractions were collected. A glassy residue remained. The side arm was clogged 
occasionally by the viscous distillate. 


FRACTION 

BOILING RANGE 

PRODUCT 

No. 1. 

30 to 140 °C. 

Identified as water and some glycol 

No. 2 . 

136 to 137 °C. 

N on-liomogeneous 

No. 3. 

136.6 to 139.6°C. (at 9 mm.) 

Viscous colorless liquid containing 
10.77 per cent boron 


The viscous layer from No. 2 was added to No. 3, and this was redistilled at 
10 mm, without leaving a residue. It was redistilled again at 155-158°C. at 
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15 mm., and a portion (75 per cent) was collected and analyzed. This portion 
was found to contain 10.65 per cent boron. 

(6) 100 g. of propylene glycol and 90 g. of boric acid (mole ratio 110:1.1) were 
mixed and dehydrated under water suction (11 mm.). The product was 
distilled from a 300-cc. Claisen flask, using an air-cooled condenser hav¬ 
ing a diameter of 15 mm. Two fractions were collected. A glassy residue 
remained. 


FRACTION 

[ BOILING RANGE 

PRODUCT 

No* 1 . 

125°C. at 3.8 mm. to 115°C. at 1.5 

Intermediate fraction 

No. 2 . 

mm. 

110-114°C. at 1 mm. 

23 g. yield; product contained 10,65 
per cent boron 



(c) 100 g. of propylene glycol and 85 g. of boric acid (mole ratio 1.00:1.05) 
were heated for 40 hr. in an oven at 104°C., and then boiled over a free flame 
to a total weight loss of 100 g. The product was distilled from the 300-cc. Clai¬ 
sen flask used in experiment (b). An intermediate fraction up to 135°C. was 
collected. A large amount of non-volatile residue remained in the flask. The 
fraction boiling at 135-137°C. at 8 mm. was found to contain 10.67 per cent 
boron. 

(d) 2.0 moles each of propylene glycol and boric acid were mixed, placed in a 
layer $ in. deep in a crystallizing dish in an oven at 105°C. and removed 24 hr. 
later. The product contained 11.61 per cent boron. This product was distilled 
and three fractions were collected. A glassy residue remained. 


TRACTION 

BOILING RANGE 

PRODUCT 

No. 1 . 

Up to 122 °C. above 2 mm. 

Intermediate fraction 

No. 2 . 

122-118°C. at 1.8 mm. 

45 g. yield; intermediate fraction 

No. 3. 

118-114°C. at less than 1 mm. 

15 g.; product contained 10.67 per cent 
boron* 


* Calculated for C 1 H 7 O 1 B, a type I compound, 10.62 per cent boron. 


(2) Ethylene glycol 

(a) A mixture of 2 moles each of boric acid and ethylene glycol was partially 
dehydrated by being heated uncovered for 23 hr. in an oven at 100°C. The 
weight lost was 100 g. The remainder of the material was distilled from a 
300-cc. Claisen flask, using a condenser 15 mm. in diameter. The distillation 
was terminated suddenly by the distillate clogging the condenser. (Data ob¬ 
tained during the last 5 min. are given below.) A 20-cm. section was immedi¬ 
ately cut from the condenser, and the ends were sealed. The sample for analysis 
was melted from the upper end of this section, which contained a clear glassy 
material. Hie sample analyzed was found to contain 12.28 per cent boron. 
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The bulb of the flask shattered during the cooling of the residue from the dis¬ 
tillation. 


TIME 

PRESSURE 

OIL-BATH TEMPERATURE 

VAPOR TEMPERATURE 
(DISTILLATE) 

minutes 

mm. 

•c. 

X. 

0 

8 

270 

147.0 

2 

8 

283 

156.5 

5 (end) 

7 

295 

162.5 


(b) A mixture of 2.0 moles each of boric acid and ethylene glycol was partially 
dehydrated during 20 hr. in the oven. 100 g. of material evaporated. The 
remainder was distilled from a flask (figure 4). Data are given for the last 
minutes during which the receiver was filling and clogging at the neck, The 



Fig. 4. Flask used in preparation (b) with ethylene glycol 

receiver bulb was flamed from the flask. The distillate had the glassy char¬ 
acteristics of that obtained in other experiments and was also melted from the 
bulb for analysis. It was found to contain 12.25 per cent boron (calculated for 
C2H 6 0*B, a type I compound, 12.32 per cent boron). 


TIME 

PRESSURE 

OIL-BATH TEMPERATURE 
\ 

VAPOR TEMPERATURE 
(DISTILLATE) 

minutes 

mm. 

X. 

X, 

0 

1 

246 

176 

2 

1 

248 

177 

4 (end) 

1 

257 

187 


(3) Other glycols 

Mixtures of boric acid and these glycols in 1:1 mole ratio were heated and 
dehydrated first under filter-pump vacuum and then at less than 1 mm. until 
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refluxing occurred, and were then distilled under reduced pressure. The borates 
of trimethylene glycol and 2,3-butylene glycol were distilled from a 50-cc. Clai- 
sen flask. The borates of 1,3-butylene glycol and isobutylene glycol were 



Fig. 6. Flask used in preparation with 1,3-butylene glycol and isobutylene glycol 


distilled from another flask (figure 5). Very little residue was left in the dis¬ 
tilling flask in each case. 


BORATE Of 

VAPOR TEMPERATURE 

PER CENT BORON 

Found 

Calculated* 

Trimethylene glycol. 

147-151 at 3 mm. 

10.72 

10.62 

2,3-Butylene glycol. 

112-117 at less than 1 mm. 

9.53 

9.34 

1 ,3-Butylene glycol. 

107-109 at less than 1 mm. 

9.46 

9.34 

Isobutylene glycol. 

70-79 at less than 1 mm. 

9.66 

9.34 



* Per cent boron calculated for the type I compound of BOeseken. 


The reaction of diethylene glycol and boric acid is mentioned under glycerol 
and boric acid, as the experimental results in both cases were essentially the 
same. 

C. Synthesis and identification of the compounds formed by boric acid and glycerols 

The object of the following experiments was to determine whether a borate 
of these polyhydric alcohols could be distilled. 
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(1) Glycerol 

Six attempts were made to dehydrate and distil in vacuo 2:1 and 1:1 mole 
mixtures of glycerol and boric acid. Water and glycerol were removed from 
the reaction mixtures, but with vacua of less than 1 mm. and oil-bath tempera¬ 
tures from 160° to 225°C., the reaction mixtures charred. 

With a mercury-vapor pump connected through a trap cooled with dry ice, 
a 1:1 mole mixture of glycerol and boric acid did not show signs of refluxing up 
to charring temperature. The reaction mixture foamed and became increas- 



Fig. 6. Boric acid and a-methyl ether of glycerol. Weight loss calculated as moles of 
water per mole of boric acid. T » 100°C. (%) * per cent evaporated. 


EXPERIMENT NUMBER 

MOLES ETHER 

MOLES HlBOs 

: 

65 

0.50 


66 

1.00 


67 

2.00 



ingly viscous during the release of the third mole of water as the temperature of 
the oil bath was raised. 

(A 1:1 mole mixture of diethylene glycol and boric acid behaved similarly to 
the experiments with glycerol. It charred at 225°C. and at less than 1 mm. 
without yielding a volatile borate. 2 ) 

(2) Monomethyl ether of glycerol 

Weight evaporation experiments similar in all essential details to the previous 
preliminary experiments were conducted, employing mixtures of the a-mono- 
methyl ether of glycerol and boric acid (see figure 6). The experiments were 

* These experiments were performed to ascertain, by using a glycerol with two functional 
hydroxyl groups, whether the failure to obtain a volatile glycerol borate was due to the 
three free hydroxyl groups of gly9erol. 
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discontinued when the beaker containing experiment No. 65 cracked by expan* 
sion of the contents during cooling. 


EXPERIMENT 

MOLES OF GLYCOL PER MOLE OF 
BORIC ACID 

LOSSES OF INITIAL WEIGHT 



per cmt 

No. 06. 

0.60 

67.9 

No. 66. 

1.00 

93.1 

No. 67. 

2.00 

96.2 


A volatile borate of the ether and boric acid in either 2:1 or 1:1 mole ratio was 
formed. 

One-half mole each of boric acid and the a-monomethyl ether of glycerol were 
mixed, dehydrated by heating for 2 hr. under the reduced pressure furnished 
by a water aspirator, and distilled at less than 1 mm. pressure, leaving very 
little residue. No charring occurred during the dehydration or distillation. 


VAPOR TEMPERATURE 

BORON (BY ANALYSIS) 

BORON (CALCULATED)* 

°C. 

per cent 

per cent 

145-150 

7.99 

8.20 

* Calculated for C4H0O4B, 

a type I compound. 



(3) Monobutyl ether of glycerol 

a-n-Butyl glycerol ether produced a volatile borate under the same procedure 
described for the methyl ether of glycerol. 


VAPOR TEMPERATURE 

BORON (BY ANALYSIS) 

BORON (CALCULATED)* 

•c. 

Per cent 

per cent 

162-166 at less than 1 mm. 

6.30 

6.23 



* Calculated for CrHisChB, a type I compound. 


(4) Chlorohydrin of glycerol 

A 1:1 mole mixture of boric acid and the a-chlorohydrin, dehydrated and 
distilled at 160-165°C. at less than 1 mm., yielded a volatile borate (or borates) 
with decomposition. Very little residue was left in the distilling flask. 

(5) Glycerol a-monoacetate 

A 1:1 mole mixture of boric acid and glycerol a-monoacetate, dehydrated and 
distilled at less than 1 mm., produced triacetin but no volatile borate. A glassy 
residue remained. 

The apparatus used for the distillation of the borates of 1,3-butylene glycol 
and of isobutylene glycol was used for the distillation of the borates of the two 
glycerol ethers, the chlorohydrin, and the monoacetate. 3 

* These experiments were conducted to show that the distillates were compounds. 
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D. Substantiation of compounds: summary of distillations conducted at different 

pressures 

(1) Propylene glycol borate 


Three portions were collected by distillation from a 50-cc. Claisen flask fitted 
with an 8-mm. side arm. 


FRACTION 

BOILING RANGE 

BOSON 



per cent 

No. 1 . 

167°C. at 37 mm. 

10.67 

No. 2. 

165°C. at 35 mm.; 164°C. at 33 mm. 

10.58 

No. 3. 

163-162°C. at 32 mm. 

10.59 

Original material. 

113-118°C. at less than 1 mm. 

10.59 

Theoretical per cent of boron for the type I compound . 

10.62 


Three portions were collected from the same flask, which was connected to a 
manostated vacuum train. 


FRACTION 

BOILING RANGE 

BORON 



per cent 

No. 1 . 

147-148°C. at 12.4 mm. 

10.45 

No. 2. 

148-148.2°C. at 12.6 mm. 

10.43 

No. 3. 

148.5-149°C. at 13.0 mm. 

10.44 

Original material . ... 

113-118°C. at less than 1 mm. 

10.59 

Theoretical Der cent of boron for the tvoe I comoound . 

10.62 


(2) 2,3-Butylene glycol borate 

Two portions were collected from the same 50-cc. Claisen flask. After the 
first portion had been collected, the distilling flask and contents were cooled, 
the manostated vacuum train reset, and the distillation continued at the lower 
pressure. 


FRACTION 

BOILING RANGE 

BORON 



per cent 

No. 1 . 

139-144°C. at 12.5 mm. 

9.42 

No. 2. 

118-123°C. at 2 mm. 

9.42 

Original material. 

112-117 °C. at less than 1 mm. 

9.52 

Theoretical per cent of boron for the type I compound . . 

9.34 


(3) a-Monomethyl glycerol ether borate 

A portion of approximately 5 g. was collected from the original 100-cc. dis¬ 
tilling flask (connected to the manostated vacuum train) used to isolate this 
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material. Further fractions were not collected, as the residual material had 
gradually turned brown during the heating. 


Tit ACTION 

BOILING BANGS 

BOSON 

No. 1 . 

201 °C. at 15.0 mm. 

Per cent 

8.41 


Original material. 

144-154°C. at less than 1 mm. 

8.30 


Theoretical oer cent of boron for the tvne I nnmnotmd. 

8.20 


1 



Fig. 7. Logarithmic plot of distillation pressures (P) against the reciprocal of’the abso¬ 
lute vapor temperaturesjr). Data for propylene glycol borate. 


(4) Trimethylene glycol borate 

Three portions were collected by distillation at less than 1 mm., utilizing a 
500-cc. Claisen flask. 


TSACTION 

BOILING RANGE 

BORON 

i 


percent 

No. 1 . 

135-137°C. at less than 1 mm. 

11.12 

No. 2. 

136-140°C. at less than 1 mm. 

11.14 


142-150°C. at less than 1 mm. 

11.00 

Original material. 

134-147°C. at less than 1 mm. 

11.07 

Theoretical per cent of boron for the type I compound. 

10.67 
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The third portion was utilized in the following two experiments: Three por¬ 
tions were collected from the 100-cc. flask (see figure 5). Reduced pressure 
was furnished by a water aspirator pump. The residue had turned brown by 
the time the last portion was collected. 


FRACTION 

BOILING RANGE 

BORON 

l 

201 °C. at 35 mm. 

per cent 

11.03 

No. 2. 

200°C. at 33 mm. 

11.11 

No 3 

199.5°C. at 32 mm. 




Original material. 

142-150°C. at less than 1 mm. 

11.00 

Tlwmrntinn.1 n#»r nnnt. of hornn for t.vno T comnonml .. 

10.62 


" * * 


The next experiment was an attempt to separate the trimethylene glycol 
borate from an added 0.5 per cent of boron. Three grams of “met&boric acid” 
was dissolved in 89 g. of the glycol borate. Two portions were collected from 
the same flask. Reduced pressure was furnished by the water aspirator pump. 
The residue turned brown and viscous by the end of the second portion. 


EXACTION 

BOILING RANGE 

BORON 



per cent 

No. 1. 

201 °C. at 35 mm. 

11.03 

No. 2. 

200-201 °C. at 34-35 mm. 

11.16 

Original material, 142-150°C.at less than 1 mm. (before mctaboric acid 


addition) . 


11.00 

Calculated percentage after addition of “mctaboric acid” but before 



.... 1 

11.48 



Theoretical per cent of boron for type I compound. 

10 62 


Distillation of trimethylene glycol borate at 33-35 mm. pressure from an added 
excess of 0.5 per cent of boron produced the same distillate as was obtained 
from the borate without the added boron. 

To ascertain the structure of propylene glycol borate, the following experi¬ 
ments were performed: (1 ) Propylene glycol borate, dissolved in acetic anhydride 
and heated, was found to yield an organic acetate which was identified by boiling 
point and saponification as the glycol diacetate. This experiment showed that 
the glycol in the glycol borate was not changed by esterification with boric acid. 

(#) Propylene glycol borate dissolved slowly in acetyl chloride, and this solu¬ 
tion could be refluxed gently for at least 30 sec. and then cooled without evolving 
hydrogen chloride gas at any stage. Ethylene glycol monomethyl ether (cello- 
solve), when added to the above solution or to acetyl chloride alone, immediately 
evolved heat and hydrogen chloride. These results showed that an alcoholic 
hydroxyl group was absent from propylene glycol borate. 
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(S) Dry ammonia gas was passed through a solution of propylene glycol 
borate in dry toluene and yielded immediately a gelatinous white precipitate. 
The process could be reversed by boiling the toluene. When dry ammonia gas 
was passed through a solution of tributyl borate in dry toluene, no precipitate 
was formed. Hence propylene glycol borate is acidic. 

E. The exclusion of compounds of a different composition 

(1) Propylene glycol and metaboric acid 

In order to determine the type of compound formed from metaboric acid 
(dehydrated orthoboric acid) and propylene glycol, 400 g. of propylene glycol 
(5.25 moles) and 225 g. of “metaboric acid” (5.0 moles) 4 were mixed and heated 
for 2 hr. between 120° and 150°C. at a pressure of 35 mm. The mixture was 
then refluxed at less than 1 mm. and distilled from a 1-liter Claisen flask, using a 
condenser having a diameter of 15 mm. Three portions were collected; the 
first was rejected. The residue was about 60 cc. 


FRACTION' 

BOILING RANGE 

BORON 

No. 1 . 

Up to 122°C. at less than 1 mm. 
118-1I2°C. at less than 1 mm. 

per cent 

No. 2. 

10.56 

No. 3. 

113-115°C. at less than 1 mm. 

10.60 

Calculated for C*H»0*B (a tvDe I compound). 

10.62 


(2) Propylene glycol borate and excess metaboric acid 

In order to determine whether propylene glycol borate would combine with 
additional boric acid, 2.3 g. of “metaboric acid” (44.7 g. per mole of boron) was 
dissolved in 28 g. of propylene glycol borate and two portions were collected by 
distillation from a manostated 50-cc. Claisen flask. The residue became pro¬ 
gressively thicker as the distillate was collected. 


FRACTION 

BOILING RANGE 

BORON 

No. 1. 

No. 2. 

143.5-145.5°C. at 12.5-12.2 mm. 

147°C. at 12.2 mm. 

per cent 

10.54 

10.7? 


Original material. 

163-162°C. at 32 mm. 

10.59 


Theoretical value for type I compound. 

10.62 

Calculated composition, after addition of “metaboric acid” but before 
distillation. 

11.60 



(3) Propylene glycol borate and excess propylene glycol 

This experiment was performed to determine whether water was released 
according to Boeseken’s reaction, forming the type II compound from the type 
I compound and glycol. 

4 The metaboric acid used «* 44.7 g. per mole of boron. 
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Eighteen grams each of propylene glycol borate and redistilled propylene 
glycol (65-69°C. at less than 1 mm.) were mixed and subjected to a pressure of 
less than 1 mm. No water was obtained in the dry ice-alcohol cooled trap in 
the vacuum line in 20 min. with the mixture at room temperature (26~27°C.). 
The temperature of the mixture was then raised and held between 60° and 70°C. 
for another 20 min. Refluxing occurred to a small extent and £ cc. of glycol 
was collected in the trap. 

(4) Propylene glycol borate and sodium propylene glycolate 

This experiment was performed to determine whether the type II compound 
could be formed from the type I compound and glycol in the presence of the base 
sodium propylene glycolate. 

Sodium propylene glycolate dissolved in propylene glycol (21) was prepared 
by adding slowly 0.5 mole of sodium to a mixture of 75 cc. of methyl alcohol and 
50 cc. of ether in a flask fitted with a reflux condenser and a calcium chloride 
guard tube. After complete reaction of the sodium, the flask was connected 
to a water aspirator pump and heated gently. Propylene glycol was added in 
small amounts until 200 g. had been added, and the contents of the flask was 
then boiled at 35 mm. and 186°C. (also at 0.8 mm. and 60°C.). The replace¬ 
ment of solvent required about 3 hr. 

Fifty-three grams of propylene glycol borate (0.5 mole) was added to 20 g. 
of propylene glycol, heated slightly with shaking until homogeneous, and cooled 
to room temperature. 

The sodium propylene glycolate in propylene glycol, at room temperature, 
was placed in an all-glass flask and reflux column which was attached directly 
to a trap cooled by a dry ice-alcohol mixture and then to the manometer and 
vacuum pump. Pressures less than 1.0 mm. were obtained. The solution of 
propylene glycol borate in propylene glycol was then added and the pressure 
again reduced to less than 1.0 mm. After 30 min. at the pressure of 0.8 mm., 
during which period ebullition did not take place, the trap was inspected. No 
condensed vapor was found. The trap was returned to the same cooling bath 
and the temperature of the flask was raised at a uniform rate during 60 min. 
from room temperature (29°C.) to 92°C. No ebullition nor condensation in the 
trap was observed up to 92°C. After this temperature had been maintained for 
40 min., the trap contained approximately 1 cc. of liquid. 

Evidently propylene glycol borate and sodium glycolate (mole for mole), dis¬ 
solved in propylene glycol, do not react instantaneously at room temperature to 
liberate the third mole of water, as would be required by the reaction for the 
formation of compounds of Boeseken’s type II. 

(5) Methyl cellosolve and the boric acids 

Methyl cellosolve, the monomethyl ether of ethylene glycol, is functionally a 
monohydric alcohol, although derived from a glycol. Experiments w r ere per¬ 
formed to determine the number of cellosolve molecules which esterify with 
orthoboric and metaboric acids. 

(a) Methyl cellosolve and orthoboric acid: Sixty-four grams of methyl cellosolve 
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and 20 g. of orthoborie acid (0.84 mole : 0,32 mole) were mixed and heated in a 
125-ce. distilling flask for 3i hr., until the distilling vapors reached a tempera¬ 
ture of 130°C. (atmospheric pressure) and the oil bath a temperature of 197°C. 

The solution was transferred to a vacuum distilling flask (see figure 5) and 8 
cc. of intermediate distillate was collected up to 128°C. at 13.4 mm. (oil-bath 
temperature, 181°C.). Then the following fractions were collected: 


REACTION 

BOILING RANGE 

OIL-BATH 

TEMPERATURE 

DISTILLATE 

VOLUME 

BORON 

No. 8. 

130-131 °C. at 13.0 mm. 
161-164°C. at 12,8 mm. 
148°C. at 15 mm. 

•c. 

191-197 

224 

230 

3 cc. 

1 cc. 

Few drops 

per cent 

4.48 

5.38 

5.54 

No. 4. 

No. 5. 


Calculated for BrOCJLOCH,).. 

4.60 


(6) Methyl cellosolve and metaboric acid: Thirty-four grams of “metaborie 
acid” (44.7 g. per mole) and 175 g. of methyl cellosolve (mole ratio 1:3) were 
mixed in a 250-cc. flask and heated. In the first half hour the vapor temperature 
rose to 110°C. No distillate was collected. In the next 3 hr. the vapor tem¬ 
perature rose to 128°C., and the oil-bath temperature to 208°C. Thirty-five 
cubic centimeters of distillate was collected. Twenty-seven cubic centimeters 
of water was calculated to be liberated by the esterification. The flask was 
connected to the water aspirator pump (pressure 45 mm.), and in three quarters 
of an hour the vapor temperature rose to 86°C. and then diminished (oil bath at 
176°C.). Approximately 30 cc. of additional distillate was rejected. 

The residue was then distilled at less than 1 mm. pressure and the following 
portions were collected: 


REACTION 

VAPOR TEMPERATURE 

OIL-BATH TEMPERATURE 

DISTILLATE VOLUME 

BORON 


•c. 

•c. 

CC. 

per cent 

No. 1. 

94-103 

137-139 

5 

4.53 

No. 2. 

98.8-99 Jl 


7 


No. 3. 

97.8-102 


7 

4.65 

No. 4. 

100.8-103.0 


7 


No. 5. 

96-107 

141-149 

5 


No. 6. 

96 

156 

1 

4.78 

Calculated for BfOCJLOCH,),. 

4.60 


Approximately 50 per cent remained as residue. 

The six portions were combined and redistilled at less than 1 mm. from a 50-cc. 
Claisen flask. Three portions were collected: 


REACTION 

VAPOR TEMPERATURE 

OIL-BATH TEMPERATURE 

BORON 

—.. 

•c. 

•c. 

per cent 


93-99 

146-147 

4.60 


91-96 

134-150 



93-99 

141-167 

4.54 

Calculated for B<OC*H«OCH,),... 

4.60 
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Evidently both orthoboric and metaboric acid esterify with methyl cellosolve 
to form a compound of the same type as trimethyl borate. 



miNaOH 15 16 17 15 16 11 15 16 17 15 16 IT 


Fig. 8. End points of differential electrometric titrations of boric acid with various 
activators. 

Q. Comparison of “activating ” properties 

(1) Differential electrometric titrations of boric acid in the presence of (a) no 
activator, (6) mannitol, (c) propylene glycol 

1.000-g. charges of boric acid were titrated with 1.013 N sodium hydroxide, 
using the familiar sheltered-electrode apparatus described by Maclnnes and 
Jones (18). The electrodes were cut from the same piece of wire and after 
assembly were heated in concentrated nitric acid, while short-circuited, until 
the difference in potential between the electrodes, when immersed in dilute 
acid, was less than 0.1 mv. This treatment was repeated between titrations. 
During an experiment, the potentiometer was read when additional stirring 
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of the mam portion of the solution or renewing of the sheltered solution did not 
change the potential difference more than 1 mv. 

The 1-g. charges of boric acid were dissolved in 160 cc. of solutions of the 
weight concentrations shown in the figure (figures 8 and 9). By the end of the 
titration, the concentration of the “activator” had been reduced 10 per cent, 
owing to the dilution caused by the sodium hydroxide solution. 

The “integrated” curves were constructed by adding the successive potential 
differences to those preceding. 



(2) Indicator titrations in the presence of (a) propylene glycol, (6) ethylene 

glycol, (c) mannitol 

These experiments were performed to demonstrate that by using propylene 
or ethylene glycol as the “activating” agent, boric acid could be determined 
within 1 per cent of the value obtained using mannitol. • 

Charges of boric acid were titrated with 0.959 N sodium hydroxide, using 
phenolphthalein as indicator in the presence of excess redistilled propylene 
glycol (65-69°C. at less than 1 mm.) or redistilled ethylene glycol (73-77°C. 
at 4 mm.). In experiments A, B, C, and D the boric acid was dissolved in the 
sodium hydroxide and the tared glycol was added until the indicator changed 
odor sharply with addition of one drop of the base. The end points were 
Rested by adding excess mannitol and 10 cc. of water to dissolve the mannitol. 
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0.880 N sulfuric acid was used for back-titration. In experiment E the charge 
was first dissolved in 20 cc. of water. This end point was tested with 20 g. of 
propylene glycol added slowly. The end point was not changed. The results 
are given in table I. 


H. Miscellaneous observations 

Propylene glycol borate, when added to an equivalent amount of sodium 
propylene glycolate dissolved in a small excess of glycol, produced heat and a 
white insoluble material. The borate is a colorless, extremely viscous material 
at room temperatures. Heating to 80° to 100°C. decreases its viscosity to the 
extent that it may be poured readily. Propylene glycol borate is soluble, 
without separation of boric acid, in dry toluene, ether, pyridine, and benzene, 
and is insoluble in petroleum ether. It hydrolyzes rapidly, liberating heat. 


TABLE 1 

Titration of boric acid 


EXPERI- 

BORIC 

“activator" 

WATER ADDED AS 

mg. H*BOi 

MANNITOL 

BASE 

KENT 

ACID 

Base 

Acid 

ML. 1 N BASE 

END POINT 

REQUIRED 


grams 


ml. 

ml. 


grams 

ml. 

A ... . 

1.878 

136 g. propylene glycol 

31.70 

0.50 ! 

62.70 

5 

0.07 

B.. .. 

1.808 

104 g. propylene glycol 

30.10 

0.10 

62.84 

5 

0.05 

C . .. 

1.687 

142 g. ethylene glycol 

28.06 


62.71 

8 

0.07 

D 

E . ... 

1.864 

2.033 

183 g. ethylene glycol 

15 g. mannitol 

31.20 

33.90 

0.49 

62.89 

62.57 

8 

0.08 


The solubility of propylene glycol in toluene is increased in the presence of 
propylene glycol borate (shown by the disappearance of the propylene glycol 
layer upon the addition of propylene glycol borate). 

Ethylene glycol borate is a glassy material. All other glycol borates are 
viscous liquids. a-Monomethyl glycerol ether borate is more viscous than the 
corresponding n-butyl compound. 

No difference from the reactions of propylene glycol borate was observed for 
the other borates. 


V. LIMITATIONS OF THE EXPERIMENTAL METHODS 

Each experimental method involves limitations which now require discussion. 

A. Weight loss curves 

The decomposition of the organic materials, evidenced by the appearance 
of a yellow and then brown color, is one limitation to the extensive use of this 
method. Additional factors such as depth of material in the beaker, rate at 
which solution took place, interval during which the material was coming up to 
temperature, and the rate of transfer of the liquid from the interior to the sur- 
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face make exact repetition of each curve difficult; such repetition was therefore 
not attempted. 


B. Vacuum distillation 

The general observation that distillations at low pressures (less than 10 mm.) 
are difficult to conduct without variations of 10°C. in the boiling point (13) 
is recognized in this work. The distillations at pressures of less than 1 mm. 
(indicated on the manometer but recognized as not the true pressure at which 
the distillation took place) were employed because of the lower temperatures 
which could be utilized and the speed with which the distillation could be com¬ 
pleted. It must be recognized that vacuum distillations at lesB than 1 mm. 
were employed for the purpose of obtaining the borate compounds. 

When necessary, vacuum distillations were conducted at higher (than 1 mm.) 
pressures, but too high pressures can lead to the thermal decomposition of the 
organic matter in the borate compound. These higher pressures are good to 
within 0.2 mm. 

The plot of available pertinent data was prepared to determine how closely 
the distillation temperatures and pressures conformed to the linear relationship 
found with a compound. As the distillations were conducted at a rate suitable 
for distillation, the pressures can be regarded as approximating closely to the 
vapor pressures of the material. The selection of data from many experiments 
minimizes the chances of error involved in basing the plot on only one experi¬ 
ment. Schierholtz and Staples (23) have utilized this dynamic method of 
reduced-pressure distillation to obtain the relation of vapor pressure to tem¬ 
perature for various glycols and have obtained the linear relationships. 

In attempts to observe the reaction of propylene glycol borate with additional 
propylene glycol or sodium propylene glycolate, it is recognized that water 
could have been present in an amount in which its partial pressure would be less 
than 0.8 mm. This is the extent to which we could not observe water to be 
liberated instantly from propylene glycol borate and additional propylene 
glycol or the sodium glycolate. 

C. Differential titrations 

The irreversibility of electrodes, electrode differences, stirring errors, and 
other sources of error have been reduced to less than 1 mv. This seemed to be 
the practical limit in obtaining the differential titration curves and will produce 
the greatest error in the curve for the differential titration of boric acid without 
an “activator.” The percentage error is inversely proportional to the height 
of the peak. Thus the error does not affect the demonstration of “activation” 
of boric acid by propylene glycol and mannitol. 

The “integrated curves” of the differential titrations are not well adapted 
for quantitative comparison of the acidity displacements, because the initial 
acidities were not measured, Also, the e.m.f. intervals for each curve are not 
rigidly comparable, as the dielectric constants of the solvents for each experi¬ 
ment were not necessarily the same. 
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D. Titrations of boric acid 

Repeated titrations showed that the analysis of boron by titration (employ¬ 
ing mannitol) was reproducible within 0.2 per cent. 

VI. DISCUSSION 
A. Preliminary investigations 

Where the loss exceeds the moles of water calculated from any possible reac¬ 
tions, the excess loss must be due to volatilization of alcohol or alcohol combined 
with boric acid. The curves representing the lowest weights of glycol generally 
show a rapid initial loss, followed by a much slower loss. This first portion of 
the curve is due to the rapid loss of water produced by the esterification and 
dehydration reactions. The second portion of the curve is due to the slower 
evaporation of glycol and glycol combined with boric acid. The curves repre¬ 
senting the greatest weights of glycol rise smoothly up to the point of complete 
evaporation of the charge. 

The boric acid controls showed only a slow uniform loss in weight beyond the 
1 mole of water lost in the formation of metaborie acid. This slow loss could 
not account for the 100 per cent loss of boric acid in the experiments with added 
glycol. 

Several experiments are worthy of discussion: Experiment No. 3. Weight 
ratio of 1 mole of glycerol to 1 mole of boric acid. In the first 10 hr., 2.5 moles 
of water were lost, but in 400 hr. only 3 moles were lost. For each mole of 
boric acid and glycerol there was a total loss of 3 moles of water, indicating 
esterification of all three hydroxyls of each molecule of reactant, the last mole 
of water being eliminated very slowly. 

Experiment No. 1 . Weight ratio of 1 mole of glycerol to 3 moles of boric 
acid. Over 5 moles, but not more than 5.5 moles, of water per mole of glycerol 
were lost. These 5 moles can be accounted for on the assumption that, as in 
experiment No. 3, 3 moles of water were lost as the result of the interaction of 
1 mole of glycerol and 1 mole of boric acid, and that each of the two additional 
moles of boric acid lost 1 mole of water by dehydration to metaborie acid, 
which dissolved in the glycerol borate. Had 6 moles of water been lost per 
mole of glycerol, or 2 moles of water per mole of boric acid, the loss could have 
been due to the formation of the trimetaborate ester of glycerol. 

Experiment No. 21. Weight ratio of 3 moles of ethylene glycol to 2 moles of 
boric acid, corresponding to the reacting ratios reported by Dupire (9). Evapo¬ 
ration was complete. 

Experiment No. 20. Weight ratio of 1 mole of ethylene glycol to 1 mole of 
boric acid. Evaporation was not complete. 

Experiment No. IS. Same ratio as No. 20, but with propylene glycol. 
Ninety-four per cent of the total charge evaporated. 

Experiments No. 15 and No. 22. Weight ratios of 2 moles of propylene glycol 
to 1 mole of boric acid and 2 moles of ethylene glycol to 1 mole of boric acid, 
respectively. This is the composition required for the type II compounds 
postulated by Rdeseken. The charges evaporated completely. 
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Experiment No. 88. Weight ratio of 1 mole of 2,3-butylene glycol to 2 
moles of boric acid. After evaporation, there was a residue of dehydrated 
boric acid. Assuming that 1 mole of boric acid and 1 mole of glycol formed a 
volatile borate and the second mole of boric acid remained as metaboric acid, 
the weight of residue was 23 per cent less than it should have been. This 
extra loss of 23 per cent is duplicated in the boric acid control in the preceding 
run, in "which the loss was 19 per cent more than 1 mole of water for each mole 
of boric acid. 

Experiment No. 6. Weight ratio 2 moles of glycerol to 1 mole of boric acid 
(the ratio of reactants for Boeseken’s type II compounds). The loss was more 

TABLE 2 


Identification of compounds; percentage of boron in compounds of various types compared to 
percentage of boron found experimentally in the volatile glycol borates 




M H 




BORATE OF 

boeseken’s 

TYPE I 

0 

R' 7 \-0-H 

V 

s' <* ' 

L/ v 

-” \ / 

9 » 

sc/ > 

H \ / 

3 or 

* i 

dupire’s (9) 

TYPE 

0—R—O 
/ \ 
B—(>—R—O—B 

\)-R— 0 / 

VOLATILE 
GLYCOL BORATE 

(found) 

PER CENT 
DEVIATION 
PROM TYPE I 

Ethylene glycol 
(R = C 2 H,) 

12.3 

8.2 

10.7 

12.3 

rfcl 

Propylene glycol 
(R - C,H.) . . 

10.6 

6.8 

8.9 ! 

10.6 

±1 

Trimethylene glycol 

(tt - C s Hc) . . 

10.6 

6.8 

8.9 

10.7 

+ 1 

2,3-Butylene glycol 
(R * C 4 H 8 ) 

9.4 

6.3 

7.6 

9 5 

- +1 

1,3-Butvlene glycol 
(R * CVH S ) . .. 

9.4 

6.3 

7.6 

9.5 

+ 1 

Isobutylene glycol 
(R - C 4 H 8 ) 

9.4 

6.3 

7 6 

9.7 

4-3 

Methyl ether of glycerol 
(R * C\H 8 0) 

8.2 

4.9 

6.5 

8.0 

-2 

n -Butyl ether of glycerol 
(R * C 7 H 14 0) 

6.2 

3.6 

4.7 

6.3 

+1 


than 5 moles of water per mole of boric acid. As experiment No. 3 showed a 
loss of 3 moles of water per mole of boric acid, the weight loss equivalent to 
more than 5 moles of water is assumed to be due to the loss of 3 moles of water 
and the loss of some glycerol. 

B. Volatile glycol borates 

In table 2 are shown values for the percentage of boron in compounds of 
various types compared to the percentage of boron found experimentally in 
the volatile glycol borates. Obviously these borates are of the type I compo¬ 
sition. 
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The maximum percentage deviations shown here between the experimental 
values for boron and those calculated for the type I compound compare favor¬ 
ably with some examples of deviations previously reported in the literature for 
boron compounds. 

C. Boric acid and trimethylene and the butylene glycols 

The first experiments utilizing these glycols confirmed the generalized reac¬ 
tion 


1 Glycol + 1 Boric Acid 1 Glycol borate + 2H 2 0 
D. Glycerol and boric acid 

The behavior of an equimolecular mixture of glycerol and boric acid during 
an attempt to distil it, is assumed to be due to the formation of the third ester 
linkage between two diesterified molecules, not within the same diesterified 
molecule. This reaction, 

X Glycerol + X Boric acid ^ Glycerol x borate x + 3X H 2 0 

producing a compound of molecular weight too high to volatilize, seems more 
probable than the reaction 


-C—O-h H HO : 

-A— O-'-H HO.——B 

‘ ‘ / 


| + 
-C—O-i-H ho; 


/ 


-A-0 

I \ 

-O—0—B + 3H 2 0 

U/ 


even though neither glyceryl borate was isolated. 

No volatile borate was isolated for the reaction of boric acid and diethylene 
glycol, though water was eliminated. The progressively increasing viscosity 
of the mixture of those materials while subjected to heating and reduced pres¬ 
sure has been explained tentatively to be due to the formation of ester linkages 
Iietween two molecules of the glycol and one molecule of boric acid, i.e. 


iH (),- 


\ / 


,0:Hi 


B 

O 

H 



... II II 

- O H ;H o;—C—O—0—C—C— 

•Hid 'olHl II II 
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H 


OH, 

Hit) 


\ / 


B 

O 
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resulting in the formation of a linear ester, similar to the results of Carothers 
(8) with ethylene glycol and succinic acid. 

The presence of the ether linkage in the alcohol molecule is a less possible 
cause for the non-distillation of the diethvlene glycol borate, since the triesteri- 
fied borate of methyl cellosolve (an ether), as well as the diesterified borates of 
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the glyceryl monoethers, were distilled and identified without interference 
produced by the ether linkage in the alcohol molecule. 

The experiments with the two monoethers of glycerol confirmed the assump¬ 
tion that, with one hydroxyl group of glycerol occupied or blocked, volatile 
borates of the resulting functional glycol should be possible. /8-Alkyl ethers of 
glycerol were not tried, as they were not available. 

The monochlorohydrin of glycerol and boric acid form a volatile borate with 
decomposition and are therefore not reported as producing a new boric acid 
compound. With lower pressures and distillation temperatures it may be 
possible to isolate the compound in pure condition. 

The rearrangement of glycerol monoacetate to yield the triacetate instead of a 
volatile borate was disappointing, because it eliminated a possible means of 
locating the unreacted hydroxyl group on glycerol after the first two had reacted 
with boric acid. The rearrangement strengthened the possibility that the 

i / 

—C—O—B linkage in the glycol borate esters is labile at elevated tempera- 

i \ 

tures. This instability has been reported (19) in the distillation of (C 2 H&) 2 - 
BOCH 2 C«H 4 Cl(p) (b.p. about 80°C.), which decomposes to produce [(CVH^BLO. 
When this instability had been twice noted, attempts were abandoned to pre¬ 
pare esters of the hydroxyl group which we believe to be on the boron atom in 
the glycol borates. Such preparation had been planned for the purpose of 
investigating the structure of the glycol borates. 

E. Distillations at varied pressures 

The distillations of propylene glycol borate from 8 to 35 mm. pressure without 
more than 2 per cent deviation from the theoretical percentage of boron and 
the linear character of the plot of log p against \/T indicate that the'distilled 
product is a compound. 

Repeated distillations at increased pressures for 2,3-butylene glycol borate 
and the methyl ether of glycerol borate with no significant changes in boron 
content indicate that these also are compounds. The other volatile glycol 
borates are assumed, also, to be compounds. 

F. Structure of propylene glycol borate 

The agreement between the percentages of boron found in the volatile borates 
and calculated for the type I compounds leads to the formulation of these pos¬ 
sible structures: 


0 

c 

1 

f 

o 

/ \ 

/ 

t B—0—H and 

R 

\ / 

\ 

0 

0—H 

I 

II 


The following reasons indicate that the volatile glycol borates have the cyclic 
structure (I): Two hydroxyls of the polyhydric alcohol are involved in their 
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formation, as shown by the behavior of glycerol borate and of borates of the 
monoalkyl ethers of glycerol when subjected to distillation. The borates are 
acid in nature, as shown by the precipitation with dry ammonia gas. 

The linear structure (II) is eliminated as a possibility for the following reasons: 
The alcoholic hydroxyl group is absent, as shown by no evolution of hydrogen 
chloride gas when the borate is dissolved in acetyl chloride. Excess metaboric 
acid does not enter into the condensation reaction, as shown by the preliminary 
experiments Nos. 1 and 38. 

Any possible structures containing an ether linkage between glycol mole¬ 
cules are eliminated by the isolation of the glycol diacetate upon heating the 
glycol borate with acetic anhydride. 

<7. Exclusion of other types of boric acid compounds 

(1) Propylene glycol and metaboric acid 

The esterifled product is the same, whether 1 mole of the 2 moles of water is 
eliminated before the condensation, or whether both moles of water are elimi¬ 
nated in the same experimental step. Both reactions yield the same product: 

IH 3 BO 3 + 1PG(0H ) 2 ^ IPGO 2 BOH + 2H 2 0 (1) 

1HOBO + 1PG(0H) 2 1PG0 2 B0H + 1H 2 0 (2) 

IH 3 BO 3 ^ 1 HOBO + 1H 2 0 (3) 

(1 > G(0H) 2 « propylene glycol) 

(2) Propylene glycol borate and metaboric acid 

The separation of propylene glycol borate from an added excess of “meta¬ 
boric acid” without elimination of additional water was interpreted as excluding 
the formation of diesters of metaboric acid such as 

—A— O—B=0 

—A—0—B=0 

I 

which requires the elimination of one more mole of water if formed from 1 mole 
of glycol borate and 1 mole of metaboric acid. 

The viscous residues left in the flasks at the end of the distillations are ex¬ 
plained as solutions of metaboric acid or dehydrated boric acid in the glycol 
borate. 


(3) Propylene glycol borate and propylene glycol 

Propylene glycol borate and additional propylene glycol, heated without 
loss of water, showed that Dupire’s compounds could not be obtained in this 
manner and partially indicated that Boeseken’s type II compound could not be 
obtained from the isolated glycol borates. 
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(4) Sodium propylene glycolate and propylene glycol borate 

Sodium propylene glycolate was chosen as the donor of alkali ion in the 
absence of water, or as a base. The reaction expected to take place instantane¬ 
ously was: 

Na + + H 2 0 


The water was not obtained down to a pressure of 0.8 mm. Heating did not 
promote the reaction. This further excludes Boeseken’s type II compound. 
The importance of this failure to react is discussed under the “activation” of 
boric acid by propylene (and ethylene) glycol. 

(5) Trimethyl cellosolve borate 

A glycol derivative (methyl cellosolve), functioning as a monohydric alcohol 
in the condensation reaction with boric acid, produces a triesterified borate. 
No such borate was isolated when unmodified glycols were used; thus monoes- 
terified glycol borate esters are further eliminated. It was again found that the 
preliminary dehydration of orthoboric acid did not change the proportions of 
alcohol in the triester of boric acid. 

VII. INDICATOR TITRATIONS 

The addition of polyhydric alcohols to solutions of boric acid displaces the 
titration curve towards a more acidic reaction. The greater the mannitol or 
other polyhydric alcohol concentration, the greater the acidity displacement. 
If the crossed band (see figure 10) represents the pH range 8 to 9, in which 
phenolphthalein changes color, then the greater the concentration of polyhy¬ 
dric alcohol, the closer the indicator change is to the stoichiometric point. 

In the indicator titrations, the results obtained when propylene and ethylene 
glycols are used separately as “activators” agree within 4 parts per thousand 
with the values obtained with mannitol as the “activator.” When mannitol 
was added to a solution “activated” by propylene or ethylene glycol, the ad¬ 
ditional 0.06 cc. of base was required because the acidity had not been increased 
sufficiently by the glycol to give the pH color change at the stoichiometric 
point. 

Thus neither propylene nor ethylene glycol, liberated by hydrolysis upon 
solution of the distilled glycol borate, interfered with the titration for boron 
content. 


O 

/ \ 

PG B—OH + NaO- 

\ / 

O 


-PG—OH 


O O 

/ \ / \ 

PG B PG 

\ / \ / 

O O 


VIII. DIFFERENTIAL ELECTROMETRIC TITRATIONS 

These experiments confirm by an additional method the “activation” of 
boric acid by propylene glycol. The “activation” with propylene glycol in 25 
per cent initial concentration is conclusively shown by comparison of the end 
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point with that of the same amount and concentration of boric acid without 
“activator.” It is recognized that the propylene glycol “activation” of boric 
acid is not as extensive as that obtained with mannitol. 

Significance of the “activation” titrations for Boeseken’s theory of “activation” 

In the “activation” titrations the water present and the type II compound, 
if it is required for the “activation,” would be in equilibrium with the reactants 
forming the type II compound and water. In the experiments attempting to 
detect the formation of the type II compound, the concentrations of the reac- 



Fig. 10. Titration curves of boric acid: effect of activator concentration 

tants were many times greater than in the titrations. It would therefore be 
expected that the reaction would produce enough water to satisfy the equilib¬ 
rium constant and that this water could be removed by reduced pressure. But 
in the experiments in which an attempt was made to detect the reaction be¬ 
tween propylene glycol borate and propylene glycol or sodium propylene glyc- 
olate, the water, if any was formed, did not have a vapor pressure greater than 1 
mm., while the concentrations of water in the titration solutions in which “ac¬ 
tivation” has been conclusively demonstrated have vapor pressures many times 
greater than 1 mm. 

Obviously this conflict may be resolved by assuming: (1) that the experi¬ 
mental conditions were inadequate in the reactions attempting to produce the 
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type II glycol borate, or (2) that Boeseken’s type II compound is not a pre¬ 
requisite for “activation.” 

IX. GENERAL CONCLUSIONS FOR THE EXPERIMENTAL WORK 

The work thus far conducted may be summarized in the form of these general 
conclusions: 

1. The lowest members of the aliphatic glycol series and boric acid produce 
volatile compounds of type I. 

2. No other type of compound was isolated. 

3. Glycerol and boric acid react with the formation of triesterified linkages, 
though no product was isolated and characterized. 

4. Glycerol monoalkyl ethers and boric acid produce volatile borates of type I. 

5. Metaboric acid did not form a monoesterified ester. It is the equivalent 
of orthoboric acid in the reactions studied. 

6. The glycols, propylene and ethylene, used to isolate volatile borates of 
type I, “activate” boric acid in a titration in the presence of water. 

X. COMPARISON OF THE CONCLUSIONS WITH THE RESULTS AND CONC LUSIONS IN 

THE LITERATURE 

1. The prediction of P. Hermanns (12) has been confirmed as regards the type 
of boric acid esters of propylene and ethylene glycols. 

2. Propylene (and ethylene) glycol has an “activating” effect on boric acid in 
the presence of water, in agreement with the published data of Rimbach and 
Ley (22), but not in agreement with the findings of Krantz and collaborators (15) 
for 0.1 molar boric acid in the presence of 4 per cent propylene glycol. 

This is not in agreement with P. Hermanns (12), who expected no “activa¬ 
tion” from these glycols (propylene and ethylene). He attributes this expected 
lack of “activation” to extreme hydrolysis preventing the formation of esters. 

3. No evidence for the type II compound of propylene glycol and boric acid 
w T as found. Boeseken and P. Hermanns believe this type of compound to be 
prerequisite to “activation.” 

4. KolthofTs application (14) of the mass law to van Liempt's data for the 
“acidity” changes during the titration of boric acid in the presence of glycerol 
has yielded a 1:1 complex of uncertain structure between glycerol and boric 
acid. Insofar as the ratios of boric acid and the glycerol structure are con¬ 
cerned we are in agreement, though not in agreement as to the type of binding 
between boric acid and the glycerol structure, which is not described by 
Kolthoff. We do not believe that the esterified boric acid-glycerol linkage can 
exist in water solution. 

At the same time we question the validity of KolthofTs mathematics, w f hich 
involves the solution of mass-law relations for the amount of undissociated com¬ 
plex ion by simultaneous equations. The simultaneous equations which 
Kolthoff employed cannot be reproduced when his final values are substituted 
into these equations. 

5. Our findings are in agreement with Dupire’s work (9) only to the extent 
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that boric acid can eliminate water in condensing with propylene, ethylene, or 
butylene glycol or glycerol chlorohydrin, and that the product is volatile at 
reduced pressures. 

We believe that Du pi re’s claims in reporting compounds resulting from the 
reaction 


2B(OII)s + 3R(OH) 2 (R0 2 ) 3 B 2 + 6H,0 

are not valid for the following reasons: (I) The weights of reactants required 
by the theoretical reaction were treated only until the residue had been reduced 
to the weight demanded by theory and not beyond. (2) The product was not 
distilled and therefore the distillate was not analyzed, though the temperature 
of boiling under reduced pressure and the pressure are reported. ( 3) The 
calculated and found percentages of at least one element in the new compounds 
are omitted. U) The reported calculated and found molecular weights (340 
and 335, respectively) are approximately 20 per cent larger than demanded for 
the theoretical equation. (J) Experimentally it was found that, although 3 
moles of glycol will volatilize 2 moles of boric acid, one of the moles of the glycol 
does not condense with the boric acid. 

XI, APPLICATION TO FUTURE STUDIES IN THE FIELD 

If the viewpoint of Boeseken and collaborators concerning no “activation” 
of boric acid by the lowest aliphatic glycols because of hydrolysis and steric 
factors is accepted, then the “activation” encountered by indicator and differ¬ 
ential electrometric titrations must be ascribed to some other cause. Perhaps 
the cause is the dielectric constant of the medium or a solvation in which glycol 
instead of water molecules are involved without esterification. This cause must 
hereafter be included in the treatment of the problem of “activation” of boric 
acid. An effect such as the change in the height of the end point (or the slope 
of the titration curve at the end point) in the differential titration curves, which 
with propylene glycol is 20 per cent (or 300/1500) of the value obtained with 
mannitol and 500 per cent (or 300/60) of the value obtained with only boric 
acid can not be neglected in the future treatment of “activation” and should 
not be overlooked as a source of further investigation. 

We do not believe that enough work has been done up to the present in this 
field to enable a complete mathematical explanation of the neutralization curves 
of boric acid in the presence of even the least structurally complex “activators.” 
Our work is hereby presented as a starting point for the synthesis of type II 
esters, if such can be accomplished, and for further physicochemical study of the 
acidity and hydrolysis of the isolated esters. 

XII. SUMMARY 

1. Orthoboric acid and the first three members of the homologous series of 
glycols have been shown to react in equimolecular proportions with the elimina¬ 
tion of two molecules of water to form volatile esters of definite composition. 

2. Six new glycol borates have been prepared. Their behavior on distilla¬ 
tion and their salient chemical properties have been described. 
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3. These findings are in accord with the predictions of P. Hermanns. The 
reaction reported by Dupire and the reaction predicted by Bdeseken for the 
“activators” of boric acid could not be confirmed with propylene glycol. 

4. Propylene and ethylene glycols have been shown to be strong “activators” 
of boric acid in acid-base titrations. 

5. Glycerol monoalkyl ethers produce volatile borates of the same type. 

6. Three moles of ethylene glycol monoethyl ether and 1 mole of boric acid 
combine to form a volatile borate of the trimethyl borate type. 

7. Metaboric acid is the equivalent of orthoboric acid in the preparation of 
the new esters reported. 
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DISTINCTIVE FEATURES OF GLASS 

Deformation and flow are properties which have been found very useful in 
the study of the constitution of glassy or vitreous matter. The so-called 
“glassy state” appears to be continuous with the liquid state, but differs from it 
in that the properties of glasses are dependent upon their history. Thus while 
temperature , pressure , and composition serve to describe the condition of an 
ordinary liquid, the additional factor of rate of cooling or “thermal history” is 
found to have a marked influence on the properties of glass. This is not sur¬ 
prising in view of the very high viscosity, in excess of 10 1,1 poises, in consequence 
of which chemical equilibrium is reached very slowly. At room temperatures 
most silicate glasses 1 are so rigid that they show almost no secular changes, 
although some very sensitive tests furnish evidence of slow adjustments of shape 
and volume. Consequently it is possible to prepare samples of glass of a given 
composition with different properties, depending on whether the samples have 
been quenched (i.e., quickly cooled) or annealed. 

DENSITY AND THERMAL HISTORY 

Changes in density resulting from variations in heat treatment were first 
observed by A. Q. Tool (16, 17, 18) and coworkers at the United States Bureau 
of Standards. They heated cubes weighing a few grams at 350° to 550°C. for 
flint glass and 450° to 750°C. for borosilicate glass for periods varying from 1 hr. 
to 264 hr., and cooled them in air. In general, the higher the temperature from 
which the glass was chilled the lower w r as the specific gravity, the deviation from 
normal attaining a few tenths of 1 per cent. The effect was later confirmed by 
Salmang and von Stoesser (9), w ho quenched small samples of glass very rapidly 
from a series of temperatures ranging from 100°C. to nearly 1600°C. The 
specific gravity, measured in every case at room temperature, ranged from 2.511 
to 2.493, a change of 0.(X)8. That this effect is not due to strain w r as shown by 
these authors with an experiment on the well-known Prince Rupert drop, which 
is made when molten glass is quenched in w ater, and which is under such strain 
that it frequently flies to pieces if scratched. The density of such a drop before 
and after powdering w r as 2.4439 and 2.4446, respectively. Thorough annealing 
and slow cooling, however, raised the density to 2.4620, a change of 0.0181 as 
compared with 0.0007. While these changes in density due to annealing are 
not large in magnitude, nevertheless they are definite, and in a direction to be 

l The term “glass’ 1 is taken to cover only those materials which soften and harden re¬ 
versibly on heating and cooling, respectively. It does not include those organic plastic 
bodies which decompose on heating. The most important glasses from a commercial view¬ 
point are inorganic, e.g., silicates, borates, phosphates, or combinations of these. 
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expected if association or polymerization of the simplest ionic constituents of 
the glass were taking place at or near the annealing temperatures. It is a well- 
known fact that chilled pieces of glass, windshields, goggles, etc., are many times 
more resistant to mechanical shock than similar glass, slowly cooled, but this 
has more to do with the distribution of strain in the surface layers than with 
physicochemical changes in the silicate network. Density changes resulting 
from heat treatment are by no means confined to silicate glasses. A sample of 
unannealed B 2 0 8 glass, investigated by Spaght and Parks (10), occupied a 
volume of 3.419 cc. at room temperature. The same glass sample, carefully 
annealed, occupied a volume of 3.373 cc. at room temperature. This volume 
decrease of 1.3 per cent is a consequence of molecular rearrangements. 

VISCOSITY AND THERMAL HISTORY 

Since viscosity is a rheological property, it is of interest to see how it is influ¬ 
enced by the thermal treatment of glasses. Viscosity is structure-sensitive to 
a high degree; consequently in that range of temperature where annealing takes 
place rapidly but not too rapidly for measurement, it is found that viscosity is 
a function of time. For every temperature there is an equilibrium viscosity, 
characteristic of the “stabilized glass ,'” but hours, days, or even years may be 
necessary before equilibrium is reached. During this period the viscosity may 
increase or decrease gradually, depending on whether the glass was previously 
at a higher or a lower temperature. Figure 1, taken from a paper by Lillie (6), 
illustrates this behavior. For ordinary soda-lime-silica glasses, 21-9-70 per 
cent, the temperatures at which these effects are observable are near 500°C. 
For soda-silica glasses, 33 per cent sodium oxide, the corresponding tempera¬ 
tures are near 425°C. For a heavy barium crown optical glass they may be 
observed near 550°C. The range of temperature in which such phenomena may 
be readily observed depends on the temperature coefficient of viscosity, which 
at these temperatures doubles for every 6° to 8° drop in temperature. Thus 
a temperature rise of 100°C. will increase the rate of approach to equilibrium by a 
factor of about 10,000. .The initial viscosities of the glass shown in figure 1 differ 
by a factor of 70, but even larger differences may be obtained where forced cooling 
or a lower temperature of stabilization is applied prior to the actual measurement. 

VISCOSITY AND STRUCTURE OF SILICATE MELTS 

We shall return again to a study of the ionic processes which occur when glass 
is being stabilized, as well as to a consideration of the elastic phenomena which 
occur when stabilized glass is subjected to stress. First, however, we shall try 
to determine why silicate glasses have viscosities so extremely high as compared 
with water and the simpler organic liquids, and why temperature has such a 
marked influence on the magnitude of the viscosity. 

Primarily, the difference in molecular structure between a silicate melt and an 
organic liquid like ethyl alcohol or carbon tetrachloride is that the latter are 
composed of discrete molecules between which the forces of attraction are weak 
(although they may be very strong within the molecule), while in silicate melts 
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a continuous structure exists in the sense that the ions build up a sort of lattice 
of alternate charges with no regions of distinct weakness. When viscous shear 
occurs, the process is not so localized as in the case of molecular liquids, and the 
critical “activation energy” is larger. This means a large numerical value for B 
in the well-known de Guzman (3) equation 77 = Ae BIRT . The interionic forces 
are very strong in silicates because of the high valences of the Si 4 " and 0 2 ~ ions, 
and are strong even where cations of lower valence are present. In a soda- 
lime-silica glass the weakest bonds are those between Na 1 and 0 2 “. In addi¬ 
tion, the coordination number of silicon is 4, i.e., silicon has four oxygen neigh¬ 
bors. This leads to strong bonds and to the formation of a continuous network 



Fin. 1. Viscosity-time curves for two samples at 486.7°C. The upper curve is for a 
sample previously treated at 477.8° for 64 hr.; the lower curve is for a newly drawn sample. 
Courtesy of H. R. Lillie. 

in the more siliceous melts (2, 20). The character of the silicate ions in glasses 
can be inferred from the known structure of silicate crystals having the same 
silicon:oxygen ratio. When this ratio is 1:4, as in orthosilicate crystals, such 
as Mg 2 Si 0 4 , separate SiOl“ ions exist, not connected directly with one another, 
but linked through cations such as Mg 2+ , Ca 2+ , or Na + . When the silicon: 
oxygen ratio is 1 : 3 , .long chains or closed rings having the general formula 
SiftOsn 2 ”” are found in crystals, and presumably they also occur in glass. These 
larger ions lead to higher viscosities. When the silicon:oxygen ratio is 1:2.5, 
sheet structures are formed, as in micas or clay minerals. By analogy, similar 
though probably warped structures may exist in glasses having the same silicon: 
oxygen ratio. When the silicon .’oxygen ratio is 1 : 2 , three-dimensional networks 
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such as that of quartz, tridymite, or cristobalite occur in crystals, and we may 
expect something similar in glasses. In fact, fused silica has the highest vis¬ 
cosity of any silicate melt, when such melts are compared at some constant 
temperature. Most commercial glasses, free of B 2 0 3 , show an atomic silicon: 
oxygen ratio of about 1:2.5. When ions such as B 3+ , or Al 8+ , substitute for 
Si 4 , in the four-fold coordination, the continuity of the ionic network remains 
unbroken, but the viscosity at the higher temperatures is somewhat reduced as 
compared with the simple silicates. Under certain conditions, boron may have 
three oxygen neighbors, and aluminum six, with corresponding changes in the 
viscosity and its temperature coefficient. The viscosity of commercial glasses 
at melting and fining temperatures is about 10 2 poises; while being handled by 
automatic blowing machines, about 10 7 poises; at the annealing temperature, 
about 10 18 poises. These may vary about tenfold, but they indicate the order 
of magnitude of the viscosity at which these various operations are carried on. 
Measurements have been made by the writer on glass fibers less than 100°C. 
below the annealing temperature, showing viscosities of about 10 16 poises. At 
room temperature the value must be extremely large, and because of the very 
long time needed to reach equilibrium, as discussed previously, it is doubtful 
if true values of the viscosity will ever be obtained on cold glass. 

In general, the replacement of an ion by one of higher valence, e.g., Na* by 
Ca 2+ , leads to higher viscosities. The changes resulting from the replacement 
of an ion by a larger one of the same valence, e.g., Na + by K*, are often not 
quite so simple. We should expect that the larger ion would have weaker at¬ 
traction for 0 2 ~, thus leading to lower viscosities, or at least to a lower tempera¬ 
ture coefficient, and this is in fact the case (14). The partial substitution, 
however, may cause abnormally low viscosities. Such effects may be due to 
volume expansions on mixing, i.e., to the volume not being a linear function of 
composition. It is well known that viscosity is very sensitive to volume changes 
resulting from the application of pressure (4), and therefore probably also to 
volume changes arising from chemical substitution. A systematic correlation 
of volume and viscosity in silicate melts would be of great interest. 

In systems showing such a tremendous range of viscosity as 10 2 to 10 15 poises, 
it would be surprising indeed if the simple relation rj — Ae BIRT were applicable 
over the whole range. An equation of this form is satisfactory for limited tem¬ 
perature ranges, say 30° or 40°C., but over the whole scale a plot of log rj vs. 1/T 
is concave upward, i.e., toward the log rj axis. What this probably means in 
molecular or ionic terms is that the number and kind of bonds which must break 
to permit viscous shear are themselves functions of temperature. The writer 
has shown (13) that at low temperatures only the sodium-oxygen bond is 
active in the shear process in soda-lime-silica glasses (1£), for the removal of 
lime is without significant effect on the activation energy for viscous flow. At 
higher temperatures there is sufficient thermal energy to break stronger ionic 
bonds, and this will of course affect the slope of the log rj vs. 1/T curve. A 
silicate melt at high temperatures is a complex mixture of many molecular or 
ionic species. Statistically speaking, at a given temperature certain species 
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will be favored, while at lower temperatures certain larger or more complex 
species will predominate. The environment of any one atom is constantly 
changing, and the more rapidly the higher the temperature. As Morey (8) 
expresses it, 4 ‘The equilibrium is kinetic and statistical, and will of necessity 
change with temperature.” 

ELASTIC PROPERTIES OF STABILIZED GLASS 

Studies of the elastic properties of stabilized glasses in the annealing range of 
temperature have helped to clarify our understanding of the glassy state. 

An elastic body may be defined as one which returns to its original shape after 
the removal of an externally applied distorting force; since this definition does 
not contain time as a variable, the elastic effect may be either sudden, or delayed, 
or any combination of the two. 



TIME 

Fig. 2. Typical flow curve at constant temperature. Elongation versus time at con¬ 
stant temperature; a definite load added at B, and removed at E. 

A viscous body may be defined as one which is deformed continuously at a 
constant rate under the influence of an external force. Upon removal of the 
force, a permanent deformation exists, the magnitude of which is proportional 
to the magnitude of the applied external force and to the duration of its applica¬ 
tion. 

Elastico-viscous properties are those properties which arise from a combina¬ 
tion of elastic and viscous effects consistent with the above definitions. The 
terms elastic distortion, viscous flow, and elastico-viseosity, when used in this 
paper, will conform to these definitions. 

A stabilized glass may be defined as a glass in which the effects of its thermal 
history have been removed by thorough heat treatment at the temperature of 
the test, until (insofar as present laboratory methods permit of disclosure) it 
has assumed the equilibrium property values characteristic of the glass at that 
temperature. 

A typical curve depicting the progress of elongation of a stabilized glass fiber 
which hangs vertically in a constant-temperature furnace and to which a weight 
is attached is shown in figure 2. The ordinates are the over-all elongations and 
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the abscissas are the corresponding times. The cycle may be traced as follows: 
The fiber is heat-treated at the temperature of test until a constant rate of flow, 
AB , is attained, due to the weight of the fiber itself and the attached hanger. 
Upon application of a definite increased load to the stabilized fiber, an in¬ 
stantaneous elastic elongation, BC , occurs. This is followed by a combination 
of delayed elastic elongation and true viscous flow which results in an elongation 
curve, CD, whose rate decreases until it attains finally a constant value, KDE. 
Upon removal of load, an immediate elastic contraction, EF , occurs. This is 
followed by a period, FG, during which the delayed elastic contraction opposes 
the true viscous flow owing to the load of the lower hanger. The resulting 



Fig. 3. Effect of temperature on the over-all elongation-time curve for a stabilized 
glass sample. 

curve, FGH, shows a rate which decreases through zero and is followed by the 
attainment of the previous constant rate of elongation (LGFI parallel to AB), 
It should be emphasized that the elastic effects are completely reversible and 
reproducible. 

The effect of temperature on the over-all elongation-time curve is shown in 
figure 3. It is to be noted that the instantaneous elastic elongation increases 
as the temperature of test is increased, and the time necessary for the delayed 
elastic distortion to be completed becomes shorter as the temperature is raised. 

The over-all elongation-time data may be resolved (figure 4) into three com¬ 
ponent parts: (1) an immediate elastic elongation, completed very rapidly; 
(2) a delayed elastic elongation, proceeding more slowly and approaching its 
limiting value asymptotically; and (3) a viscous flow, proceeding at a constant 
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rate. The magnitudes will depend, of course, upon the composition of the glass, 
the temperature, and the applied load. 

In terms of these components, the over-all elongation at any time may be 
represented in the simplest case by their sum, as expressed in the following 
formula: 

E t = I 4" Zo(l — e kl ) 4" k v t 


where E t = over-all elongation at time l , 

I = instantaneous elastic elongation, 

/f, = total delayed elastic elongation, 
c — base of natural logarithms, 

k = rate constant for delayed elastic process, or fractional change in 
unstretched length per unit of time, 
t — time, and 

k v = constant rate of viscous flow. 



TIME 

Fig. 4. Analysis of the elongation-time curve at constant temperature and constant 
stress. 1, instantaneous elastic elongation; 2, delayed elastic elongation; 3, viscous flow; 
4, over-all elongation [4 — (1-4-243;]. 

The rate of viscous flow, k v , may be determined by inspection or by applica¬ 
tion of the theory of least squares to the linear part of the over-all elongation¬ 
time curve, i.e., after the delayed elastic effect is completed. Determination of 
k v is necessary for the calculation of viscosity. 

The curve representing the delayed elastic elongation can be readily obtained 
by subtracting the viscous flow and the instantaneous elastic elongation from the 
over-all elongation. 

Delayed elastic effect—rate constants 

The delayed elastic component of the over-all elongation-time curve ma} r be 
readily obtained. In figure 5 (inset), Zq is the total delayed elastic elongation, 
$nd l is the distance from equilibrium at time t. If dl/dt is the rate of elongation 
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at time t , it can be shown that for a stabilized fiber —di/d/ = kl. 
this expression gives 


and 


logio l/lo ® — Jfc^/2.303 


l/l 0 - <f*‘ 


Integration of 


The rate constants, k , were determined from the delayed elastic elongation- 
time data for the various glasses at each temperature of test by application of 
the method of least squares. If these equations are satisfactory, a plot of 



Fig. 5. Delayed elastic elongation versus time for certain soda-silica glasses, showing 
effect of temperature and obedience to the exponential decay law. 


logio l/l o versus t should give a straight-line relation. Figure 5 shows graphically 
a test of these equations. 

The relaxation time is that time necessary for the delayed elasticity to decay 
to 1/e of its original value, i.e., to approximately 40 per cent. That is, l becomes 
lo/e and the equation reduces to 

1/e = 

from which t = relaxation time = 1 /k. This definition is essentially that 
given by Clerk Maxwell. 

The calculated values of the relaxation times for certain soda-silica glasses 
are given in table 1 and shown graphically in figure G. 
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It is to be noted that for a given temperature the relaxation time increases 
considerably with increase of S 1 O 2 content, and, for any given relaxation time, 
the necessary temperature is higher as the Si0 2 content is increased. 

The relaxation time may be compared qualitatively with the “half-life period” 
of radioactive decay, except that in this latter case the quantity is reduced to 
1/2 rather than 1/e of its original value. 

TABLE 1 


Relaxation time of soda-silica glasses as a function of temperature (18) 


GLASS 

TEMPERATURE 

RELAXATION TJME 

10 »fT 


°C. 

minutes 


( 

427.8 

12.7 

1.427 

Glass SSL' (33.0 per cent NajO) . .. \ 

446.6 

1.6 

1.389 

l 

456.0 

0.7 

1.372 

( 

435.0 

7.1 

1.412 

Glass X (ra. 30 per cent Na 2 0) s 

442.9 

3.3 

1.397 

1 

452.5 

1.2 

1.378 


427.7 

19.2 

1.427 


442.2 

4.8 

1.398 

Glass No. 2 (27.8 per cent Na 2 0) 

446.8 

2.6 

1.389 


452.5 

1.5 

1.378 


455.9 

1.2 

1.372 


442.2 

10.0 

1.398 


446.8 

5.0 

1.389 

Glass SS (23.5 per cent Na^O) 

452.5 

2.9 

1.378 


456.0 

1.9 

1.372 


459.3 

1.3 

1.365 


442.4 

100.0 

1.398 


447.0 

59.0 

1.389 


452.5 

28.6 

1.378 

Glass No. 1 (19.8 per cent Na*0). . 

456.0 

17.2 

1.372 


459.3 

9.1 

1.365 


466.0 

3.7 

1.353 


471.2 

1.9 

1.344 


It may readily be seen from an inspection of figure 6, which is a semilogarithmic 
plot, that at room temperature relaxation times for these particular processes 
will be of the order of millions of years. 

Young’s modulus 

Another striking feature, brought out in a previous investigation (15) and 
verified in later work (13), is the relation between Young's modulus and the 
temperature. Table 2 contains the values of the modulus, E\ (calculated 
from the instantaneous elastic elongation) and E 2 (calculated from the total 
elastic elongation). 
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A study of table 2 confirms the observation that Young’s modulus depends 
upon the time. If the delayed elasticity be taken into consideration, it appears 
that the value of Young’s modulus is independent of the temperature. It will 
be noted that the two calculated values of Young’s modulus become equal at 
the higher temperatures where there is apparently no delayed elasticity. 


ioao 



1ZZO IZ60 1.300 \oVr^ 1.360 1.400 1.460, 

Fig. 6. Relaxation time versus temperature for the delayed elastic process in certain 
soda-silica glasses. 


Elastic after-effects in potash-silica glasses 

When the elongation curves for potash-silica glasses are examined, a new 
effect is observed. The data for the early part of the delayed elastic elongation 
fall below the best straight line which represents the plot of log l/l 0 vs. t. This 
negative departure of the log l/k values is clearly depicted in figure 7. One 



TABLE 2 


Young's modulus based on instantaneous ( E\) and total (tf 2 ) clastic extension 


GLASS 

temperature 

Ex 

Ei 


°c. 

kg. per mm . 2 

kg per mm 2 

Glass SSC. 

427. S 

3.8 X 10 3 

2.3 X 10* 


446.6 

2.7 X 10 3 

2.1 X 10* 


459.0 

2.2 X 10 J 

2.2 X 10 3 

Glass X 

435.0 

3.7 X 1<> 3 

2.1 X 10* 


442.9 

3.3 X 10 3 

2.4 X 10* 


452.5 

2.3 X 10 3 

2.3 X 10* 

Glass No. 2 

427. S 

4.4 X 10 3 

2.8 X 10* 

, 

446.8 

3.3 X 10 3 

2.6 X 10* 


459.0 

2.8 X 10 3 

2.5 X 10* 


466.0 

2.3 X 10 3 

2.3 X 10* 

Glass SS 

442.2 

4.0 X 10 3 

2.8 X 10* 


446.8 

3.6 X 10 3 

2.7 X 10 s 


456.0 

3.2 X 10 3 

2.6 X 10 3 


459.0 

2.9 X H) 3 

2.8 X 10* 


466.0 

2.5 X 10 3 

2.5 X JO 3 

Glass No. 1 

442.4 

4.0 X 10* 

2.3 X 10 3 


452.5 

3 7 X 10 3 

2.4 X 10 3 


459.0 

3 1 X 10 3 

2.3 X 10 3 


471.0 

2.8 X 10* | 

2.3 X 10* 



Time (Minutes) 


Fig. 7. Delayed elastic elongatiun versus time for certain pot ash-silica glasses, showing 
apparent lack of obedience to the exponential decay law for the early part of the lelaxation. 
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rate constant, k } probably does not describe the whole course of the delayed 
elastic process, but two or more “unimolecular” processes apparently are 
operating with different characteristic rates, and the observed phenomena represent 
the summation of these processes operating simultaneously . If the first process 
is distinctly more rapid than the second, the characteristic rate constants may 
be evaluated by examining the early and late data independently. This was 



TIME. (min.) 


Fig. 8. Evaluation of the constants for the fast and the slow relaxations in the delayed 
elastic process for a potash-silica glass. Each process obeys the exponential law, but the 
two are operating simultaneously. 

done in the following manner: From the original curves of elongation vs, time, 
a list of values of the unstretched length, l , for various times, t , was prepared; 
a plot was made of log l vs, t , and an extrapolation was made back to the zero 
time (when the additional load was added to the fiber). The early points were 
neglected in making this extrapolation to get log Jo, and weight was given to 
those later points which were self-consistent in falling on a straight line (figure 8). 
Values of log l corresponding to the early part or possibly the first quarter or first 
third of the duration of the delayed elastic process may be read from the plot. 
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These calculated l values are less than those actually observed for the early time 
period. The differences then are plotted in the form, log /' vs. I , and they fall 
satisfactorily on a straight line the slope of which is considerably greater t han 
that of the first plot, thus indicating a molecular process which goes much more 
rapidly than the other. This procedure is exactly like that used by Taylor 
in analyzing the data on the birefringence of glass (11). The entire delayed 
elastic elongation at any time, t , would thus consist of two terms Z 0 (l — r ~ kl ) and 
Zo(l — e~ k *), instead of only the first term. More such terms could be added if 
needed. This means, in a qualitative sense, that the glass probably contains 
molecular groups of various sizes. The application of an additional load to a 
fiber is considered to bring about an elastic elongation by turning or orienting 
these molecular groups so that the longest axis of each tends to become parallel 
to the fiber direction. The smallest groups will respond quickly to the added 
load and will give a large rate constant in the equation, — dl/dt = A’7, or in the 
corresponding expression, / 0 (1 — c~ k 1 ); larger groups will respond more slowly 
and will give different values for k and k. Although this complexity first be¬ 
came evident in potash-silica glasses, a reexamination of the data on soda silica 
glasses shows that it is also present but to such a small degree that it had been 
overlooked. The soda-silica glasses apparently are more homogeneous in their 
molecule types, at least in the annealing range of temperature. Unless all 
molecules in a silicate melt or glass have exactly the same size, which would be 
contrary to statistical and kinetic theory, the several sizes (and masses) will 
lead to several constants for the rate 4 of orientation when the piece of glass is 
subjected to stress. The delayed elastic phenomena therefore point to a sort 
of molecular picture for the glass. A close 4 analogy is found in the behavior of 
a polar liquid in an electric field. Each dipole responds in its own way to the 
orienting force, and the factors, such as dipole moment and temperature, affect 
the various relaxation times. With elastic phenomena, the “shape” of the 
molecule probably plays a big part in controlling the amount of orientation and 
in the consequent fiber elongation, and the sizes and ionic charges control the 
relaxation times, which of course would also be reduced by increased tempera¬ 
ture. 

Under isothermal conditions, the equation for the entire elongation at any 
instant is expressed by the following equation: 

E t = I + l' 0 ( 1 - <~ k '‘) + 2.(1 - <f*') + k„t 
or more exactly by 

E t = /(I - + lo( 1 “ <!"*'') + /(I - O + k„t 

For the delayed elastic process in these stabilized glasses, the rate of stress 
release is proportional to the stress, —dl/dt — kl, as suggested by Clerk Maxwell. 
The rate constants have been evaluated as well as their reciprocals, that is, the 
“relaxation times”. The temperature coefficient of the rate constants leads 
to activation energies in the potash-silica series ranging from 57,000 to 90,000 
calories, values which arc considerably lower than for corresponding soda-silica 
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glasses. The temperature coefficients of these rate constants lead to activation 
energies of 105,000 to 150,000, the higher energies being for glasses higher in 
silica. 

THE PRINCIPLE OF SUPERPOSITION—“MEMORY” EFFECTS (12) 

When an electric charge is placed upon a piece of glass between condenser 
plates, the charging current, large at first, decays with time according to the 
empirical expression i = At~ n , where n is not an integer and also is not constant 
for small values of t. This current-time relationship, according to von Schweid- 
ler (19), may be better expressed as the summation of several terms each of the 



Fig. 9 Fig. 10 


Fig. 9. Current-time relation in the discharge of a glass condenser 

Fig. 10. Reversal of the discharge current (curve 1), shown as the result of two simple 
discharge curves (2 and 3) with different directions and different relaxation times. 

form i = A n e~ kn \ where A n is a constant having the dimensions of current, t is 
time, k n is a rate constant equal to the reciprocal of a relaxation time T n , and e 
is the base of natural logarithms. This equation is exactly like that for the 
elongation of a glass under constant stress if the viscous part, k v t , is omitted. 
In other words, dielectric absorption and elastic after-effects in glass appear to 
be closely related. 

“Hopkinson (see reference 7) found that, if a condenser which absorbs a 
residual charge is charged for some time and then the sign of the e.m.f. is re¬ 
versed for a shorter time, the first part of the discharge current corresponds in 
direction to the last charge imposed on the condenser but the direction of the 
discharge becomes reversed at a later stage of the discharge and corresponds 
in direction to the first charge.” This phenomenon is illustrated in figure 9, 
taken from Guyer. 

Lord Kelvin is said to have remarked, “The charges come out of the glass in 
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the inverse order in which they go in/' while Hopkinson has stated ,“It seems 
safe to infer that the effects on a dielectric of past and present electric forces are 
superposable.” 

The writer presents curve 1 of figure 10 to show the result obtained by algebraic 
addition (i.e., subtraction) of two simple exponential curves 2 and 3, where the 
former has a relaxation time roughly one-tenth of the latter. The reversal in 
direction of current flow is clearly shown by curve 1. 

In dealing with these dielectric effects in glass it appears justifiable to use the 
concept of weakly or strongly bonded complex ions or “molecules” in the random 
network which constitutes the glass. In such a random structure there are 
small and large “molecules,” these being complex silicon-oxygen groups which 
are separated from other such groups by weak bonds such as Na 4 ~—O . Under 
the influence of an external orienting force the smaller ions or “molecules” would 
respond more quickly than the larger, presumably because they would have 
fewer bonds to break as they turn under the orienting influence of the applied 
field. 

Thermometers frequently show gradual drifts in their readings of the “ice- 
point” which arc believed to be due to slow changes in the dimensions of the 
glass bulb. If this bulb slowly shrinks in size, the ice-point readings will gradu¬ 
ally rise. On the other hand, if the bulb would first expand and then shrink, 
the ice-point, readings would first fall and later rise. Figure ll 2 shows such a 
result on a thermometer which was held for 2050 hr. at 212°F., and then for an 
additional period of 1350 hr. at 30fi°F. The ordinates show the change in the 
ice-point at various periods of time. While the glass was at 212°F. a slow shrink¬ 
age was taking place, owing to the combination or association of ions or molecules 
which characterized the glass at higher temperatures. Before this association 
was complete, the thermometer was heated to 30fi°F. This rise in temperature 
had the effect of dissociating some ionic complexes which had formed at 212°F., 
and this brought about a relatively rapid expansion of the glass with a corre¬ 
sponding drop in the ice-point. This was followed by a gradual shrinkage of the 
glass due to combination of other ions which characterize much higher tempera¬ 
tures and which had not time to combine completely at 212°F. The association 
process at 30fi°F. goes on much faster than the corresponding process at 212°F., 
as can be seen from the slopes of the two curves. It is evident from such results 
as that of figure 11, that the molecular or ionic structure of glass is quite com¬ 
plex, and that the various ions appear to respond independently to stresses 
imposed upon the glass. 

An exactly analogous elastic reversal has been observed in rubber (5) in an 
experiment performed by H. Kohlrauscli in 187fi. Quoting from Iiouwink, 
“A rubber thread (see figure 12) is twisted 2 X 300° to the right and held in 
that position for 18 hours (a). It is then released and twisted for 45° beyond 
the position of equilibrium to the left and held so for 30 seconds (b). An elastic 
after-effect is observed first from (b) past the equilibrium to (c), for example, 

2 Private communication from Dr. Bradford Noyes, Taylor Instrument Co., Rochester, 
New York. 
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then the direction of the after-effect is changed and the thread twists to the 
left until a final position at (d) is reached. The behavior of the thread does 



Fig. 11. Change in the ice-point of a glass thermometer during aging. The reversals 
point to a complex clastic process. Courtesy of Bradford Noyes. 



a- 
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o 
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Fig. 12. Elastic reversal bed in a rubber rod; axis of rod normal to page 
Fig. 13. Hydrostatic model showing a reversal effect due to simultaneous fast and slow 
processes. 


indeed give the impression that it possesses a ‘memory’. ” This behavior again 
illustrates the intimate relation which exists between the clastic and dielectric 
effects. 
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A simple hydrostatic model illustrating a reversal may be described. In 
figure 13, the central tube is connected to tube A by a capillary S through which a 
liquid can flow only slowly, and is connected to tube B by a large tube R through 
which flow is rapid. If a suitable volume of liquid is admitted slowly into the 
system through the opening O, the level indicated in the central tube will rise 
from 1 to 2. If, now, the same quantity of liquid is withdrawn rapidly from O, 
the liquid level in the central tube will fall first to 3 and then will reverse its 
direction and rise again to the original level. This analogy shows how a slowly 
and a rapidly operating mechanism can combine to produce reversals in physical 
behavior which, on first examination, would appear to be anomalous. 

The elastic and the dielectric evidence lend strong support to the concept that 
there are several sizes of complex silicate ions in glass, and that these various 
ionic units respond independently and with different rates to applied stress. 
This idea is in harmony with other physicochemical evidence and with the x-ray 
evidence of a random ionic network. 

THE ANNEALING OF GLASS 

The molecular phenomena which occur during the annealing of glass are of 
great interest. Let us assume that the effect of stress is to produce atomic 
distortions and also orientation of atomic groups (molecules or ions) in such a 
way as to tend to relieve 4 the 4 stress, just as eiipe>le 4 s may be induceei and others 
oriented by an electrie* fitdd. The shapes of the atomic groups arc important, 
the 4 greatest orientation being produced in groups of low symmetry (deviating 
me>st from the 4 sphere). Evielenec has been presented in the first part of this 
paper that quick cooling of a glass tenels to preserve its high-temperature dis¬ 
sociates! structure, resulting in an assortment of irregularly shaped ions which 
become* squeezed or e>riente*d in certain preferred directions depeneiing on the 
cooling stresses. The strain-bearing elements are therefore mainly the dis¬ 
sociates! units, but as these 4 units combine to form larger and more symmetrical 
aggregates their “micro-strains” disappear, just as the external field of two bar 
magnets is weakened when they pair with one another. Such a process is 
essentially a bimolecular reaction and should obey the law — d.r/df = kx\ where 
x is the concentration of dissociated units. An empirical expression of this form 

— dd/d/ = k?5 2 was found by Adams and Williamson (1) to give satisfactory 
representation of the variation of strain with time, as measured by the bire¬ 
fringence of optical glasses. The strain-bearing units which have been oriented 
by the cooling stresses may also relax independently and assume random position, 
so that the net effect is zero strain. This is an elastic adjustment. If this 
process occurs, the rate law should be like that for radioactive decay, namely, 

— d$/d/ = and this is in fact the form of the Maxwell equation, which 
states that the rate of release of strain is proportional to the amount of strain. 
Obviously each molecular or ionic species should have its characteristic rate 
constant and relaxation time. The writer has shown that these two equations 
together account quantitatively for the whole data on strain release in Pvrex 
chemically resistant glass, measured over a 2-yr. period. The annealing process 
therefore involves two mechanisms,—independent relaxation and interaction. 
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The two mechanisms operate at the same time but with different rates and 
with different temperature coefficients. Both of these processes result in di¬ 
mensional changes in the glass, so that measurements of either optical bire¬ 
fringence or length can be used to determine when the glass is completely 
annealed and stabilized. 

At any time t the strain birefringence, $, per unit thickness of glass may be 
expressed as follows: 

8 — 8 m + daw 

where 

8 m sss 8 mQ 6 and 8 aw “ 5au?o/(l ~f“ 8 aw ^'A.t) 

where $ mo = total strain released according to Maxwell's law (—d//d/ = k^J) 
and 

5« Wo = total strain released according to the Adams-Williamson law 
= faf). ki and k 2 are characteristic stress-rate con¬ 
stants for the two processes. 

This study makes it clear that the past history of a glass sample has a profound 
effect upon its properties. On the one hand a glass may be “stabilized" and yet 
show a complex elastic character; on the other hand, if not properly annealed, 
it may be undergoing dimensional changes due to molecular rearrangements. 
These properties affect its utility and its behavior in service. 

SUMMARY 

Glass is a material having properties very dependent on thermal history. 
Viscosity and elasticity are properties very sensitive to structure, consequently 
their study provides an insight into the nature of glasses. The dissociated 
character of glasses at high temperature tends to be preserved on quick cooling, 
owing to the high viscosities, but as association proceeds the glass finally becomes 
stabilized. Such a glass shows a viscosity which at constant temperature is 
constant, i.e., independent of time. The rate of association appears to follow a 
bimolecular reaction law,‘e.g., the rate of stress release is proportional to the 
square of the stress. 

When stabilized glass is subjected to a constant stress, the elongation is a 
summation of elastic adjustment and viscous flow. The former is itself complex, 
being a combination of several relaxation processes of different characteristic 
rates, each obeying the Maxwell law that the rate of stress release is proportional 
to the stress. Numerical data are given for soda-silica and potash-silica glasses. 
Superposition of independent relaxation processes of different characteristic 
rates and of opposite sign gives rise to anomalous reversals. Examples of such 
phenomena in the discharge current of condensers and in the aging of ther¬ 
mometers are described. 

A “molecular" picture of a glass based upon the above-mentioned properties is 
presented. 
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ON the: number of structural isomers in simple ring 

COMPOUNDS. I 
TERRELL L. HILL 

Morley Chemical Laboratory , Western Reserve University , Cleveland , Ohio 
Received December 4, 1942 

The number of structural isomers possible in the case of substituted simple 
symmetrical rings can of course be obtained by enumeration for any particular 
case. Thus a table might be constructed giving the number of isomers as a 
function of n, the number of vertices in the ring, and of the type of substitution 
(e.g., X, X 2 , X 3 , * • • , XY, XYZ, • , etc.). It is, however, of some theoretical 
interest to correlate or unify these numbers by means of as general functions 
as possible. 

Polya (1) has treated the general mathematical problem of symmetry in or¬ 
ganic compounds and has applied his method, which is useful in finding the 
number of isomers for a given ring where the degree of substitution is generalized 
(e.g., successive hydrogens may be replaced by other groups), to derivatives of 
benzene, naphthalene, anthracene, phenanthrene, thiophene, paraffin hydro¬ 
carbons, etc. 

The alternative method of generalization (applicable to simple rings such as 
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benzene, cyclopentane, etc.) is to find the number of isomers for a given sub¬ 
stitution or type of substitution where the ring is generalized. That is, for a 
given substitution, to attempt to write a function f(n) which will apply to a 
simple ring of n members or vertices where n = 3,4, 5, • • * . One may go further 
and use /(n, m), where the number of isomers / is given as a function both of 
the number of members in the ring and of the degree of substitution (for a given 
type of substitution). 

In a subsequent paper this latter method will be used as a general procedure 
(all possible types of substitution will be discussed). For the present, however, 
we shall confine ourselves to several examples which will serve to illustrate the 
method (i.e., generalizing the ring and also the degree of substitution insofar 
as is possible). These rather general examples will include the more important 
cases. 

The function /(n, m) may be more easily written the less symmetrical the 
configuration. In the first example we have extreme symmetry (relatively 
speaking), so that both the method and the results are rather cumbersome 
(Polya’s approach using group theory is a more natural one for this case). In 
the other examples, however, combinatory analysis is adequate and the desired 
equations may be obtained quite simply and possess greater generality. 
Finally, in every case we obtain functions of the number of vertices in the ring 
so that the individual equations are applicable, for the given type of substitution, 
to a simple ring of any number of vertices. Also, to a considerable extent, the 
functions arrived at are general insofar as the degree of substitution (for a given 
type of substitution) is concerned. 

Stereoisomerism will not be considered here, but will be discussed elsewhere (2). 

Substitutions of the type X m 

If m identical chemical groups are substituted (not more than one at each 
vertex) into a ring of n members or vertices (n ^ m ), the problem of finding the 
number of isomers possible is equivalent to the following mathematical problem: 
Given a regular polygon of n sides and vertices, m of which are designated as 
being of one species and the remaining n — m of another, in how many “dif¬ 
ferent” ways may the m vertices of the first type be distributed among the n 
possible positions? Two arrangements are “different” if they may not be 
superimposed one on the other by means of reflections or rotations or l>oth. 

In attempting to solve this problem, the theory of partitions may be applied. 
Thus, we might inquire: In how many ways can n — m (or m, if m > n — m) 
be partitioned into not more than m (or n — m, if m > n — m) parts? For 
example, if n = 0 and m ~ 2, we have the three partitions: 4,31, and 22. Clearly 
these correspond respectively to the hexagons: 


o 

A 

0 

o 

A 

o 

A 

\/ 


u° 

\y 

o 

Ortho 

Meta 

Para 
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It is not difficult to sec that unless to ^ I and n — to ^ 4 both hold (see below), 
the number of partitions of this type will give the number of different arrange¬ 
ments possible. Therefore if we denote by p(a, 0) the number of partitions of a 
into not more than 0 parts and by /(a, 0) the number of different arrangements 
possible when 0 vertices are to be distributed as before among the a possible 
vertices of a regular polygon of a sides, we may write 


/(n, to) = p(n — to, to) (n ^ 2to and to ^ 3) 

f(n 9 to) = p(to, n — to) (?i < 2m and n — to ^ 3) 

Euler found that p(a, 0) may be given by 

1 

-= J + _ 

a —1 


= i + 2Z 


(1 — x )(1 — X 2 ) • • • (1 — x fi ) 

That is, p(a, 0) is the coefficient of x a in the indicated expansion. Then 

_ 1_ 

(1 — x)(l — x 2 ) • • • (1 — x m ) 


( 1 ) 


( 2 ) 


= 1 + S f( n i m )x n 

n- m**l 


1 


(1 — x)(l — X 2 ) • • • (1 — x n ~ m ) 

= 1 + ]£ f(n , m)x n 


(n ^ 2to and to ^ 3) 


(n < 2 to and n — to ^ 3) 


(3) 


As an example we might take to = 2 and n = 4, 5, 0. We have 
7 ,---,, = 1 + x + 2x l + 2x 3 + 3x 4 + 3x 6 + 

(1 - *)(1 ~ x 2 ) 

so that/(4, 2) = 2,/(5, 2) = 2, and/(G, 2) = 3. The last result corresponds, of 
course, to the throe (ortho, meta, and para) possibilities represented by the 
hexagons above. 

If both to ^ 4 and n — m ^ 4, the correspondence between arrangements 
and partitions is no longer one-to-one. Rather, a given partition may represent 
several arrangements. The additional arrangements arise in two ways: ( 1 ) 
partitions of both species of vertices must be considered; (2) the order of writing 
the parts of a partition (of the type being employed) is immaterial, but this 
may not be true of the corresponding arrangement of vertices. These may be 
illustrated, respectively, by the following pairs of different arrangements (n ~ 8, 
to = 4): 



Pair I 


Pair II 
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The same partition (31) applies to both members of pair I. Similarly for pair 
II, the partition in both cases is 211. 

Without loss of generality we may require that n ^ 2m and write 

/(n, m) — r(n — m, m) + s(n — m, m) 

where r(n — m , m) includes all arrangements except those additional ones 
(given by s(n — m } m)) arising from permutations of the parts of partitions. 
Then 


r(n — m, m) = 2 ) [P(n — m, k)-P(m — A)] 


( 4 ) 


where P(a y 0) is the number of partitions of a into exactly 0 parts, and was 
found by Euler to be given by 


(1 - *)(1 - X 2 ) ... (1 - 7?) ft 

Evidently, if either m < 4 or n — m < 4, 

s(n — m, m) = 0 

and 


= £ p («, P)*r 


( 5 ) 

( 6 ) 


r(n — m, m) = p(/f. — w, m) (7) 

Otherwise, however, the writing of s(n — w, w) as a function of w and m appears 
to be rather difficult. 

Substitutions of the type X*X 2 • • • X w 

Here m different chemical groups are substituted on n vertices, leaving n — m 
vertices without a substituent. Let X 1 be placed in the ring. There are then 
n — 1 possible positions for X 2 , n — 2 for X 3 , • • ■ , n — m + 1 for X m . Follow¬ 
ing this procedure, each possible isomer will occur twice. Therefore the number 
of isomers is 


/(», m) - <" " » Uli»r »-+!> „ > [2 - e(n)l (8) 

Owing to a special kind of symmetry for m = 2, equation 8 does not hold for 
m = 2 if n is even. Rather, 

/<», 2 ) = ( 9 ) 

where 

I I, for n odd 

( 10 ) 

0, for n even 

5 being Kronecker’s delta. The result is the same for Xj (equation 3) as for 
X'X 2 . 
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As an illustration of equation 8, if n = 6 and m = 3 (say benzene with three 
different groups substituted), 

f(G, 3) = 5 2 4 - 10 

Substitution# of the type XjL-iX 2 

In this class arc compounds with m groups substituted into a ring of n mem¬ 
bers, all of the m groups being the same except one* (X 2 ). There are, as before, 
n — m unsubstituted vertices. The group X 2 may be placed at any vertex of 
the ring. AVe may now divide the various possible isomers into two classes: 
()) those isomers which are symmetric about an axis through X“ and the center 
of the ring; and (2) those isomers which are not symmetric about this axis. 
Denote the; number of isomers in the first class by S(n, m) and the number of 
those in the second by R(ri, m). After X 2 has been placed in the ring, there arc 
w — 1 identical groups to be substituted into n — 1 possible positions. Con¬ 
sider the n _iC m .i (the number of combinations of n — 1 things taken m — 1 
at a time, repetitions not allowed) possibilities. Those S(n, m) combinations 
which correspond to symmetrical isomers are unique. That is to say, there is a 
one-to-one correspondence between symmetrical isomers and their corresponding 
combinations. Each of the R(n, m) unsvmmetrical isomers, however, cor¬ 
responds to two combinations, since in enumerating the combinations each 
unsymmetrical isomer occurs twice. Therefore 

f(n, m) = R(n , m) + S(n , m) (11) 

where 

R{>\, m) = (12) 

JL 


and 

r _ (n - 1)1 _ 

n-l m-1 ^ — m )j — ])? 

The number of symmetrical isomers S(n, w) depends upon whether n and m 
are odd or even. By examining the four possible cases (m odd, n even; etc.), 
one finds that 


Sin, m) — 0, if n is odd and m is even, 
and that 

S(n y m) = j“ n~2-fe (n)J C|^~2+e(m)J 

n — 2 + e(n) f 

= __ 2 ' 

n — m + c(n) — e(m ), m — 2 + e{m) f 

~ _ . y * 


( 13 ) 


otherwise 
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From equations 11 and 12, 

/(n, m) = ^[»_i C m _i + S(n , m)] (14) 

As an application of equation 14 we may again take n = 6 and m = 3 (say 
benzene with groups - CH 3 , —N0 2 , —N0 2 substituted). Then 

/(o, 3) = 2 [312"! + rm] “ 6 

Substitutions of the type Xi»- 2 X 2 X 3 

In the preceding discussion all substituent groups were the same save one. 
This may obviously be generalized to include substitutions of the type 
Xj*-jfeX 2 X 8 • • • X* +l . That is, k substituent groups are different and the re¬ 
maining m — k groups are the same. Again, of course, there are n — m un¬ 
substituted positions. The problem is simple except for those cases in which the 
distribution of the k unlike groups throughout the ring may lead to a configura¬ 
tion which has an axis of symmetry. This is only possible, however, if ( 1) 
k = 1 (treated above) or if (8) k = 2 and both n and m are even. Another 
equation (equation 8) which will be employed in the general solution does not 
hold for k = 2 if n is even, so that the case k = 2 will be given separate treatment 
here, although equation 16 to be derived in the next section will be valid for k = 2 
if n is odd. 

If k = 2 and n is odd (or both odd), we need consider only two numbers: 
(7) the number of ways the two unlike groups may be arranged in the ring, this 
being given by equation 9; and (8) for each such arrangement, the number of 
ways the m — 2 like groups may be distributed throughout the remaining 
positions of the ring, this being given by „_ 2 C f m _ 2 , since there is no symmetry 
possible. 

If n is even, the number of arrangements of unlike groups is n/ 2, but one of 
these (substituents at opposite vertices) has an axis of symmetry and must be 
studied separately. Each of the other (n/2) — 1 arrangements contributes, 
as above, w - 2 C m -2 isomers. For the symmetrical arrangement we have, cor¬ 
responding to equations 13 and 14, the term 

\ [n— 5 Cm—2 + S] 

where 

S = 0 if m is odd 

and 


S = „_ S C, 


if m is even 
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Finally, then, 


f(n, m, 2) — ^ [*-2 C ,»_2 + »S] + („_2 C m - 2 ) — 1^ 


= 2 f'S + ( n ~ 1)(«-iC»_j) 1 for n even 


where S is given above, and 


f(n, m, 2) 


^ ‘) (n 2CV 2 ) 

(n - 1) ! 

2* {m — 2)! (n — m )! 


for n odd 


Substitutions of the type XJL_*X 2 X 3 • • • X* fl 

If k > 2 (and also k = 2 if m is odd), the distribution of the £ unlike groups 
cannot lead to a symmetrical arrangement. The number of different arrange¬ 
ments of the unlike groups is given by (equation 8) 

(n — J)(n — 2) * • * (n — k + 1) (n — 1)! 

2 ~ 2-(n - k)\ 

For each of these the m — k like groups can be distributed in n -k('m-k ways, each 
corresponding to a different isomer. The result , then, is 

/(», m, k) = (» *C«_t) k > [2 - K«)l 

\ J * / 4 f%\ 


] ) ! 

2*(?n — fc)! (n — m)\ 


k > [2 - 6(n)] 


It should be noted that equation lb includes equation 8 as a special case. That 
is, if k = m — 1 (m — 1 different groups and one “like” group,—consequently 
all groups really different), the two problems are identical. 

As an example we may find the number of isomers of cyclopropane of the 
type 


that is, n = 5, in = 4, k = 2. From equation 10, 


/(5. 4. 2) = 2.2M! = 6 


The same result follows from equation 15. 
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SUMMARY 

1. The number of structural isomers possible for substitutions of the type 
X m is given for a simple ring of n members by equation 3 if m ^ 3. If m ^ 4, 
equation 3 also holds provided that n — m ^ 3. Otherwise additional terms 
must be added. 

2. The number of structural isomers possible for substitutions of the type 
XL*X 2 X 3 • • • X** 1 is given by equation 16 if k > (2 — e(n)), where e(n) = 1 
if n is odd and e(n) = 0 if n is even. 

If k = 2, the number of isomers is given by equation 15. 

If k = 1, the number of isomers is given by equation 14. 

Equation 8 is a special case of equation 16 and applies to compounds in 
which all substituents are different (m — k = 1), provided that m > (2 — e(n)). 
Equation 9 applies to the case m = 2. 

3. A general discussion, covering all possible substitutions into a simple 
symmetrical ring and using the present method of generalizing both the ring 
and the degree of substitution, will be given in a subsequent paper. 
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With few exceptions (2) studies of the rate of decomposition of hydrogen 
peroxide have been confined to dilute solutions. In the present experiments the 
rate of decomposition of concentrated hydrogen peroxide (80 to 83 per Cent) in 
Pyrex, wax-lined, lacquered, and tin vessels was measured at 25°C. and 35.7°C. 
The effects of 2 per cent sulfuric acid and of tin, in the form of metastannic acid, 
upon the rate were determined. 

MATERIALS, APPARATUS, AND PROCEDURE 

The sample of 83 per cent hydrogen peroxide was prepared from perhydrol 
(30 per cent hydrogen peroxide containing 0,1 per cent sulfuric acid as a preserva¬ 
tive) by a combination of flash and fractional distillation in an all-Pyrex still at 

1 Present address: Department of Chemistry, University of Chicago, Chicago, Illinois. 
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a pressure of about 20 mm. (3). A few experiments were performed with a 
sample which had been “freed from dust” by the usual procedure of distillation 
at low temperature (approx. 10°C.) and pressure (less than 1 mm.). In this dis¬ 
tillation, the receiver was rinsed by pouring the distillate back into the distilling 
pot and then repeating the distillation. All glassware was cleaned by treatment 
with cold chromic-sulfuric acid for several hours, followed by careful rinsing, and 
finally by steaming for at least 1 hr. 

The rate was measured manomctrically, using a modified Warburg apparatus 
(1). The peroxide samples (1.00 cc.) were contained in small Pyrex cylinders of 
3.5-cc. capacity, which were closed except for a small hole in the side, near the 

TABLE 1 


Summary of experimental results 


DATE OF EXPERIUfcNT 

CONDITIONS 

RATE AT 25T 

IN MOLLS PLR LITER 
PER SECOND 

HEAT OF 
ACTIVATION 
IN CALORIFS 



PER MOLF 

April 16-20 

Original (83%) solution in Pyrex 

Original solution in Pyrex 

6.1 X 10-’ 
4.7 X 10-’ 

19,100 

20,700 

April 23-25 . 

Original solution in Pyrex 

4 9 X 10~ 7 

18,800 

May 9-13 

Solution, ‘‘freed from dust” on May 7, in 
Pyrex 

2.6 X 10 7 

16,000 

May 10-13 

Original solution in glyptal 

8.7 X 10~ 7 

19,500 

May 13-15 

A second sample of the solution in the same 
glyptal vessel 

5.0 x nr 7 

j 

17,600 

May 13-15 

Original solution plus 2 per cent sulfuric 
acid in Pyrex 

3.1 X 10~ 7 

1 

16,100 

May 17-20 

Solution, which had been “freed from 
dust” on May 7, in Pyrex 

4.6 X 10~ 7 

17,800 

May 20-25 

Original solution plus metastannie acid 
(suspension) in Pyrex 

Original solution in tin vessel 

2.7 X 10“ 7 

17. X IQ" 7 

15,800 

15,500 


top. These tubes fitted into conical vessels which attached to the Warburg 
manometers. This arrangement of double vessels was used to prevent the con¬ 
tamination of the peroxide by stopcock grease. Tests were performed which 
showed that the observed rate of decomposition was not influenced by varying 
the rate of shaking over a wide range. 

results 

In Pyrex vessels the hydrogen peroxide disappeared at a rate of 0.1 to 0.2 per 
cent (of the pure compound) per day. Vessels which had been lined with com¬ 
mercial glyptal varnish gave rates which were two or three times greater. After 
5 or 0 days* use, the glyptal appeared to have been slightly attacked. Vessels 
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lined with either commercial bakelite varnish or with purified tetracosane 2 
(C24H50) gave extremely rapid rates. In both cases the lining was peeled from 
the glass walls. It is quite probable that part of the observed reaction in these 
cases was an oxidation of the organic material. In a tin vessel there was at first 
a vigorous decomposition accompanied by oxidation, but after a few hours both 
the decomposition and oxidation became very much slower. Replacing the 
peroxide with a fresh sample had no marked effect upon these rates. In all cases 
the reactions appeared to be zero order, but this was not demonstrated with any 
certainty. 

The data are summarized in table 1. It is noteworthy that the three most 
stable solutions (a fresh “dust-free” sample, and samples inhibited by 2 per cent 
sulfuric acid and by metastannic acid) have similar rates of decomposition (be- 



Fiq. 1. Relation between the heat of activation and the absolute rate. O, solution in 
Pyrex; ©, solution “freed from dust” in Pyrex; 3, solution plus metastannic acid in Pyrex; 
C, solution plus sulfuric acid in Pyrex; solution in glyptal vessel. 

tween 2.6 and 3.1 X 10~ 7 moles per liter per second) and heats of activation (be¬ 
tween 15,800 and 16,100 calories per mole). The rate observed in the tin vessel 
was about sixfold greater, but had a heat of activation of only 15,500 calories per 
mole. In all other cases the absolute (isothermal) rate increased as the heat of 
activation increased. This relation between the apparent heat of activation and 
the absolute (isothermal) rate is illustrated by figure 1. 

DISCUSSION 

The present results indicate that (concentrated) hydrogen peroxide decomposes 
by (at least) two independent processes. One of these is not inhibited by cither 
sulfuric acid or metastannic acid, nor is its rate reduced by treating the peroxide 
solution to reduce its dust content. This process has the relatively low rate of 

* We wish to express our thanks to Dr. J. King for putting this material at our disposal. 
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about 2.0 x 10~ 7 moles per liter per second and a heat of activation less than 
16,000 calories per mole. The other process is apparently catalyzed by “remov¬ 
able dust,” and can be inhibited by either sulfuric acid or meta,stannic acid. In 
ordinary solutions it is the predominant process. Its heat of activation is prob¬ 
ably greater than 20,(X)0 calories per mole. In a seasoned tin vessel this second 
process seems to be negligible, but a process with low heat of activation occurs at 
a rate sixfold greater than that observed in glass. 

It may be of interest to compare the absolute rate and heat of activation which 
we have obtained for “dust-free” or inhibited solutions with results obtained by 
Williams (5) and by Pana (4) in their studies of the decomposition of dilute hy¬ 
drogen peroxide solutions. These authors measured the rate of decomposition 
in “hard glass” and in wax-lined vessels. They assumed that the wax surfaces 
had no catalytic effect, and therefore that the decomposition which occurred in 
wax vessels was due to the presence of “dust”. By subtracting this value from 
the total rate which they observed in glass vessels, they computed a rate which 


TABLE 2 

Comparison of the available data 



I 

im oKPOsnioN observed 

DEC OMPOSITION DUE TO 

CONCENTRATION 


IN GLASS VESSELS 

CATALYSIS BY GLASS WALLS 

Of THE PEROXIDE 

1N\ L.S1IGAFOR 





SOLUTION 


] 

Rale 

i 

Heat of | 
activation 

Rate 

Heat of 
activation 

per rent 



calories 


calories 

1 

Williams (5) 

2 X 10 7 

17,000 

0.4 X 10- 7 

23,000 

1 

Pana (4) 

0.7 X 10 7 1 

10,700 

0.5 X 10 7 

17,000 

83 

Livingston 

10 X 10 7 

16,000 

^10X10* 7 

i 



they attributed to the catalysis of the glass surface. These data are summarized 
in table 2. All of the rates have been converted to a temperature of 40°C. and 
are expressed as moles per liter per second. 

It is interesting to note that the heat of activation of the 83 per cent solution is 
in good agreement with that- based upon the observed rates for 1 per cent solutions 
in glass vessels. The absolute rates are also surprisingly similar, which of course 
indicates that the percentage rate for the concentrated solution is much lower. 
It should be remembered that the present measurements were made with 1-cc. 
samples and the vessels were shaken. Both of these circumstances tend to 
increase the absolute rate, which increases with the surface-volume ratio for a 
surface-catalyzed reaction. It is not possible to correct the decomposition rates 
for the surface-volume ratio, since the necessary details of Williams’ (5) and of 
Pana’s (4) measurements were not published. 

SUMMARY 

Purified 83 per cent hydrogen peroxide decomposes with a rate of 3 X 10~ 7 
moles per liter per second when 1-cc. samples are kept in small Pyrex vessels at 
25°C. The corresponding heat of activation is 16,000 calories. This low rate 
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was obtained only in solutions which had been “freed from dust” by low-tempera¬ 
ture distillation, or in solutions to which sulfuric acid or metastannic acid had 
been added as inhibitors. Analysis of the results indicates that the decomposi¬ 
tion of concentrated peroxide solutions, in glass containers, occurs by at least 
two independent paths. 
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THE ABSENCE OF COPRECIPITATION OF BARIUM ION WITH THE 
CHLORIDES OF THE SILVER GROUP AND THE SULFIDES OF THE 
COPPER AND TIN GROUPS IN THE PRESENCE OF AMMONIUM 
ION 


LEO LEHRMAN and IRWIN MANDEL 
The City College of the College of the City of New York, New York , New York 

Received October 3, 1943 

In systematic qualitative analysis, considerable amounts of barium ion are 
lost before its detection in the alkaline-earth group (1, 3, 4, 5). When the 
ammonium sulfide group is precipitated, forming hydrous oxides and sulfides, 
the loss of barium ion is due to adsorption, occlusion, and postprecipitation (3,4). 

The purpose of this work was to determine the loss of barium ion, if any, and 
the cause when the silver, copper, and tin groups are precipitated. 

EXPERIMENTAL 

The conditions under which the experimental work was done have already been 
described (3, 4). 

Retention of barium ion by the individual sulfides of the copper and tin groups 
in the presence of ammonium ion 

Separate solutions were made containing 100 mg. of each of the metal ions as 
chlorides (lead as nitrate), 1 g. of ammonium chloride, 5 ml. of 0.02 per cent 
gelatin solution 1 , varying amounts of barium ion (from 8 to 40 mg.), 10 ml. of 3 
M hydrochloric acid, and enough distilled water to make the final volume 100 ml. 
Then hydrogen sulfide was passed into each solution until there was complete 

1 The gelatin made it possible to wash the precipitates with distilled water with very 
little peptizing action. See Caldwell, J. R., and Moyer, II. V.: J. Am. Chem. Soc. 67, 
2372 (1935). 
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precipitation 2 3 * * * * . The mixtures were centrifuged and the residues washed with 
distilled water until free from barium ion, three washings usually being necessary. 
The centrifugates and washings were evaporated to a small volume and centri¬ 
fuged if not clear; then the barium ion was precipitated with ammonium sulfate 
in special tubes (2). The amount of barium ion in the precipitates was deter¬ 
mined after 1 week by measuring the height of the barium sulfate and comparing 
it with the heights of known amounts of barium sulfate precipitated under the 
same conditions in similar tubes (3). 

The results showed no loss of barium ion. Thus neither adsorption nor occlu¬ 
sion takes place. That no adsorption of barium ion occurs might be expected 
from the fact that in an acid solution the sulfides are positively charged and 
therefore would not retain cations (5) 8 . 

In order to determine whether or not postprecipitation takes place, the above 
experiments were repeated except that the solutions after complete precipitation 
of the sulfides were allowed to stand for 5 days in stoppered air-tight flasks. The 
results showed no loss of barium ion, indicating the absence of postprecipitation. 

Retention of barium ion by the individual chlorides of the silver group 

Separate solutions were made containing 100 mg. of each of the metal ions as 
nitrates, 5 ml. of 0.02 per cent gelatin solution, barium ion varying from 8 to 40 
mg., 5 ml. of 3 M hydrochloric acid (an excess for precipitation), and enough 
water to make the volume 25 ml. The mixtures were centrifuged, and the silver 

2 A preliminary experiment showed that no sulfate ion was formed by the nitrate ion in 
the case of lead. 

The question of the oxidation of sulfide ion to sulfate ion by air in the presence of barium 
was answered by the following experiment: A solution was prepared containing a mixture 
of 100 mg. each of ferric, zinc, nickelous, manganous, and robot tons ions, 1 g. of ammonium 
chloride, 10 ml. of 0.02 per cent gelatin solution, 10 ml. of 15 M ammonia, and an amount of 
barium ion in excess of that lost by coprecipitation under conditions as given in previous 
papers (3, 4). Hydrogen sulfide was passed into the solution until complete precipitation 
took place. The mixture was centrifuged and washed with distilled water until free from 
barium ion, and the centrifugate and washings were divided into five equal portions, (a) 
One portion was allowed to stand exposed to the air for 1 week; (b) the second was acidified 
with 3 M hydrochloric acid and allowed to stand exposed to the air for 1 week; (e) the third 
was acidified with 3 M hydrochloric acid, the hydrogen sulfide boiled out, and the solution 
allowed to stand exposed to the air for t week; (d) the fourth was acidified with 3 M hydro¬ 
chloric acid and immediately examined for barium sulfate; (c) the fifth was acidified with 

3 M hydrochloric acid, the hydrogen sulfide boiled out, and the solution immediately ex¬ 
amined for barium sulfate. The solutions from which hydrogen sulfide had been boiled out 
(c and e) were clear, showing the absence of barium sulfate though barium ion was present 

in the solution, as proven by test. The other solutions contained small precipitates of 

sulfur, which were washed with distilled water until free from barium ion. Then the precipi¬ 

tates were ignited, yielding negligible residues which gave exceedingly faint flame tests for 

barium. This evidence, together with that already shown in a previous paper (4), proves 
that air will not oxidize sulfide ion to sulfate ion even in the presence of barium ion in either 
alkaline or acid solution. 

8 It is generally assumed that precipitated sulfides are negatively charged, but Zolo¬ 
tukhin (5) showed that sulfides precipitated in an acid medium are positively charged. 
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and mercurous chlorides were washed with distilled water until free from barium 
ion. The lead chloride was washed free from barium ion with ammonium chlo¬ 
ride solution, a part of the precipitate dissolving in the process. Each residue 
was then analyzed for the presence of barium ion and found to be free from this 
ion. The centrifugates and washings from the silver and mercurous chlorides 
were treated as in the first experiment, and the amounts of barium ion were deter¬ 
mined. The results showed no loss of barium ion. Thus adsorption and occlu¬ 
sion are absent. Postprecipitation was also shown to be absent after 6 days. 

summary 

. No coprecipitation (adsorption, occlusion, or postprecipitation) of barium ion 
takes place when the sulfides of the copper and tin groups are precipitated in the 
presence of ammonium ion. 

No coprecipitation of barium ion takes place when the chlorides of the silver 
group are precipitated. 
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FOAM AND EMULSION STABILITIES 1 
SYDNEY ROSS 

Department of Chemistry , Stanford University , California 
Received January 22, 1948 

In another communication (14) various methods of foam measurement are 
discussed in order to gain some understanding of the factors involved when a 
foam breaks and how those factors are taken into account in different methods. 
It is there shown that the Bikerman unit of foaminess (3), defined as the average 
lifetime of a bubble in the foam, could be measured, using a dynamic foam meter 
(7), only in foams that meet specified conditions and where control of certain 
variables is undertaken. 

In static foams, also, there are undoubtedly many factors operating simul¬ 
taneously, which must be taken into account when considering the stability 
of the foam. Gibbs (8) lists three causes capable of producing change in liquid 
films: ( 1 ) The action of gravity on the interior of the film. (8) Suction upon 

1 Presented before the Division of Colloid Chemistry at the 103rd Meeting of the Amer¬ 
ican Chemical Society, Memphis, Tennessee, April 20, 1942 (see Abstracts, Section E, page 
3). 
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the interior of the film exerted by the liquid mass at its edge. (3) Evaporation 
in the upper portions of the film and condensation on the lower portion, the 
general effect of which is to carry the moisture downward. 

Previous work that has been done towards establishing a unit of foaminess 
for static foams has been frankly empirical and has made no effort to take any 
theoretical considerations into account. It was discovered experimentally 
that for many foams the rate of drainage of liquid from the foam obeys the 
equation 

V = V 0 e~ kt (1) 

where V = volume of liquid in the foam after time t , Vo = volume of liquid in 
the foam when t = 0, £ = time, and A: is a constant, characteristic for each liquid 
from which the foam is formed. This equation has been found to hold for such 
widely diverse substances as beer (4) and saponin solutions (2), and the present 
investigation adds laurvl sulfonic acid to the list. 

On the basis of an analogy with the unit of foaminess for dynamic foams, 
Ross and ("lark (14) proposed a unit for static foams. This unit, like the 
Bikerman unit, was originally designated 2, but as this might imply an identity 
of the two units (which the same authors have shown is not the case), it is now 
proposed to use the symbol Li for static foams, reserving 2 for the dynamic 
foams for which it was originally proposed. The unit Li is defined by the general 
expression 

Li = f if (i)dt (2) 

Jo 

where the general equation for foam drainage is assumed to have the form 

v = Vom 

Certain assumptions must lie made before it can be shown that this unit is a 
measurement of the average lifetime of a bubble in the foam; without making 
any assumption, however, it can be shown to have some physical significance. 
Since 

tlV = F</'( t) d t 

and 

U = [ tf'(t) d t 
Jo 

therefore 

u = 1 f tdV (3) 

V 0 J Vq 

This last expression is the most generally applicable,—hence better for the 
definition of Lj,—and signifies that L t is the average length of time that unit 
volume of the liquid can remain suspended aloft as foam. On these terms this 
unit can be contrasted with the Bikerman 2, which has the fundamental sig- 
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nificance of the average length of time that unit volume of the gas remains in 
the foam. For static foams the unit corresponding to 2, here named Lg, is 
defined in equation 3a: 



where G is the volume of gas in the foam after time t and Go is the initial volume 
of gas in the foam. 

The Ross and Clark method for measuring foaminess and the unit proposed 
have been tested by other investigators (1, 9) and have been found to give 
results that are reproducible within 3 per cent,—about the same degree of 
reproducibility as that reported by the most recently published methods (12). 



WATER 


Fig. 1. Foam meter 


The evaluation of Lj for foams that obey the relationship expressed by equation 
1 is relatively simple, as in such cases 

L “l (4) 

Substances the foam stabilities of which have been measured by this expression 
include egg albumin, gelatin, peptone, saponin, alkyl sulfate, and gum arabic, 
using carbon dioxide as the gas with which to produce the foam (9). Although 
the results are apparently reproducible, yet it is known (6) that at least in one 
case, that of egg albumin, the relationship expressed by equation 1 holds only 
for a limited portion of the total foam life. The reproducibility of the result 
can perhaps be explained when it is remembered that only the central portion 
of the total foam life is considered when the measurements are made (values 
of t between 60 and 240 sec.). Apparently in many cases anomalies appear 
both at the beginning and at the end of the foam life. This is well illustrated 
by several examples of foams formed from 0.10 per cent solutions of Aerosol OT. 

The apparatus, in which the foam is formed and its rate of drainage observed, 
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is shown in figure 1. W is a water jacket to ensure constant temperature and 
G is a sintered-glass membrane of porosity 20-30 microns. Air, previously 
filtered through glass wool to remove oil droplets that would be harmful to the 
foam, is passed into the apparatus at a constant rate. While the foam is being 
formed, the advance of the foam meniscus up the tube is noted, the time interval 
for every 5-cc. increase in volume being recorded by depressing a tapping key 
connected to a calibrated kymograph. The brass drum of the kymograph is 
run by a Telechron motor turning at a speed of one revolution per minute. It 
was observed that in ever}' case the rate of formation of the foam is constant 
when the rate of gas flow is constant. 



Fks. 2. Foams of 0.10 per cent Aerosol OT 
Fio. 3. Foams of 0.025 per cent Aerosol OT 

Results for some typical runs with 0.10 per cent Aerosol OT are shown graphi¬ 
cally in figure 2, and for 0.025 per cent Aerosol OT in figure 3. The logarithm 
of the volume of liquid in the foam is plotted against the time. Jt will be ob¬ 
served that only in the central part of the curve do the data conform to a straight 
line. The extent of the straight-line portion of the curve can be varied almost 
at will. If the gas is passed into the liquid extremely rapidly and the passage 
of gas is continued even after all of the liquid has frothed, then the foam col¬ 
lapses rapidly and the straight-line portion of the curve is not reached until 
near the end of the lifetime of the foam. If, however, the gas is passed in slowly 
and the foam-liquid miniscus is not allowed to disappear during the passage 
of gas, the data soon conform to the logarithmic relation of equation 1. A 
more reliable picture can be realized by considering the numerical values of 
calculated from a few typical runs. The method of calculating Li involves only 
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the straight-line portion of the curve. The value of Vo is found by extrapola¬ 
tion of the straight line to the volume axis. Li is calculated by the formula 

Ll " k * 2*3 log F 0 /F (5) 

Table 1 contains some calculated values of Li. 

Results for various concentrations of lauryl sulfonic acid are shown graphi¬ 
cally in figure 4. Here the data are seen to conform to equation 1 throughout a 
greater relative lifetime of the foam. 

But in the case of both these substances, as well as the other substances 
previously considered, the rates of drainage at the beginning and the end of the 


TABLE 1 

Foam stability of 0.10 per cent solution of Aerosol OT 


Vo 

Vo-V d 

t 

Li 

Vo 

Vo - V d 

t 

Li 

cc. 

cc. 

seconds 


cc. 

cc. 

seconds 


7.70. 

4.00 

135 

207 

6.95 

4.00 

114 

207 


3.00 

193 

205 


3.00 

177 

211 


2.00 

275 

204 


2.00 

260 

209 

9.00. . 

5.00 

120 

205 

32.00 

18.00 

121 

210 


4.00 

162 

200 


17.00 

131 

206 


3.00 

219 

200 


16.00 

141 

204 






15.00 

153 

203 

2.65 . 

1.40 

121 

202 


14.00 

168 

203 


1.20 

151 

200 


13.00 

187 

208 


1.00 

187 

200 


12.00 

201 

204 






11.00 

222 

208 






10.00 

245 

211 






9.00 

266 

210 


foam life are respectively greater and less than that postulated by equation 1. 
It is remembered that equation 1 is an empirical equation, vet it is found to be 
of such general applicability that deviations from it may be regarded as irregu¬ 
lar. A possible explanation may lie in the view, communicated to me by 
Professor J. W. McBain, that neither the beginning nor the end of the foam life 
can be held to be typical of the foam. At the beginning the gravity effect on 
the drainage must be extremely great and may swamp the other factors; at the 
end, when there is only a relatively small amount of liquid in the foam, the rate 
of film collapse may be abnormally slowed by the accumulation of stabilizing 
material that falls on the last remaining liquid films from all the films that have 
collapsed on top of them. The work of Mr. F. van Acker and others in this 
laboratory has established the presence of a solid insoluble film, or pellicle, on 
the surfaces of many apparently soluble detergents. 

It is desirable to investigate these initial and terminal irregularities more 
thoroughly. The initial rapid rate of drainage has been explained as due to the 
gravity effect on the interior of the film. It will be remembered that this is the 
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first factor considered by Gibbs (8) as important in producing changes in liquid 
films. 

According to Gibbs one can obtain “a rough estimate of the amount of motion 
which is possible for the interior of a liquid film, relative to its exterior, by 
calculating the descent of water between parallel vertical planes at which the 
motion of the water is reduced to zero.” 

Gibbs uses the experiments of Poiseuille to obtain an equation for the descent 
of water between parallel planes. The mean velocity of the water (i.e., that 
velocity which, if it were uniform throughout the whole space between the fixed 



Fig. 4 Foams of lauryl sulfonic acid. Curve A, 0.42 per cent; curve B, 0.21 per cent; 
curve O, 0.10 per cent. 

planes, would give the same discharge of water as the actual variable velocity), 
relative to the surfaces, is given by the equation 

v = 899 If (6) 

This is for the temperature 24.5°(\ D is the distance in millimeters between 
the planes, and v is the mean velocity of flow in millimeters per second. The 
value of the numerical coefficient is uncertain but, according to Gibbs, will 
probably not exceed 1000. 

Using a single liquid film, as an approximation to a volume of froth, it is 
possible to derive an equation for drainage due to gravity, relating the 1 volume 
drained with the time. 

Let l = vertical height of film in millimeters, 

k — horizontal dimension of film in millimeters, 

D = thickness of the film in millimeters, 

dj 

?; = —== mean linear velocitv of flow in millimeters per second, and 
d£ 

= + —rr = volume rate of flow in cm. 3 per second, 
at dJ 
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where dFd = volume of liquid in cm. 8 drained from the film in time d<. In an 
infinitesimal time d< the original liquid film will contract by a volume (kl-dD) 
mm. 8 , assuming no rupture of the film but merely thinning by drainage of fluid. 
The volume of liquid that drains out of the film will equal (kD-dx) mm. 8 We 
can therefore write the equation: 

1000 dFd = -kl-dD = kD-dx 


This can be expressed usefully as: 


and 


dFd = 

kD 

(7) 

da; 

1000 

AD _ 

-D 

(8) 

dz 

l 


A third differential equation can be obtained by rewriting equation 6 as: 

J = 899D 2 (9) 

da: = 899D 2 • d i 


Substituting in equation 8 gives 


AD = 


—899 D 3 
l 


■ d t 


This equation can now be integrated 

-/£-?/* 



+ c = 


899/ 

l 


where C is a constant of integration. When t = 0, D = D 0 (initial thickness 
of liquid film). 



. _1_1 _ 899/ 

2D 2 2D 2 l 


whence 


D = 


Do 


1+2 Dl~ <J /2 


( 10 ) 
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By combining equations 7 and 9 we obtain: 

- IWO 8990 '" 


or 


d V d = 0.899H) 3 d* 

Substitute the expression for D given in equation 10, 


r 8 qq H" -3 / 2 

dVd = 0.899kDl 1 + 2 D\ ~ t d t 


or 


where 


and 


dVd = o(l + bt)~ m d t 
a = 0.899kDl cm. 3 sec."" 1 

Dl 


b = 2 X 899 Y sec/ 


Integrating the equation gives 


2a 


V d =-~ (bt + l)' m + I 

where / is the constant of integration. When t = 0, then V d (volume drained 
out) = 0; therefore 


/ = 


2a 


and 


v d = y [1 - (bt + 1)- 1/2 ] 

Substituting back again the values of a and b , 

2a _ 2 X 0.899 kDll _ klD 0 _ y 
b 2 X 899Z)o ’<)00 

where F 0 (initial volume of liquid in cm. 8 in the film) = . Therefore, 

Vd = F„[l - (bt + I)" 172 ] 


or 


F 0 -V d _ 1 

F 0 (bt + 1) ,/2 


( 11 ) 
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The preceding discussion was related to liquid films between masses of gas, 
but the same considerations apply to liquid films between other liquids. In 
the case of emulsions, instead of using Vo — Vd to represent the volume of liquid 
in the film, it is used to denote the amount of emulsified oil left in the emulsion. 
The data in table 2 were obtained by Dr. Wrzeszinski and were printed by A. 
King (10). The numerical data were found from the graphs of Figure 1 of that 
paper. 

The range of values of b is within the rather wide experimental error of the 
original data. 

E. L. Lederer (11) has developed a formula for the time disintegration of 
emulsions. In its integrated form it is: 


kt = log 


1 + (F) 1/s 

1 - ( F) 1/2 


where V is the per cent volume of the separated phase. This equation does not 
apply to the data in table 2, although it has been found to apply in certain 


TABLE 2 


Hate of demuhification 


CURVE NO. 4 

CURVE NO. 5 

Time in days 

Per cent emulsified 
oil 

b 

Time in days 

Per cent emulsified 
oil 

b 

0 

100 


0 

100 


7 

59 

0.267 

4 

33 

2.05 

14 

49 

0.226 

7 

25 

2.14 

21 

45 

0.187 

14 

20 

2.13 

28 

40 

0.187 

20 

14 

2.50 

63 

26.5 

0.210 

28 

12 

2.44 




63 

8 

2.46 


other cases. Cheesman and King (5) tested Lederer’s equation with certain 
neutral and alkaline emulsions of low stability and found it to apply. The 
demulsification of stable neutral emulsions and of acid emulsions did not conform 
however. The emulsions of table 2 are considerably more stable than those 
that follow the Lederer equation. There would, therefore, appear to be at 
least two different mechanisms in operation, one for stable, the other for unstable 
emulsions. The Lederer equation is the same as that for a chemical reaction 
of the one-and-a-half order. The mechanism depends therefore on the inter¬ 
action of the droplets of the emulsion with each other. Such an interaction 
would not be possible if the stabilizing film around each emulsified drop were 
strong because, although kinetic movement would bring the particles momen¬ 
tarily close to each other, they would not coalesce. They would have to wait 
until drainage had operated, bringing them into the closest proximity on all 
sides with their neighbors until, at a limiting thinness of separating film, coales- 
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cence takes place. By this mechanism of demulsification the stability is greater 
and is chiefly dependent on the rate of drainage. 

Perhaps the best indication that the underlying mechanism of Lederer’s 
equation is a kinetic one is the fact, noted by Lederer, that it gives the same 
result as Freundlich’s equation for the electrolytic coagulation of colloidal 
particles. 

In the case of the emulsions of table 2, at least, drainage due to gravity is the 
primary operating mechanism leading to their ultimate separation into two liquid 
layers. Drainage takes place, as evidenced by creaming, until the peripheries 
of the oil droplets are in contact. Coalescence will then take place, either 
spontaneously and immediately after the peripheries are touching, or on appli¬ 
cation of mechanical or thermal shock. But coalescence cannot occur until, 
first of all, drainage has brought the droplets together. The separation of the 
two processes is well illustrated by certain emulsions. One such, prepared in 
this laboratory by Dr. R. B. Dean, was composed primarily of butyl acetate 
and water with a trace of Orange OT dye. The emulsion was prepared by 
shaking and after standing about an hour a thick cream appeared at the top, 
although without any visible sign of the separation of the internal phase. It 
remained in this condition for 2 days without any apparent change and prob¬ 
ably would have continued indefinitely in the same state if left undisturbed. 
At the end of that time, however, the container was knocked sharply against 
the desk several times and coalescence of the “cream” began to take place 
immediately. After an hour the emulsion had completely coalesced and sepa¬ 
rated into two distinct layers, with no trace left of any emulsified oil. 

There are two processes that occur in the breaking of an emulsion: (/) Drain¬ 
age or creaming. When two oil droplets are separated from each other, although 
the system may be thermodynamically unstable, it is practically stable indefi¬ 
nitely, as long as no agency is at work to bring the oil droplets together. An 
emulsion in which the oil phase has the same density as the aqueous phase has 
been prepared and was found to be extremely stable. When a difference in 
density does exist, the oil droplets will begin to rise in the fluid. This flow of 
oil droplets upwards is equivalent to a motion of the water downwards, and 
hence the phenomenon can be described either as “creaming” or “drainage.” 

(#) Coalescence. If there is little or no stabilizing agent to prevent coales¬ 
cence of the oil droplets, then a separation of the emulsion into two liquid layers 
will take place as soon as drainage has brought the peripheries of the oil droplets 
into contact. In such a case the rate at which the emulsion breaks will be 
determined only by the rate of drainage. This is the case for those emulsions 
which conformed to the drainage equation, as shown in table 2. With even 
more stable emulsions, however, the interfacial film between the droplets may 
be so strong that, even after drainage has occurred, coalescence does not take 
place. This happens in the case of milk and other highly stabilized emulsions. 
There coalescence of the oil droplets may have to be engendered by external 
factors. 

The situation is more complex w T hen foams are considered. Application of 
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equation 11 to the data obtained for foams shows a tendency for the constant 6 
to assume progressively higher and higher values. Figure 6 shows the manner 
in which the reciprocal of b falls off with the time. In some cases it appears to 
be linear at first, although in other cases this linear relationship is not observed, 
but in all cases 1/6 decreases with the time. There are undoubtedly good rea¬ 
sons for this decline. It will be remembered that 1/6 is given by the equation: 


b 1798Z>o 


l was defined as the vertical height of the film in millimeters, and hence the 
variation of 1/6 with time is due to the rupture of the foam films with time. 
A linear relation between film rupture and time has been directly observed 
experimentally for certain non-aqueous foams, where the viscosity of the 



Fig. 5. Variation of 1/6 with time for foams of 0.10 per cent Aerosol OT 

liquid mitigates the effect of drainage. 2 It is found that equation 11 postulates 
a rate of drainage from* the foam that is actually very much slower than the 
observed drainage. It seems probable that this would be the case, as equation 
11 takes into account only the first of the three causes for drainage from films, 
mentioned by Gibbs and quoted earlier. When the remaining two, and espe¬ 
cially the second, are taken into account, an increased rate of drainage would 
be obtained by the theoretical treatment. In the case of emulsions, however, 
only the first of the three factors would be operative in draining. 


SUMMARY 

1. The unit of foaminess for static foams is redefined. 

2. Foams of Aerosol OT and lauryl sulfonic acid are shown to conform to the 
usual logarithmic relation for drainage. 

3. An approximate equation for drainage of a foam or emulsion is developed 
theoretically and shown to fit some data on demulsification. 

2 Unpublished data of Mr. A. P. Brady, Stanford University. 
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4. Mechanisms for^ demulsification of stable and unstable emulsions are 
postulated. 

5. The application of a theoretical drainage equation to data on foam sta¬ 
bility indicates a linear relation in some cases between film rupture and time. 

Thanks are due to Professor James W. McBain for many helpful discussions 
during the course of this work. 


REFERENCES 

(1) Amerine, M. A., Martini, L P , and De Mattei, W.: Ind Eng. Chem. 34, 152 (1942). 

(2) Arbuzov, K. N., and Grebenshchikov, B N.: J. Phys. Chem. (U S.S.K.j 10, 32 

(1937). 

(3) Bikerman, J. J.: Trans. Faraday Soc. 34, 634 (1038). 

(4) Blom, J., and Prip, P.: Wochschr. Brau. 63, 11 (1036). 

(5) Ciieesman, D. F., and King, A.: Kolloid-Z. 83, 33 (1038). 

(6) Clark, G. L., and Ross, S.: Ind. Eng. Chem. 32, 1504 (1040). 

(7) Foulk, C. W., and Miller, J. N : Ind. Eng. Chem. 23, 1283 (1931). 

(8) Gibbs, J. W.: The Scientific Papers , Vol I, pp. 300-14. London (1906). 

(9) Gray, P. P., and Stone, J.: Wallerstein Labs Commun. Sci. Practice Brewing 3, 

150 (1040). 

(10) King, A.: Trans. Faraday Soc. 37, 168 (1041). 

(11) Lederer, E. L.: Kolloid-Z. 71, 61 (1035). 

(12) Pankhurst, K. G. A.: Trans Faraday Soc. 37, 496 (1941). 

(13) Ross, S.: Ind. Eng. Chem., Anal. Ed., in press. 

(14) Ross, S., and Clark. G. L : Wallerstein Labs. Commun. Sci. Practice Brewing No. 

6, 4G (1939). 


FLUIDITY OF MIXTURES WHICH OBEY BACHINSKIUS LAW 1 

F. KOTTI.ER 

Kodak Research Laboratories , Rochester , New York 
Received December 4, 194% 

1. The fluidity of a liquid at constant pressure may be related either to its 
volume or to its temperature. For the latter the most useful formula was 
proposed simultaneously by Andrade (1) and by Sheppard (10) in 1930 and has 
the form: 


log* — A — B/T (1) 

where <t> = fluidity or reciprocal viscosity, T = absolute temperature, and A 
and B = constants. On the other hand, fluidity was expressed as a function of 
volume first by Bachinskil (2) in 1913, and later by MacLeod (14) in 1923, as 
follows: 

- </>=(?! — 0 ))/c (2) 


1 Communication No. 897 from the Kodak Research Laboratories. 
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where v — specific volume, w = specific “limiting volume”, and c = specific 
“modulus of viscosity”. (« and c will be referred to hereafter as the Bachinskii 
constants.) 

2. Neither relation is rigidly true. We do not mean the breakdown of both 
these laws for associating liquids, which was well known to Andrade and Bachin¬ 
skii. Nor do we mean the discovery by Bridgman (8) in 1925 that viscosity is 
not a mere function of volume if the pressure varies, especially at high pressures. 
Since we shall restrict ourselves to non-associating liquids under atmospheric 
pressure, these failures are beside the point. But even so, both laws fail to hold 
for the entire range of temperature between the freezing point and the boiling 
point. This was known to Bachinskii himself for his law in the case of benzene 
and was stated in detail in the case of hydrocarbons by Bingham and Kinney (6) 
in 1940. These authors find that the linear law (equation 2) holds—with 
reasonable accuracy—only within a region of higher temperatures (“Bachinskii 
region”)- At temperatures near the freezing point (or below it, in the under¬ 
cooled state), fluidity is represented in a 0, v coordinate system by a curved line 
concave towards the fluidity axis. 

A similar behavior is shown by the lines representing log fluidity in a log 0, 
1/T coordinate system also in the vicinity of the freezing point. This does not 
seem to have been noticed before, but was found in the course of the present 
investigation with all substances under consideration. The curvature of these 
log 0 lines may be either concave or convex towards the log fluidity axis. The 
region within which log fluidity is represented by the linear law (equation 1) 
is even more limited towards lower temperatures than the Bachinskii region. 

Nevertheless, both laws prove to be of great practical value within the range 
of their validity. Consequently, for our present purpose, i.e., for the investiga¬ 
tion of mixtures, we shall adopt them within the aforementioned limits of their 
accuracy. 2 

3. Of these two laws it is BachinskiTs law (equation 2) which admits an easy 
extension to the investigation of mixtures, as we shall see. The Andrade- 
Sheppard law (equation 1) we shall use in what follows merely as a check upon 
the accuracy of the data for fluidity. 

Let us consider a binary mixture of two liquids A and B and assume that not 
only A and B but also their different mixtures obey Bachinskii’s law. Let A 
denote the liquid of greater fluidity and I, II, III . . . the mixtures in the order 
in which the percentage of B increases. The composition of the mixtures will 
be characterized either by weight fractions w Ay w By where w A + w B = 1, or by 
mole fractions x A , x By where x A + x B = 1. 

The problem is to express the fluidity 0 of any mixture if the fluidities 0 A , 0 b 
of the pure liquids, taken under fixed conditions (of temperature, pressure), 

2 Outside these limits it is probably not advantageous to relate fluidity to volume 
or to temperature alone. For instance, in equation 2, the factor c should probably be 
a function of temperature rather than a “ cons tan t.” It happens to be practically con¬ 
stant within the Bachinskii region, but outside this region it appears to vary with 
temperature. This would not affect the law of mixture as stated in the present paper. 
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are known. It is well known that there is no such simple law of additivity for 
the fluidities, as, for instance, the laws of Raoult and Henry for the vapor pres¬ 
sures of “ideal” mixtures. The curves of fluidity versus composition are in 
general not straight lines, which would correspond to simple additivity, but 
usually sag below and sometimes arch above these straight lines. (They may 
also present minima or maxima or points of inflection. These are mostly en¬ 
countered, however, in the case of associating liquid*! and will therefore not be 
taken into account in the following.) 

4. There have been several attempts to find the desired “law of mixture”, 
starting with Bachinskil’s law (equation 2). 

The first was made by Meyer and Mylius (15) in 1920. Let us consider 
mixtures where there is no change of volume in mixing and consequently: 

V = v A w A + r B w B (3) 

A similar law of additivity holds, as was found by Meyer and Mylius, for the 
limiting volumes: 

« = w A ic A + u B w n (4) 

Therefore also the so-called “free volumes”, i.e., the differences v A — and 
v B — o> B are additive. Now, free volume is proportional to fluidity, the factor 
of proportionality being Bachinskii’s modulus of viscosity. Hence: 


c<t> = c, A <j> A w A + c B </> B zr B (5) 

Here c, <t> refer to the mixture, and c A <t > A and r B 0 B to the components. All that 
is needed for a calculation of </> by equation 5 is to know how c depends on the 
composition w Ay w B . Meyer and Mylius left this question unsolved. 

It- was dealt with by Bachinskil (3,4) in 1921 and, in 1938, in a reply to a paper 
by Luchinskii (12). Bachinskil showed that the suggestion made by Luchinskil 
in 1936 is equivalent to the assumption of simple additivity for the modulus of 
viscosity: 

c = c a w a + C B XV B 

Bachinskil points out that this assumption is not justified by the experimental 
evidence. (A somewhat similar assumption was studied by Bingham (5), 
who considered the “modulus of fluidity” k = 1/e and examined a relation, 
k = k A w A + k B w B .) 

Before continuing, let us mention how the law (expression 5) was extended 
to such cases where there is a volume change Ac on mixing, by Gugel (9) in 
1938. If, instead of equation 3, we write: 

v ='v A tv A + v B w B + Ac (3') 

and leave equation 4 unaltered, we have, instead of equation 5, 


c<t> = c A <t> A w A + c B <t> B w B + Ac 


(50 
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5. Proceeding now to the solution of the afore-stated question, we shall find 
it advantageous to change from the specific units and the weight fractions to 
molal units and mole fractions. Let us define a molecular weight of the mix¬ 
ture by: 

M = M a x a + M B x a (6) 

M k , M b being the molecular weights of the pure liquids. We shall write: 
F = Mv, 12 = Mw, C = Me for molal volume, molal limiting volume, and molal 
modulus of viscosity, respectively. Bachinskil’s law (equation 2) now takes 
the form: 

* - (F - Q)/C (7) 

We shall now define an ideal mixture by the following three equations: 

V - V A x A + V B x B (A) 

12 = 12 A £ A -f* 12 b Xb (B) 

log C = log C A -x A + log C B -x B (C) 

That is to say: additivity holds for volumes and limiting volumes, but not for 
the moduli of viscosity themselves. However, the logarithms of the moduli 
are additive. (In specific units, it will be noted, the equations corresponding 
to A and B have an analogous form, whereas equation 0 has not.) 

It will be remembered that Arrhenius in 1887 had suggested that the loga¬ 
rithms of the viscosity, or, what amounts to the same thing, the logarithms of 
the fluidity of a mixture should obey a law of additivity. The difference be¬ 
tween the equation of Arrhenius and the above is that, in the latter, additivity 
does not hold either for fluidity itself or for its logarithm, but merely for one 
factor in the fluidity, the free volume, and for the logarithm of the other factor, 
the modulus. 

We shall not consider in the present paper the theoretical foundations which 
led to equation C. Instead, we shall restrict ourselves to the test of the law of 
mixture, as proposed above, by the experimental evidence available for that 
purpose. 

6. Before doing this, we have to consider the more general case where there is 
a volume change on mixing. In this case, we write: 

F - V A x A + V B x B + AF (A') 

12 = H A x A + Q b x b (B) 

log C = log C A x A + log C B 'X B + log C AB * x A x B (CO 

Here Cab is a new constant characteristic of each individual pair of substances 
A,B. Its magnitude has to be derived from the observations of the fluidity 
for the different mixtures. 

From the theory of the vapor pressures of non-ideal mixtures it will be re¬ 
membered that a term similar to the new term in equation C' accounts ap- 
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proximately for the “energy of mixing” which manifests itself by the heat of 
mixing and usually occurs together with a change in volume. 

We can now state the conditions for ideality of a mixture with respect to 
fluidity: 

AV = 0, log (\ B = 0 

The non-ideal case is characterized by the violation of one or both conditions. 

7. To test the law of mixture as expressed by equations A, B, 0, or A', B, C', 
together with equation 7, there are required the data of fluidity as well as den¬ 
sity, 3 for a number of mixtures and at a series of temperatures. There must be 
a sufficient number of points, all of them inside the Bachinski! region, to admit 
the application of the method of least squares to the determination of the 
Bachinski! constants. Other methods, e.g., graphical ones, wmild not give the 
necessary accuracy. 

Data fulfilling these requirements are very rare in the case of non-associating 
liquids. We have selected six pairs but shall reproduce only two typical cases, 
because of the length of the involved numerical calculations, tables, and graphs. 

8. The following is a sketch of the procedure: (1 ) Calculation of the Bachinski! 

constants for components A, B, and mixt ures I, II, 111,... (2) Test of the equa¬ 
tions B or rather 4 and C or C' with the values from (7). (3) Test of the volume 

equation A or A', or rather 3 or 3', at “standard” temperatures, 0°, 10°, 20°C. . . . 
(4) Computation of the fluidity for each mixture at these standard temperatures 
by equation 7, using the values of the Bachinski! constants calculated by equa¬ 
tions B and C or C' and the volume from A or A'. 

The following remarks contain explanations of the four steps of the procedure 
which are listed above*. 

(/) A preliminary graph of fluidity versus specific, volume is helpful in deter¬ 
mining the range of linearity, i.e., the Bachinski! region. Points obviously 
outside this region must be excluded before applying the method of least squares. 
Likewise, inside the Bachinski! region, points which are obviously beyond 
the limits of the experimental error should be excluded if the total number 
of available points is not large. To detect such points, two auxiliary graphs 
can be used, giving volume versus temperature and log fluidity versus the re¬ 
ciprocal of the absolute temperature, as suggested by equation 1. Both plots 
should give approximately straight lines, and points deviating considerably 
from these lines involve an error either in volume or in fluidity, respectively. 
As an estimate of the experimental error, we assume 0.1 per cent for the volume 
and 1 per cent for the fluidity. 

(2) It is helpful to draw two further auxiliary graphs, one* representing 
<a versus weight fraction, which should be a straight line, and the other repre¬ 
senting log C versus mole fraction, which should be a straight line if equation O is 
valid, or a parabola if equation O' holds. 

3 Since most observations are in specific units we have used these units in the numerical 
work, except in the test of equation C or C', where molal units cannot be avoided. How¬ 
ever, the final results have always been represented in molal units. 
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(S) A fifth auxiliary graph is helpful to determine the change in volume on 
mixing for each standard temperature. The volume change is calculated 
from equation 3' and plotted versus weight fraction. If it is real, there should 

TABLE 1 


A benzene andB *= bromobenzene: the computation of the Bachinskii constants {see figure 1) 


t 

V 

* 

Scaled . 

* - * ealod . 

; 

t 

V 

* 

*» lod . 

♦ — foalod . 

A 

III 

0.15 

1.1111 

109.9 



! 0.1 

0.7722 

79.8 

78.8 

+ 1.0 

15.8 

1.1319 

144.9 



9.8 

0.7794 

93.1 

93.0 

+ 0.1 

17.2 

1 . 1336 * 

147.1 



11.0 

0.7803 

94.3 

94.8 

- 0.5 

28.8 

1.1506 

175.1 

173.9 

+ 1.2 

! 19.4 

0.7866 

106.3 

107.3 

- 1.0 

36.0 

1.1601 

188.7 

190.0 

- 1.3 

30.3 

0.7949 

123.4 

123.5 

- 0.1 

46.5 

1.1751 

215.1 

215.5 

- 0.4 

40.1 

0.8026 

139.2 

139.1 

+ 0.1 

58.3 

1.1947 

248.7 

248.8 

- 0.1 

49.9 

0.8104 

155.3 

154.5 

+ 0.8 

67.9 

1.2092 

274.0 

273.5 

+ 0.5 

60.1 

0.8191 

172.1 

171.8 

+ 0.3 

72.7 

1.2165 

285.7 

285.9 

- 0.2 

70.6 

0.8286 

190.3 

190.6 

- 0.3 

I 

B 

0.1 

1.0000 

101.8 

101.4 

+ 0.4 

- 0.1 

0.6570 

63.8 

63.5 

+ 0.3 

8.6 

1.0090 

118.0 

117.7 

+ 0.3 

+ 5.9 

0.6604 

69.4 

70.4 

- 1.0 

19.9 

1.0225 

140.4 

142.1 

- 1.7 

6.6 

0.6613 

70.3 

72.2 

- 1.9 

30.3 i 

1.0339 

162.0 

162.6 

- 0.6 

10.1 

0.6628 

75.2 

75.2 

0 

40.6 

1.0460 

185.2 

184.5 

+ 0.7 

16.6 

0.6667 

83.0 

83.1 

- 0.1 

50.2 

1.0582 

207.1 

206.5 

+ 0.6 

18.2 

0.6678 

85.2 

85.3 

- 0.1 

60.4 

1.0712 

230.3 

230.0 

+ 0.3 

21.9 

0.6700 

89.0 

89.7 

- 0.7 

70.5 

1.0845 

253.2 

254.0 

- 0.8 

23.4 

0.6707 

90.9 

91.1 

- 0.2 






oe q 

ft A7QC 

Q7 9 

07 A 

ft 9 






Zo. o 

U . O / Oft 

tU . & 


U.i 



II 



33.1 

0.6768 

102.9 

103.4 

- 0.5 






43.6 

0.6835 

117.2 

116.9 

+ 0.3 

0.1 

0.8826 

91.2 

89.3 

+ 1.9 

49.5 

0.6871 

124.4 

124.2 

+ 0.2 

10.2 

0.8923 

108.1 

107.7 

+ 0.4 

61.4 

0.6948 

140.8 

139.7 

+ 1.1 

20.3 

0.9024 

125.8 

126.9 

- 1.1 

71.2 

0.7014 

155.0 

153.0 

4 - 2.0 

30.4 

0.9124 

144 . 2 . 

145.9 

- 1.7 

80.7 

0.7078 

166.7 

165.9 

+ 0.8 

40.1 

0.9223 

163.3 

164.7 

- 1.4 

91.0 

0.7149 

182.1 

180.2 

+ 1.9 

51.4 

0 . 9295 (?)t 

184.5 



102.2 

0.7230 

196.1 

196.6 

- 0.5 

60.7 

0 . 9412 (?)t 

203.6 



111.7 

0.7300 

211.4 

210.7 

+ 0.7 

70.2 

0.9525 

223.8 

222.1 

+ 1.7 

121.7 

0.7375 

224.2 

225.8 

- 1.6 






132.3 

0.7463 

242.1 

243.5 

- 1.4 






142.5 

0.7547 

259.7 

260.5 

- 0.8 


* Underlined digits represent corrections necessary because of misprints, etc., in the 
paper of Meyer and Mylius. 

t Observations appear doubtful. 


result a smooth curve, somewhat like a parabola. If the observations of density 
or volume were not made at standard temperatures, the interpolations given 
by the observer should be checked by means of the volume-temperature graph 
mentioned in paragraph ( 1 ) above. 

(4) The computed values of the fluidities for each mixture at standard tern- 
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peratures should be compared with the data if these were observed directly. 
Otherwise, interpolation by Bachinskil’s law should be substituted for the data. 

We shall now reproduce the results of the above calculations for the two 
examples selected. 

The numerals (I), (2), ( 3 ), and (4) in what follows refer to the four steps 
enumerated above. 


BENZENE AND BROMOBENZENE 

Observations by Meyer and Mylias (15): A = benzene; B = bromobenzene; 
mixtures /, //, III (see table 2) 

(1) Meyer and Mvlius have themselves given values of the Bachinskil 
constants which, however, cannot be accepted. The corresponding residuals 
give a sum of squares which is nearly always much larger than that found by 
the method of least squares. The results of this method are shown in table 1 



^_J _ l _ L_J _ l - lj _ l _ d _ l _ t _I_I_L_ 

Q&5 QTO 075 080 Q85 0.90 Q95 1.00 105 1.10 1.15 120 

SPECIFIC VOLUME 

BENZENE (A) + BROMOBENZENE (B) 


Fig. 1. Curves for fluidity vs. specific volume for benzene (A) and bromobenzene (15) 

and figure 1, where we have plotted differing from Bachinskil—fluidity as 
ordinate and specific volumes as abscissa. 4 The observations are reproduced 
in the first three columns of the table; underlined digits indicate corrections 
necessary because of misprints, etc., in Meyer and Mylius’s paper, and interroga¬ 
tion points indicate that observations appear doubtful. There are fifty-five 
points for the five systems A, B, I, II, III. Only five of them had to be excluded 
from the calculation. These are 0.15°, 15.8°, and 17.2°C. for pure benzene as 
lying outside the Bachinskil region, and 51.4° and 60.7°C. for mixture II (that is, 
two points out of fifty-five), the corresponding volumes being obviously wrong. 

It will be noted that the influence of the vicinity of the freezing point on the 

* Units: cubic centimeters per gram for co and centimeter-gram-second for <j>. In figure 
l,w is in each case the intercept of the straight line with the t’-axis and c is the slope of this 
line towards the ^-axis. 
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limit of the Bachinskii region is noticeable only with pure benzene (f.p., 
+5.5°C.). For the other systems it is not marked because of the decrease of the 
freezing point with increasing percentage of bromobenzene (f.p., —30.6°C.). 

(2) Table 2 shows a satisfactory confirmation of equations 4 and C, with 
log C AB = 0. This table contains, besides the observed mixtures I, II, III, 
auxiliary mixtures a, 0, y which were calculated to help in drawing the curves 
of fluidity versus composition. 


TABLE 3 


A «* benzene and B * bromobenzene: the computation of volume of the mixtures 


A 

! 1 

a 

II 

0 

III 

y 

B 

20°C. 

.1375 

1.0215 

1.0222 

1 

0.0808 

0.9020 

0.9020 

0.8691 

0.7871 

0.7871 

0.7206 

0.6688 


30°C. 


t’calcd • ... 

1.1514 1 1.0034 

0.9920 

0.9120 

|o.S785 

0.7952 

0.7276 

0.6749 

V. . . . 

1.1525(?)| 1.0337 


0.9120 

1 

0.7948 




40°C. 


|l,1661 

1 1.0461 

1.0039 

0.9225 

0.8884 

0.8036 

0.7348 

1 

1.0455 


0.9222 


0.8031 



50°C. 


Ccalcd. 

1.1810 

1 1.0588 

1.0160 

0.9331 

0.8981 

0.8122 

0.7421 

0.6875 

V 


i 1.0580 


0.9270(?) 


0.8112 


0.6868(?) 

Vented 4* 

1.1810 

1.0580 

1.0149 

0 9319 

0.8973 

0.8112 

0.7414 

0.6875 


60°C\ 


t'cn led 

V . 

Settled, + At> 

1.1966 

1.1973(?) 

1.1966 

1 

1.0722 

1.0708 

1.0708 

1 

1.0285 

1.0268 

0.9440 

0.9403(7) 

0.9421 

0.9087 

0.9068 

0.8208 

0.8190 

0.8190 

i 

0.7495 

0.7484 

0.6939 

0.6939 

70°C. 

Ccalcd. • • * 

1.2125 1 

1.0858 

1.0413 

0.9553 

0.9193 

0.8298 

0.7572 

0.7006 

V . . . 

1 

1.0839 


0.9523 


0.8282 



Scaled. + . 

1.2125 | 

1.0839 

1.0392 

0.9530 

0.9171 

0.8282 

0.7563 

0.7006 


All values for v of Meyer and Mylius arc not observed but interpolated. 


(8) In table 3 is given the computation of volume (equation 3'). Standard 
temperatures are 20°, 30°, 40°, 50°, 60°, and 70°C., but not 0° and 10°C., be¬ 
cause these lie outside the Bachinskii region for at least one of the systems 
under discussion, viz., pure benzene. The values derived by Meyer and Mylius 
by interpolation from their observations of v were accepted, with the exception 
of the values at 50° and (>0°C. for mixture II, which are obviously wrong. The 
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result is that there is no appreciable volume change on mixing at 20°, 30®, and 
40°C., but there is a contraction up to 0.3 per cent at 50°, 60°, and 70°C. 

(4) In table 4 and figure 2 are represented the curves for fluidity versus mole 
fraction. For comparison we used the interpolated values derived by Ba- 


TABLE 4 

A ** benzene and B * brornobemene: the computation of fluidity of the mixture a 

(see figure 2) 



A I 

a 

II 

0 

III 

7 

B 

. 

0.0000 0.1404 

0.2000 

0.3342- 

i 

0.4000 

0.5956 

l 

0.8000 

1.0000 

20°C. 

Coaled. 

151.6 140.4 

135.9 

125.9 

121.8 

109.2 

97.5 

' 87.3 

<t> . 

140.6 


126.2 


108.3 



<t> “" Scaled.- • 

+0.2 


+0.3 


-0.9 



30°C. 

Coaled. 

175.2 161.9 

156.5 

145.0 

140.0 

125.2 

111.6 

[ 99.6 

<t> . 

161.7 


145.2 


124.4 



4* Scaled. ... 

-0.2 


+0.2 


-0.8 




40°C. 


Scaled.. 

200.2 

184.8 

178.3 

165.0 

159.1 

142.0 

126.1 

112.3 

4 > . 


184.6 


165.1 


141.0 



4 > — pealed.. 


-0.2 


+0.1 


-1.0 



50°C. 

pealed. • • • 

225.6 

206.2 

198.6 

183.0 

176.3 

157.1 

139.4 

125.0 

<t> . 


205.1 


183.0 


156.1 



<f> — Scaled. 


-0.1 


0 


-1.0 



60°C. 

foaled. 

252.1 

229.3 

220.4 

202.4 

194.7 

172.6 

153.6 

137.9 

4 > . 


229.2 


202.3 


171.5 



4 > — Sealed. 


-0.1 

i 

-0.1 


-1.1 



70°C. 

Scaled. 

279.1 

252.9 

243.2 

223.2 

214.6 

190.9 

169.5 

151.4 

<t> . 


252.9 


223.1 


189.8 



pealed ... • 


0 

! 

—0.1 


-1.1 




The values of 4 > have been obtained by Bachinskil’s law from the observations. 


ehinskii’s law from the observations and not the values derived, probably 
graphically, by Meyer and Mylius. The agreement is very satisfactory, the 
differences nowhere exceeding the assumed limit of 1 per cent for the experimen¬ 
tal error. 
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In a similar way we examined the following pairs: 

Benzene and chlorobenzene (Meyer and Mylius (15), 1920) 

Benzene and iodobenzene (Meyer and Mylius (15), 1920) 

Benzene and carbon tetrachloride (Thorpe and Rodger (19), 1897) 

and found satisfactory agreement. In all these cases but one the volume change 
is negligible, and so is the value of log C AB . Only with the second pair does 
there appear to be a noticeable expansion of volume at lower temperatures and 
a contraction at higher ones. Also, the value of log C' AB was found to be different 
from zero and equal to about 0.08. 



BENZENE (A) ♦ BPOMOBFNZENf (B) 

Fig. 2. Curves for fluidity vs mole fraction for benzene (A) and bromobenzene (13) 

We may therefore classify the four pairs so far discussed as almost ideal in 
accordance with our terminology. We now pass on to a definitely different type. 

BK.NZENE AND BENZYL BENZOATE 

Observations by Bingham, ami Sarver (7): A = benzene; B = benzyl benzoate; 
mixtures /, //, III (sec table 6) 

This pair was the subject of a discussion between Kendall and Monroe (10, 11) 
in 1917 and 1921, and Bingham and Sarver (7) in 1920. Since the observations 
of the former authors wore restricted to 25°(<., which is a temperature con¬ 
siderably outside the Bachinskii region for several of the systems involved, they 
could not be used. 

(1) The Bachinskii constants found for pure benzene differ from those used 
in the former examples for the following reason: The volumes used for benzene 
by Bingham and Sarver were those of Kopp (1847), which are somewhat larger 
than the volumes given by Young (1889) and Biron (1910), which agree closely 
with those used by Thorpe and Rodger (19) and those found directly by Meyer 
and Mylius (15). Moreover, the fluidities found by Bingham and Sarver for 
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benzene are larger than those found by Meyer and Mylius and even larger than 
those found by Thorpe and Rodger (18). 

The results of the computation of the Bachinskii constants are given in table 5 
and illustrated in figure 3. The points 5°C. for A, 5° and 15°C. for I, 5°, 10°, 


TABI^E 5 

A — benzene and B - benzyl benzoate: the computation of the Bachinskii constants 

(see figure 9) 


t 

9 

* 

Sealed. 

*-faelod. 

t 

V 

* 

faded. 

4> - failed. 

A 

B 

5 

1.1187 

120.5 



5 

0.8818 

5.19 



15 

1.1323 

142.5 

142.0 

4 - 0.5 

15 

0.8890 

8.25 



25 

1.1461 

166.2 

166.4 

- 0.2 

25 

0.8958 

12.06 



40 

1.1675 

203.6 

204.0 

- 0.4 

40 

0.9058 

19.07 



60 

1.1980 

257.9 

257.5 

40.4 

60 

0.9200 

30.68 

30.30 

40.4 

75 

1.2371 (?) 

301.8 



80 

0.9330 

44.54 

45.12 

- 0.6 






on 

n nine: 


52.52 

n o 






yu 

u. y*>y o 

u«. oU 

— \j.Z 



I 



100 

0.9460 

60.42 

59.93 

40.5 

5 

1.0562 

76.4 








15 

1.0680 

92.9 








25 

1.0796 

110.4 

109.6 

40.8 






40 

1.0981 

138.6 

139.6 

- 0.8 






60 

1.1231 

179.3 

180.0 

- 0.7 






75 

1.1428 

212.7 

211.9 

40.8 






II 






5 

0.9984 

42.4 








10 

1.0020 

48.0 








15 

1.0075 

53.7 








25 

1.0178 

66.0 

65.5 

40.5 






40 

1.0323 

86.1 

86.4 

- 0.3 






60 

1.0530 

115.6 

116.3 

- 0.7 






75 

1.0685 

139.3 

. 138.7 

40.6 






III 






5 

0.9398 

18.86 








15 

0.9479 

24.99 








25 

0.9566 

32.54 








40 

0.9685 

45.88 

44.88 

+ 1.0 






60 

0.9854 

64.27 

64.84 

- 0.6 






75 

0.9985 

81.97 

81.08 

40.9 







and 15°C. for II, 5°, 15°, and 25°C. for III, and 5°, 15°, 25°, and 40°C. for B 
were excluded, because all of them lie outside the respective Bachinskii regions. 
The influence of the vicinity of the freezing point is very marked here, since this 
point, contrary to the former example, rises with increasing percentage of B 
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from +5.5°C. for pure A to between 18° and 21 °C. for pure B. Besides these 
points, there was excluded only one more, viz., 75°C. for benzene (that is, one 
point out of thirty-three), where the volume given by the authors is obviously 
wrong. 

(2) The equations 4 and C' were confirmed satisfactorily (table 6). We find 
for log C AB the values 0.4290 from 1, 0.4217 from II, and 0.41G1 from III. They 
are in good agreement with one another within the stated limits of the experi¬ 
mental error. For the following calculations we have used the arithmetical 
mean of these three values, viz., 0.4255. 

(3) The computation of volume is shown in table 7. As standard tempera¬ 
tures we can use merely 00° and 75°C. There is a marked contraction according 



Fig. 3. Curves for fluidity os. specific volume for benzene (A) and benzyl benzoate (B) 


to Bingham and Sarvcr. It should be noted that at this point these authors 
disagree with Kendall and Monroe. The results of the latter (10) show also 
the existence of a contraction at 25°C.; in 1921 (11), they introduced new obser¬ 
vations showing almost no volume change at 25 C. . 

(4) In table 8 and figure 4 are represented the curves fluidity versus mole 
fraction. Since Bingham and Sarver’s observations were made at the selected 
temperatures, it was possible to utilize them for comparison. Only for B at 
75°C. was there no observation, and hence interpolation according to Bachmski! s 

law had to be used. . r .1 

The agreement is satisfactory, the deviations m only one case exceeding the 

stated limit of 1 per cent. 
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TABLE 7 


-A ** benzene and B — benzyl benzoate: the computation of volume for the mixtures 



A 

I 

Of 

11 

0 

III 

•y | s 

B 

60 °(\ 

Scaled. 

1.1980 

1.1285 

1.0855 

1.0590 

1.0188 

0.9895 

0 . 9579 io .9309 

0.9200 

V . 


1.1231 


1.0530 


0 9854 

1 

{ 


Scaled. + AV . 

1.1980 

1.1231 

1.0797 

1.0530 

1.0139 

0.9854 

0.9556 0 9302 

0.9200 


70 ° C . 


Sealed. • • 

1.2210 

1.1481 

1.1032 

1.0754 

1.0334 

1.0025 

0.9695 

0.9412 

0.9298* 

V . 

1.2371 (?) 

1.1428 


1.0685 


0.9985 




Scaled. + AV. 

1.2210 

1.1427 

1.0974 

1.0694 

1.0285 

0.9984 

0.9672i 

0.9405 

0.9298 


•By interpolation. 


TABLE 8 


A * benzene and B — benzyl benzoate: the computation of fluidity for the mixtures (sec figure 4) 


1 

A 

I 

a 

11 

0 

III 

y 

6 

B 

x B 

0.0000 

0.1093 

0.20(H) 

0.2690 

0.4000 

0.5247 

0.7000 

0.9000 

1.000 


60°C. 


Scaled. 

257.5 

180.5 

139.9 

116.4 

85.2 

64.85 

47.1 

34.5 

30.31 

<0 

257.9 

179.3 


115 6 


64.27 



30.68 

<t> Sealed. 


- 1.2 


- 0.8 


- 0.6 





75 ° C . 


Sealed • • 

21)7 . 9 

212.3 

166.7 

140.0 

104.5 

80.91 

60.5 

46.1 

41.48 

<t> 

301.8 

212.7 


139.3 


81.97 




<t> — Scaled. 


4 - 0.4 


- 0.7 


4 - 1-1 






Fig. 4. Curves for fluidity vs. mole fraction for benzene (A) and benzyl benzoate (B). 
(These curves have not been smoothed out.) 
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CARBON BISULFIDE AND METHYL IODIDE 

Observations by Thorpe and Rodger (19) 

This is the only pair investigated for which our law of mixture seems to fail. 
However, a careful reexamination of the curves, viscosity versus weight fraction, 
given by Thorpe and Rodger (19, Fig. 2), shows that the curves, unlike those 
given by the authors, do not simply sag, but show inflection points. It is doubt¬ 
ful whether these are real or are due to an experimental error, e.g., instability 
of composition of the mixtures owing to evaporation of one component. (The 
measurements of viscosity seem to be correct as judged by a log 1/T graph; 
the measurements of the volumes for three of the five mixtures seem likewise to 
be accurate, but the estimate of volume for one of the two remaining mixtures 
is definitely wrong.) 

For this reason, we cannot regard the failure of our law of mixture for this 
pair as serious. A repetition of the experiments would be advisable. 

CONCLUSION 

In this paper pairs of substances have been considered such that all their 
mixtures obey Bachinskil’s law. Equations A, B, and C for the fluidity of ideal 
mixtures and equations A', B, and C' for the fluidity of non-ideal mixtures have 
been discussed and tested in six cases. 

In all cases examined but the last one the curves, fluidity versus mole fraction, 
are sagging. The first four cases have been classified as almost ideal. It follows 
that the ideal curves are not straight lines, but sag below such lines. This is in 
agreement with the conclusions of the majority of more recent writers. The 
deviations from linearity of course become too small for detection, in the cases 
of pairs w T hich do not differ appreciably in their constants. 

Finally, it should be noted, as has been pointed out before, that the sagging of 
the fluidity curves increases and that of the viscosity curves decreases with 
increasing temperature. The sagging should therefore be judged from a series 
of curves taken at different temperatures rather than a single curve. 

My thanks are due to Dr. John Russell, of the Kodak Research Laboratories, 
for having suggested the subject of the present paper and helped in the progress 
of the work by valuable advice. 
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NEW BOOKS 

Electrochemistry and Electrochemical Analysis. Volume 1. Electrochemical Theory 1940, 
133 pp. Volume 11. Gravimetric Electrolytic Analysis and Electrolytic Marsh Tests: 
1940,149 pp. Volume 111. Electrical Methods Applied to Titration , Moisture Determina¬ 
tion and pH Measurement: 1941. By 11. J. S. Sand. London and Glasgow: Blackie and 
Son, Limited. Price: $2.00 per volume. 

Dr. Sand, who has contributed materially to the development, of electroanalysis and who 
is the originator of the quantitative electrolysis method of controlled cathode potential, 
has written a three-volume work on the theory and analytieal application of electrochem¬ 
istry. The first volume gives a concise, exact, and up-to-date discussion of the theoretical 
principles of electrochemistry. The last chapter (VII), dealing with irreversible electro¬ 
lytic processes, polarization, and the structure of electrolytic deposits, is of special interest 
to the analytical chemist, for it is an excellent introduction to the understanding of the use 
of polarized electrodes in analytical chemistry. 

Volume II gives an extensive discussion of the apparatus and the technique used in clec- 
troanalytical depositions. In Chapter Ill the quantitative elcctrodcposition and separa¬ 
tion of individual metals are briefly discussed, and adequate references are made to more 
complete sources of information. More complete directions on the electroseparation of 
various metals are given in Chapter IV, while Chapter V offers procedures for the anal¬ 
ysis of some technical alloys. The internal electrolysis method, “which of late has become 
of practical importance,” is dealt with in a special chapter. Two chapters on electrolytic 
microanalysis and electrolytic Marsh tests conclude this volume, which is a real contribu¬ 
tion to the literature of quantitative analysis. 

Volume III deals mainly with potentiometric and conductometric methods. It is unfor¬ 
tunate that the author has omitted the subject of polarography, or more generally of volt¬ 
ammetry and amperometry. This subject is mentioned only briefly on page 116 of Volume 
I. The first three chapters (Section I) give the theory of potentiometric titrations, the 
apparatus used in potentiometry, and directions for individual titrations. This part should 
have been followed by Section IV, which is devoted to the potentiometric determination 
of pH. 

Section II offers a modern discussion of conductometric analysis and the dielectric con¬ 
stant in chemical analysis, while a separate section of four pages is devoted to a brief dis¬ 
cussion of the application of the measurement of capacitance to the determination of water. 

Dr. Sand deserves praise for having enriched the literature with a serios of books which 
are useful and instructive and which are w r ell balanced with regard to theory and practice. 

I. M. Kolthoff. 
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Temperature Control. By A. J. Ansley. 51 x Si in.; viii 4- 127 pp.; 81 figures. London: 
Chapman and Hall, Ltd., 1942. Price: 13s. 6d. 

There is need for a compact and practical treatise on temperature control, but it cannot 
be said that this want is supplied by the present book. The descriptions are not clear, the 
figures are often unsatisfactory (one is printed upside down), and the lettering on the figures 
often does not correspond with that in the text. No indication is given of the degree of 
temperature control possible with the various types of apparatus. The spelling is often 
weak and there are some disturbing blunders, as when the boiling point of sulfur is given as 
its melting point and when aniline is recommended as a non-inflammable liquid. Although 
there is some useful information in the book it is on the whole a disappointing performance 
and in the reviwer’s opinion is not likely to be of much service in a scientific laboratory 
unless the user has already a good knowledge of the general methods of temperature con¬ 
trol. Particular difficulties encountered with various types of apparatus and the best 
means of overcoming them are usually not mentioned, and the reader who expects to find 
such useful information will generally be disappointed. The construction of one or two 
very simple pieces of apparatus is described in unnecessary detail and the general impres¬ 
sion received is that the author is not himself familiar with most of the apparatus he at¬ 
tempts to describe. 

J. R. Partington. 

Hydrogen Ions. Their Determination and Importance in Pure and Applied Chemistry. By 
H. T. S. Britton. (Monographs on Applied Chemistry, edited by E. H. Tripp). Third 
edition. Two volumes. 5i x 8§ in.; xix -f 420 pp. , 86 figures; xix + 443 pp., 165 figures. 
London: Chapman and Hall, Ltd., 1942. Price: 36 s. each volume. 

The third edition of this well-known work has several new chapters added and now ap¬ 
pears in two volumes. The first volume deals with the theory and methods of determining 
hydrogen-ion concentration, and the second chiefly with the applications in pure and ap¬ 
plied chemistry. The chapter on the modern theory of electrolytes in the first volume has 
been largely rewritten and is an improvement on that in the second edition, but the activity 
concept has not been much used in the remaining text, the author basing electrode poten¬ 
tials and pH values on a hydrogen electrode standardized in terms of hydrogen-ion concen¬ 
tration as determined by conductivity ratio. Although he points out that most of the 
earlier buffer standards are based on this procedure, it can hardly be regarded as in step 
with modern work. In practice, the actual standard is some value assigned to a calomel or 
other secondary electrode, and as the author states clearly what values he assumes for this, 
his ow T n figures are free from ambiguity. Whether other authors wdiose values he quotes 
have adopted the same standard is not clear. There are new chapters on the modern views 
of acids and bases, the dissociation constants of poly basic acids, and on redox potentials 
and indicators. The bearing of the subject on analytical chemistry receives consideration, 
especially in the second volume. 

A feature of the book is the very practical character of the treatment, the apparatus and 
manipulation being fully described and tables of numerical data given. This makes it 
likely to be very useful in the laboratory, and as the field of applications covered is very 
large, it should make a wide appeal in this direction. As it contains a large amount of use¬ 
ful information and data, with literature references, it should find a place in every labora¬ 
tory where work on hydrogen ions is carried out. It is well printed on good paper. 

J. R. Partington. 

The Theory of Emulsions and their Technical Treatment. By Wiluam Clayton. 4th edi¬ 
tion. 10 x 6J in.; vii + 492 pp. London: J. and A. Churchill, Ltd., 1942. Price: 42 s. 
An enormous capital is involved in the industrial application of emulsions. This fact, 
together with the unsatisfactory scientific approach to the study of the phenomenon of 
emulsions, w’hich until very recently has taken place, has led industry to formulate a series 
of cookbook recipes of semi-secret nature, built up by empirical practice. The nature and 
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stability of emulsions and the phenomenon of phase inversion have, even in the latest text¬ 
books touching on these subjects, been described as mysterious, and it is deplorable that 
knowledge of a phenomenon on the face of it simple, used by Nature and by industry on a 
large scale, should be just emerging from empirical practice. 

The fourth edition of Dr. Clayton’s book goes a long way to remedy this position. He 
realizes how the advances in knowledge of the physical chemistry of phenomena occurring 
at interfaces (especially those occurring at the oil-water interface), ever since Langmuir’s 
conception of orientation of molecules at the air-water interface in 1917, are helping to 
elucidate the problems of emulsions and their technical applications. The book includes 
an excellent survey, with very full references to the latest scientific work on the structure 
and nature of interfacial films, and solid particles at interfaces; the substances used as 
emulsion-stabilizing agents which compose these films, their electrical, hydration, and 
dispersion properties; the interfacial viscosity and the viscosity of the emulsion phases; 
together with the latest work on particle-size distribution and adsorption of ions and pro¬ 
tection against ions by protective colloids, etc.; also reactions taking place at the interface 
and membranes composing special interfaces. Dr. Clayton gives an unbiased view of all 
the theories relating to the stability of emulsions and the phenomenon of phase inversion, 
showing how each contributes to the building up of a clear picture of the subject as a whole. 
He gradually merges all this scientific work into its technical implications, giving a very 
comprehensive list of patents for each industry involved. The book likewise includes a 
description both of the instruments used in the scientific work and of the technical ma¬ 
chinery used in preparing emulsions. It is to be expected that with the advance of the 
scientific treatment of emulsions which this book gives, a great improvement will take place 
in their technical application and new uses w ill be found for them, especially in the technical 
biological fields of food and agriculture. 

The large number of new emulsifying agents which have been made available to the re¬ 
search chemist by the emulsion industry is proving invaluable for many problems in colloid 
chemistry, and it gives a source of supply of pure chemicals which would normally be very 
difficult to come by. Most of these agents are also of considerable biological interest. 
These substances are listed in the references under the heading of “Complex organic emul¬ 
sifying agents”; this elucidates the chemistry of many of the substances usually only known 
by trade names. 

The book is well bound and printed on exceptionally good paper. 

J. H. Schulman. 

Mechanism and Chemical Kinetics of Organic Reactions in Liquid Systems. Monograph re¬ 
printed from the Transactions of the Faraday Society. 6i x 9 in.; 205 pp. London: 

Gurney and Jackson. Price: 15 s. 

This monograph is a reprint of material published in the Transactions of the Faraday 
Society 37, 501-806 (1941), disclosing a complete account of the papers presented before 
the members of the Faraday Society at a symposium. 

The topics discussed in order were as follows: (1) Introductory Remarks —C. K. Ingold. 

(2) Mechanism and Kinetics of Substitution at a Saturated Carbon Atom—E. D. Hughes. 

(3) Mechanism and Kinetics of Aromatic Side-chain Substitution. Interpretation of 
Reaction Data by the Method of Relative Energy Levels—J. W. Baker. (4) Activation 
Energy of Ionic Substitution—Baughan and Polanyi. (5) The Mechanism and Kinetics 
of Elimination Reactions—E. D. Hughes and C. K. Ingold. (6) Mechanism and Kinetics 
of Carboxylic Ester Hydrolysis and Carboxyl Esterification—N. E. Day and C. K. Ingold. 
(7) Mechanism of the Addition and Condensation Reactions of Carbonyl Compounds—II. 
B. Watson. (8) Some Observations Relating to the Prototropic Changes of Carbonyl 
Compounds—H. B. Watson. (0) Mechanism and Kinetics of Anionotropic Change—M. 
P. Balfe and J. Kenyon. (JO) Kinetics and Mechanism of Some Electrophilic Benzene 
Substitution Reactions—A. E. Bradfield and B. Jones. (11) Mechanism and Kinetics of 
Additions to Olefinie Compounds—Gwvn Williams. (12) The Mechanism and Kinetics of 
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Reactions Involving Free Radicals—W. A. Waters. (13) Mechanism of Cannizzaro Reac¬ 
tion and Some Allied Processes—Joseph Weiss. (14) The Mechanism and Kinetics of Ring 
Closure—G. M. Bennett. 

As pointed out by Professor Ingold, the symposium was held at a most opportune time 
and followed as a natural and logical sequence to the earlier symposium held by the Society 
in 1937. 

It is now possible for those who do not have ready access to the Transactions of the Fara¬ 
day Society to possess as a portion of their personal libraries an elegant review of organic 
reaction mechanisms as we now know them, presented in a concise and yet thorough man¬ 
ner. The discussions which followed each presentation were stimulating and offered them¬ 
selves as valuable addenda to the main paper. Pertinent literature references relevant to 
every phase of the work are included. 

The English chemists who have directed their efforts toward the understanding of these 
difficult mechanistic processes are to be congratulated on the initial successes they have 
achieved. 

This well-conceived monograph should be of tremendous value to all who have “before 
them the ideal of the elevation of Organic Chemistry to a physical status, by the superseses- 
sion of its old empiricisms and recipes by physical understanding and exact technique.” 

Richard T. Arnold. 

Introduction to Electrochemistry. By Samuel Glasstone. 6x 9} in.; vii 4- 545 pp.; 89 

tables; 135 figures. New York City: D. Van Nostrand Company, 1942. Price: $5.00. 

Professor Glasstone has been the author or coauthor of many books in this field and has 
proven himself very capable of presenting theoretical material in an easily understood 
form. This book is no exception, since the author has done an admirable job of bringing the 
underlying theories of electrochemistry up-to-date and in presenting them in such a manner 
that students can easily grasp the subject matter. As the author states in the preface, this 
book is written for use primarily as a text and not as a reference work. The literature 
references are in the most part to recent publications nnd review articles from which the 
student may if he wishes proceed further in his study of this subject. At the end of each 
chapter illustrative problems are given. 

No attempt has been made to give a complete historical background for the present-day 
theories, but, in order to simplify the presentation, the author devotes his entire energy 
toward outlining the modern accepted theories as he sees them. 

The subject matter included in this volume is not as inclusive as the title might indicate. 
Only the electrochemistry of dilute solutions is presented in detail; however, in the case of 
the discussion of activity, solutions up to three molal are considered in some cases. For 
the most part the description and theory of practical applications of electrochemistry are 
not covered. One very serious oversight is the exclusion of all reference to the subject of 
fused electrolytes. 

In general, it may be said that this book gives a good comprehensive treatment of the 
theories of modern electrochemistry as they apply to dilute aqueous solutions, presented in 
a form well suited for use as a text. 

H. B. Linford. 

Treatise on Physical Chemistry. Vol. 7, Atomistics and Thermodynamics. By H. S. Tay¬ 
lor and Samuel Glasstone, 679 pp. New York City: D. Van Nostrand Company, 

1942. Price: $7.50; $6.50 on order for the set. 

The present is the first of five volumes replacing the earlier second (1931) edition of H. S. 
Taylor’s well-known treatise of two volumes under the same title. It can hardly be called 
a “revision” since, judging from this first volume, a largely rewritten treatise is planned. 

The first chapter, “The Atomic Concept of Matter,” by the senior author includes not 
only the stable atom and stable isotopes of all the elements, together with tables of mass 
and abundance, but also the radioactive atoms, natural and artificial, including complete 
tables of properties. 
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Methods of separating isotopes are presented in detail, and equipment for accelerating 
atomic projectiles is described. Atomic fission is adequately treated, while the omission 
of cosmic rays is perhaps justifiable in a treatment dealing with atoms. 

The second chapter, “Quantum Theory of Atomic Spectra and Atomic Structure/’ by 
Saul Dushman (317 pages), is an adequate treatment of atomic states and their transitions 
as revealed by modern spectroscopy. 

The first and second laws of thermodynamics arc presented in Chapter 3 (7-4 pages) by 
H. S. Taylor, and the third law in chapter 4 (144 pages) by .John S. Aston. The subsequent 
four volumes are devoted to the “States of Matter,” “Chemical Equilibrium,” “Chemical 
Kinetics,” and “Molecular Structure.” 

S. C. Lind. 

Physical Science. By William Ehret, Editor , and Leslie E. Spock, Jr., Walter A. 
Schneider, Carel van der Merwe, and Howard E. Waiilert. 6i x 9| in.; x 4* 639 
pp.; 23 tables; 293 figures. New York City: The Macmillan Company, 1942. Price: 
$3.90. 

A work covering such a broad field as modern physical science should have, as this book 
has, the advantage of a number of authors, each contributing to his own field of specializa¬ 
tion and from his own special knowledge of one of the many subjects treated. On the other 
hand, in a work to be encompassed in a limited number of pages, there must necessarily be a 
compromise between space and complete treatment. While the authors have evidently 
been influenced by this necessity, the result is a book which will disappoint the specialist 
in many of its chapters while at the same time attracting the general reader by its wide 
range. 

But the reviewer’s quarrel is not w ith the exposition but rather w f ith the underlying idea 
that there should be a course or a book of this length attempting to cover the entire field 
of physical science. The idea is fallacious and the result is disappointing in spite of the 
abundant and attractive illustrations. 

S. C. Lind. 

Natural and Synthetic High Polymers. A textbook and reference book for chemists and 
biologists. By Kurt H. Meyer. High Polymer Series, Volume IV. 6x9 in.; xviii + 
690 pp.; 79 tables; 180 illustrations. New r York City: Interscience Publishers, Inc., 
1942. Price. $11. 00. 

This book intends to give a general survey of the field of inorganic and organic high poly¬ 
mers. Its main purpose is to communicate facts. Therefore the author describes, prin¬ 
cipally, our present experimental knowledge concerning the structure and properties of 
macromolecular substances in general. In doing so, he follows the w'ell-established method 
of chemistry textbooks, starting w r ith inorganic systems (first elements and later com¬ 
pounds) and passing on to organic materials. In the domain of organic substances, he 
begins with the synthetic poly hydrocarbons, continues to describe chlorides, alcohols, 
esters, etc., and finally discusses natural polymers such as rubber, cellulose, starch, lignin, 
and proteins. Throughout the presentation a critical attitude is maintained. There is no 
mere enumeration of long lists of original papers compiling and reflecting the results of 
various experts, but for each substance the author condenses the multitude of facts to an 
essential minimum and presents the result of this condensation in plain and simple terms. 
It may be that in some instances too much w T as omitted, but in the reviewer’s belief the 
advantage of a concise and clear presentation of fundamental facts outbalances the demand 
for encyclopedic completeness. 

Much emphasis is laid on earlier work in such fields as rubber, cellulose, and proteins, 
and it is attempted to give the reader a vivid impression as to how* our present knowledge 
was gradually built up by the systematic and simultaneous use of physical, chemical, and 
biological methods. Owing to the war and to the author’s location in Switzerland, the final 
work on the volume was laborious and time-consuming. This may account for the fact 
that the American literature of the last two years has not always been incorporated to the 
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extent which would be desirable for an up-to-date monograph. Readers will eventually 
make this observation if they look for recent publications on rubber elasticity, osmotic 
pressure, oxycellulose, and the like. 

The field which this book covers is unusually wide, reaching from silicate structures to 
synthetic rubber and from polymeric sulfur to viruses and chromosomes. But it is the 
common principles of high polymeric character which not only provide the link for the pre¬ 
sentation but actually have made all these systems accessible to the same experimental 
methods and the same fundamental structural principles. Physicist, chemist, and biol¬ 
ogist will find much valuable information in the domain of their main interest and in adja¬ 
cent fields. 

If the volume were merely to do what has been reported hitherto, namely, communicate 
the present state of our experimental knowledge, it would be very useful, but dry. Fortu¬ 
nately this is not the case. The author is well known to have his favorite fields of activity 
and his “pet” ideas. He presents and applies them throughout the volume arid the entire 
text is infiltrated with interesting remarks and creative hypotheses. Many of them will 
prove to be correct, some of them presumably are wrong—but what do we need more for the 
advancement of science in a difficult field than the outspoken opinion of an intelligent 
person? 

The reviewer had the privilege of colloborating with Dr. Meyer sixteen years ago and he 
is very much pleased to see from this book that the author has lost nothing of his creative 
imagination and unbiased criticism. 

Much tribute must be paid to the British translator, L. E. R. Picken, and to his American 
aid Dr. W. E. Woods. They have succeeded very well in preserving the invigorating flavor 
of the original manuscript. Equal tribute has been earned by the publishers for having 
accomplished the publication of this volume in spite of all opposing difficulties. 

JflEBMAN MaBK. 
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Our present knowledge of the kinetics of the thermal, or dark, reactions in 
photosynthesis is in great part based on studies of intermittently effects. The 
type of experiment which has been easiest to interpret is that introduced by 
Emerson and Arnold, in which the illumination is by short intense flashes (1). 
We wished to extend these experiments to another type of photosynthetic 
activity of green plants, namely, the photoreduction of carbon dioxide with 
molecular hydrogen (4). For this problem some features of Emerson and Ar¬ 
nold's technique appeared to entail difficulties similar to those previously encoun¬ 
tered in the study of cyanide-inhibited photosynthesis (9). By an alteration in 
the method, these difficulties can be avoided. The first section of this paper 
deals with the nature of the limitation referred to above and the modification in 
technique which we liave introduced. The second section contains our results 
on cyanide-inhibited photosynthesis, and those on the photoreduction of carbon 
dioxide. 


PART i 

In the original method, the rate of photosynthesis is observed as a function of 
the intensity and frequency of the flashes, which occur at regular intervals. At 
low frequencies and sufficiently high intensities the rate has been found to be 
independent of intensity and proportional to the frequency; the constant of 
proportionality is \h e maximum yield per flash, or “flash saturation." This 
part of the experiment offers no fundamental difficulties. The interpretation 
of the flash saturation which appears most acceptable is that given by Franck 
and Herzfeld (2). It is that the primary photoproduct is unstable and can 
contribute to photosynthesis only if immediately on formation it is stabilized 
by a reaction with a specific enzyme, referred to as “catalyst B." The number 
of molecules of B supposed to be present is small—about 1/2000 of the* number 
of chlorophyll molecules—and is measured by the absolute value of the flash 
saturation. 

The variation of the rate with the frequency of the flashes is of particular 
significance when the flashes are sufficiently intense to give flash saturation, so 
that the rate depends only on the frequency. Experiments have shown that, 
as the frequency is increased, the rate at first increases proportionally, then 
mote slowly, and finally approaches a limit which is equal to the maximum rate 
in strong continuous light. The usual method of describing this phenomenon 
is to plot yield per flash against A/., the time between flashes; the curve rises 
steeply at small values of At, and approaches a limit— the flash saturation—at 
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large values of At, Under restricted conditions, which will be discussed pres¬ 
ently, the value r of At at which the yield per flash is (1 — 1/e ) times its maxi¬ 
mum value can be related to the velocity constant of the rate-limiting reaction. 
The restriction with which we shall be concerned is connected with the fact 
that whether flashing or continuous light is used, the maximum rate of photo¬ 
synthesis is the same, and that the rate of photosynthesis at which the yield per 
flash declines strongly as the frequency of the flashes is increased, is substantially 
equal to the rate in continuous light at which the efficiency (rate/intensity) 
decreases rapidly when the intensity is increased. There can thus be little 
doubt that the decrease in yield per flash with increasing frequency and the 
decrease in efficiency with increasing intensity both arise from identical limita¬ 
tions of the photosynthetic mechanism. It is not obvious that this is the same 
factor as that which causes flash saturation, although it must be assumed that 
this is so if the observed r is to be related to a velocity constant. 

The possibility that this assumption is not justified has been investigated by 
Franck and Herzfeld. They conclude that for photosynthesis under normal 
conditions (temperature about 20°C., no poison, etc.) it is generally justified, 
and that 1/r is equal to the velocity constant of the rate-limiting reaction, which 
under these conditions is the decomposition of the complex B-substrate into 
B + product. However, for cyanide-inhibited photosynthesis the assumption 
is false; there an enzyme sensitive to cyanide and different from B (referred to 
as “Catalyst A”) becomes the limiting factor, and the observed r has no direct 
relation to the velocity constants of either A or B. Thus an explanation is given 
for the observation that cyanide inhibition increases r and leaves the flash satura¬ 
tion unaltered, contrary to the expectation that it should act as a specific poison 
and decrease the number of active enzyme molecules but not influence greatly 
the velocity constant. This explanation is further substantiated by Weller 
and Franck’s observation that the dependence of yield per flash on At is different 
in form for normal and for cyanide-inhibited photosynthesis (9). 

A situation somewhat similar to that just discussed may be anticipated for 
the photoreduction process with hydrogen in certain algae. In this case the 
maximum rate is of the order of one-tenth tliat. for photosynthesis and is attained 
at a rather low intensity; continued irradiation with intense light results in 
complete cessation of photoreduction and a return to normal photosynthesis. 
The change does not occur, however, if the intense illumination is continued for 
only a few seconds. Evidently the limitation on rate is here something quite 
different in nature from that which occurs in normal photosynthesis, although 
in many other respects the processes have striking similarities. We should 
expect that with flash illumination the rate of photoreduction would be subject 
to the same limitation; that is, as the frequency of flashes is increased, the same 
maximum rate should be attained, and further increase in frequency should 
result in a return to oxygen production. Thus, while the experiment might 
yield a value for r, this value could not be interpreted as having any simple 
relation to a velocity constant—for the reasons discussed above. 

The origin of the uncertainty in the interpretation of r and the measure 
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adopted here to avoid it are illustrated in figure 1. These curves illustrate for 
some ideal cases the predictions based on the kinetics proposed by Franck and 
Herzfeld. The concentration of the complex B-substrate is plotted as a func¬ 
tion of time under the conditions of the flashing-light experiments. An expo¬ 
nential law of decay has been assumed in drawing these figures; the phenomenon 
would be qualitatively the same for other laws of decay. Likewise the argu¬ 
ment is quite general, even though for concreteness it has been based on a 
specific kinetic scheme. It is assumed that in all cases the flashes are of satu¬ 
rating intensity. Since the decay is exponential, the yields per flash are propor¬ 
tional to the areas under the curves (shown shaded in a, b, and c). Conditions 
for the observation of flash saturation are represented by figure 1 (a). The case 
where the rate-limiting reaction is the decomposition of the complex and the 
interval At between flashes is equal to 1/fc, where k is the rate constant of the 
decomposition, is illustrated in figure 1(b). The case where the rate is limited 
by some preceding reaction in the sequence, as supposed in the case of cyanide 



Fig. 1 . Scheme explaining yield per flash as a function of the distribution of flashes. 


inhibition, and At = 1/fc is illustrated in figure 1(c). During the early part of 
the illumination the average rate (ordinate) falls (in c*) to that of the limiting 
reaction and the yield per flash to that indicated by the shaded area, which is 
the value which would be observed for an illumination period including thou¬ 
sands of flashes. For the yield per flash to be equal to (1 — \/e) X (maximum 
yield) as in case b, the interval between flashes would have to be much greater, 
and therefore greater than 1 / k . 

In case c, k cannot be deduced from the observed r. The procedure followed 
here is demonstrated in figure 1(d). The number of flashes per second is the 
same as in 1 (a); the interval between flashes is changed by spacing the flashes 
differently. Between the closely spaced pairs the rate-limiting reaction has 
time to recover and the observed reduction in yield per flash can be attributed 
entirely to the failure of B to recover completely in the time between the mem¬ 
bers of the pair, which is 1 /k for the drawing. The reduction in yield per flash 
from the maximum value is approximately one-half the area shaded in 1(d). 
Instead of pairs, groups of several flashes may be formed to increase the sensi- 
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tivity. If the groups are not too long, the ratio (yield per flash) X (maximum 
yield) for a group of n flashes with spacing 1 fk is sensibly equal to 1 — (n — l)/ne. 

PART II 

A . Experimental 

Flashing light was produced by cutting the light beam with a rotating disc 
having fifteen symmetrical openings. Any of these openings could be covered by 
black paper cemented to the disc. The disc rotated at a speed of eight revolu¬ 
tions per second. One open sector thus gave eight flashes per second, evenly 
spaced; three equally spaced sectors, twenty-four flashes per second, evenly 
spaced; two neighboring sectors, sixteen flashes unevenly spaced, etc. Since 
the duration of one flash was 0.004 sec., the remaining dark times amounted 
respectively to 0.121, 0.037 sec., etc. With this one-sector disc the longest 
available dark period is of course 0.121 sec. Much longer dark intervals were 
produced by mounting on the same axis another sector with only one opening 
but rotating at one-fourth or one-tenth the speed of the first. In this way any 
flash or combination of flashes produced by the first rotating disc illuminated 
the manometer vessels only every 1/4 or every 1.25 second. This dark interval 
is about a hundred times longer than the period used by Emerson and Arnold. 

The light source for intermittent illumination was a mercury arc (Type H G) 
as used by Weller and Franck. After exclusion of the ultraviolet radiation by 
means of filters, the lamp gave an illumination of 160,000 lux, due mainly to 
the yellow and green mercury lines. For continuous illumination an incan¬ 
descent lamp was used in order to prevent photooxidation, which can occur at 
the extremely high intensity provided by the mercury arc. The fact that the 
mercury arc itself radiates intermittent light at twice the frequency of the alter¬ 
nating current was capitalized upon by using a synchronous motor to drive 
the rotating discs and synchronizing the light flashes with the maximum in 
the intensity curve of the mercury lamp. 

The strains of algae used were Chlorella pyrenoidosa (Strain Emerson) and 
Scenedesmus obliquus (Strain D3), grown a few days at 20°C. in mineral solution. 
After a fractionated centrifugation, which yielded cells of uniform size and pre¬ 
sumably of the same age, the cells were centrifuged down, washed, and suspended 
either in carbonate buffer or in a dilute bicarbonate solution to be used in equi¬ 
librium with a gas phase containing 4 volume per cent carbon dioxide. Photo¬ 
synthesis was measured by the gas exchange in a differential manometer (7). 
The readings were made with a cathetometer. With 30 to 60 cmm. of cells in 
15 cc. of suspension liquid, only 20 to 40 per cent of the incident radiation was 
absorbed. 


B. The action of cyanide on photosynthesis 

In the following experiments we have changed dark intervals between flashes 
without altering the total radiation per imit of time by gathering a number of 
evenly spaced flashes per second, say sixteen, in several groups, say four times 
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four. The dark intervals within a group, then, are much smaller than those 
between the evenly spaced flashes, and the dark periods between the groups 
much longer. Bringing the flashes within a group closer together resulted in a 
diminished rate of photosynthesis, as shown in figure 2. The first flash of a 
group appearing after the long dark interval gives the normal high saturation 
yield. If a second follows it at an interval shorter than the saturation period, 
the corresponding yield is considerably smaller. Speaking in theoretical terms 
we may say that the photoproducts will find only a certain fraction of the sta¬ 
bilizing catalyst molecules in a condition to react. More excess photoproduct 
is lost by back-reactions tlian with undisturbed flash saturation, and the total 
rate of photosynthesis drops in comparison with that produced by the same 
number of flashes spaced farther apart. Figure 2 shows that each additional 
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Fir,. 2. Effect of adding finishes to a group upon the rate of photosynthesis, ('enters of 
flashes 1/120 sec. apart. This is too short to obtain maximum yield per flash, which is 
found only with the first flash in each group. Groups 1/8 sec. apart 

flash in a group increases the rate of carbon dioxide reduction by about the same 
amount as the second flash. 

If cyanide should influence the course of the reaction which is responsible 
for the diminished yield in narrowly spaced groups of flashes, the yield of all 
flashes with the exception again of the very first one should drop still further. 
Table 1 presents the results of such an experiment. The cyanide dose was so 
high as to inhibit 80 per cent of photosynthesis at saturation in continuous illu¬ 
mination. In flashing light with sixteen evenly spaced flashes per second, we 
still see an inhibiting effect of about 22 per cent. Evidently the dark intervals 
of 0.00 sec. are too short to let the cyanide-inhibited reaction go to completion. 
Next the sixteen flashes are placed in groups of four, with rather long dark times 
between the groups and much shorter intervals between the flashes of each group. 
The latter are made so short that the yield of the unpoisoned cells is somewhat 
diminished. On the other hand, the long dark periods between the groups are 
more than sufficient to allow the reaction which is slowed down by cyanide to 
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go to completion. Under these conditions the yield in the presence of cyanide 
remains exactly the same as without cyanide. No influence of cyanide is 
observable. It has been pointed out in Part I that the enzyme responsible for 
the flash saturation has to recover its activity during the interval after each 
flash. The present experiments prove that this particular enzyme is not sensi¬ 
tive to cyanide. 

As to the nature of the cyanide-sensitive reaction, there remains at present 
little doubt. The photochemical metabolism of purple bacteria, which do not 
produce oxygen, is sensitive to cyanide (3), as is also the photoreduction in 
Scenedesmus (5). Ruben, Kamen, et al. (8) found that the reversible uptake of 
carbon dioxide by plants is inhibited by cyanide. We can safely assume, there¬ 
fore, that it is this initial transformation of carbon dioxide into an assimilable 
form which is so sensitive to cyanide. Cyanide produces a scarcity of this 
bound carbon dioxide. The rate in the presence of cyanide is seen to be exactly 
the same in intense continuous light and with the sixteen flashes evenly spaced; 

TABLE 1 

Influence of cyanide on the “ stabilization period” in Chlorella pyrenoidosa (Strain Emerson) 
Comparison of the rates in continuous and flashing illumination; thin suspension of algae 
in carbonate buffer (85 parts ilf/10 NaHCO* and 15 parts M/ 10 K 2 C0 3 ); gas phase, air; 
20 per cent absorption of light of 0.578 mp; intensity about twice that needed for satura¬ 
tion; temperature, 20°C. 


1 

Illumination ... 

j RATE OF OXYGEN PRODUCTION (CORRECTED FOR RESPIRATION) 

Continuous 

Sixteen flashes per 
second, evenly spaced 

Sixteen flashes per 
second in groups of 
four 

No poison. 

mm. per minute 

2.08 

0.42 

mm. per minute 

0.55 

0.43 

mm. per minute 

0.34 

0.33 

With 3 X 10-< M KCN. .. . 


this is evidently the maximum rate allowed by the poisoned system. As soon 
as the efficiency of the flashes is decreased below this value by spacing them in 
close groups, the diminished rate is no longer affected by cyanide. 

These experiments allow us definitely to eliminate the earliest models of the 
photosynthetic unit as, for instance, presented by Gaffron and Wohl (6). As 
an explanation of the flash saturation, these authors assumed that each flash 
of saturating intensity completely exhausted the supply of assimilable carbon. 
Hence the effect of cyanide should “prolong” each and every dark period be¬ 
tween flashes of saturation intensity, independent of any following dark interval. 
This, as we have seen, is not the case. 

C. Flash saturation in Scenedesmus under aerobic and anaerobic conditions 

Like all plants hitherto investigated in flashing light, Scenedesmus shows a 
typical flash saturation curve (figure 3). Increasing the intensity of each flash 
beyond a certain limit does not increase the rate of carbon dioxide reduction, in 
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spite of interposed dark intervals of sufficient length to permit ail dark reactions 
to run to completion. Repeating this experiment after adapting the algae to 
photoreduction with hydrogen, we encountered the difficulty that the algae 
upon prolonged illumination with flashing light began to turn back to normal 
photosynthesis. According to Gaffron (4), this turning back is due to the 
accumulation of intermediates which are not reduced in time by the hydrogen¬ 
transporting system. The turn will occur whenever the average illumination, 
w hether continuous or intermittent, is high enough to produce intermediates 
more rapidly than the hydrogenase system can take care of them. In other 
words, we observe a formal similarity to the case of the cyanide-poisoned algae. 
In photoreduction the reaction with hydrogen is the slowest in the chain; it is 
so slow that the maximum rate of carbon dioxide reduction compares better 
with the rate of respiration than with the maximum rate of photosynthesis (7). 
One must therefore reduce the total number of flashes per second till the effective 
intensity becomes smaller than the threshold value for the turning back. In 



25 50 75 

INTENSITY 

Fig. 3. Flash saturation of photosynthesis in the alga Sccnedesmus. Eight flashes per 
second. 4 per cent carbon dioxide in air. 

the experiment shown in figure 4 the length of the interval between flashes was 
ten times that of the interval used in the aerobic experiments of figure 3. We 
have 0.8 instead of 8 flashes per second. In order to obtain the same scale, the 
rate of figure 4 is measured in millimeters of gas absorbed per 10 min. We see 
in both figures that flash saturation is reached at the same intensity. Since two 
hydrogen molecules are equivalent to one molecule of oxygen, the hydrogen 
should be absorbed at twice the rate of the oxygen evolution. Actually in this 
experiment the rate is only about 1.5 times faster. Yet we can state that the 
saturation value for the yield per flash is approximately the same as under 
aerobic conditions. This means that even on a purely empirical basis the 
experiments indicate a great similarity if not identity of the photochemical 
processes. It becomes evident that the flash saturation has nothing to do w r ith 
the process of oxygen evolution. If we call the dark reaction responsible for 
flash saturation the “stabilization period,” we can assume that reduced as well 
as oxidized intermediates are stabilized during its course. Apparently it makes 
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no difference for the course of the stabilizing reaction in which way the oxidized 
intermediates react further. 

The length of the stabilizing period was measured originally by Emerson and 
Arnold by bringing the single flashes closer and closer together till the yield per 
flash began to decrease. 1 As explained above, this involves a considerable 
increase in total radiation per unit of time. For measuring the same reaction 



LIGHT INTENSITY 

FLASH SATURATION 
0.8 FLASHES PER SECOND 

Fia. 4. Flash saturation of photoreduction with hydrogen in the alga Scenedesmus . 0.8 
flash per second. 



. TIME BETWEEN FLASHES X ^5 SEC 

Fio. 5. Measurement of the length of the “stabilizing period” in photoreduction. Hate 
of photoreduction as a function of the time interval between flashes making up a group of 
two. 

period during photoreduction, any increase of integrated intensity had to be 
avoided. 

This was clone by using the same number of flashes per second but spacing 
them unevenly (see figure 1(d)). For measuring the length of the “stabilizing 
period” in photoreduction we actually need only a group of two flashes. De¬ 
pending on the dark interval between them, the yield of photosynthesis will 
increase from the value of one single flash (flashes coinciding) to double this 
value (flashes far apart). Figure 5 shows that, while a dark interval of 1/200 

1 The more elegant determination of the length of the period in comparing continuous 
and flash saturation cannot be used in the reduced state. 
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sec. is too short for the maximum yield, 1/40 sec. is already long enough. The 
reaction time under anaerobic conditions is certainly not much different from 
that found for Scenedesmus under aerobic conditions. This proves that the 
reaction which makes photoreduction a much slower process than photosynthesis 
is not to be found among those determining the flash saturation, i.e., the stabiliza¬ 
tion of photochemical products. This experiment presents, of course, further 
evidence for the conclusion drawn above that the type of the photochemical 
processes remain the same whether the oxidized intermediates yield oxygen or 
consume hydrogen. 


SUMMARY 

1. Photosynthesis in flashing light was studied with the intention of settling 
the question of the action of cyanide on the length of the interposed dark period 
necessary to maintain flash saturation, and of measuring flash saturation and 
the corresponding reaction period during photoreduction with hydrogen in the 
alga Scenedesmus. 

2. In all previous experiments with flashing light the spacing of the flashes 
determined the total energy of the irradiation per unit of time. The wider 
the intervals between flashes, the lower the average intensity. A method is 
described by which it is possible to change the intervals between flashes without 
varying the average intensity, simply by making the intervals of unequal length. 

3. With this method it has been proved that the reaction responsible for flash 
saturation is not sensitive to cyanide. The apparent effect of cyanide upon 
photosynthesis in flashing light as commonly used is due to the fact that another 
reaction, not directly connected with the photochemical process as such, now 
becomes limiting. Probably this reaction concerns the initial fixation of carbon 
dioxide. 

4. It is not possible to obtain saturation in continuous light with the alga 
Scenedesmus when the reduction of carbon dioxide proceeds with the absorption 
of hydrogen, because at higher intensities photoreduction turns back to normal 
photosynthesis. With light flashes spaced far enough apart, no such reversion 
occurs. Under these conditions a flash saturation is observed which attains 
approximately the same value as the aerobic flash saturation. 

5. in varying the interval between the flashes producing flash saturation in 
photoreduction it is found that the length of the dark interval between flashes 
necessary to maintain flash saturation is the same as that observed with normal 
photosynthesis by Emerson and Arnold. 

0. The experiments described support the view that the truly photochemical 
processes remain unchanged whether carbon dioxide is reduced with the evolu¬ 
tion of oxygen or with the absorption of hydrogen. 
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CHLOROPHYLL FLUORESCENCE AND ENERGY TRANSFER 
IN THE DIATOM NITZSCHIA CLOSTERIUM 1 
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Received December 4, 1W 

Recent experiments (4) indicate that carotenoid-sensitized photosynthesis 
occurs in the marine diatom Nitzschia closterium. These experiments also 
showed that the same enzyme system is probably involved in the thermal reac¬ 
tions of photosynthesis, whether the effective light is absorbed by carotenoids or 
by chlorophyll. Emerson and Lewis (5, 6) have obtained evidence for partial 
carotenoid participation in photosynthesis in Chroococcus , a blue-green alga, and 
in Chlorella , a green alga. In Chroococcus , their evidence for phycocyanin- 
sensitized photosynthesis was much more conclusive than the evidence for 
carotenoid-sensitized photosynthesis. 

None of these results showed whether energy absorbed by carotenoid mole¬ 
cules was transferred directly to subsequent reactions in the photosynthetic 
process or transferred to chlorophyll with subsequent reactions the same as 
though the energy had been originally absorbed by the chlorophyll. The fluores¬ 
cence experiments described below were designed to give information regarding 
the method of utilization of energy absorbed by carotenoids. Earlier studies 
with the green alga Chlorella have shown that the quantum yield (and also the 
wave-length distribution) of fluorescence for light absorbed only by chlorophyll 
is nearly constant over a considerable range of wave lengths (10). For an organ¬ 
ism rich in carotenoid pigments, e.g., Nitzschia , a constant quantum yield for 
chlorophyll fluorescence at various wave lengths, despite wide variations in the 
proportion of exciting light absorbed by the various pigments, would be good 
evidence for an efficient transfer of absorbed energy from other pigments to 
chlorophyll. If there were no transfer of energy, the yield of chlorophyll fluor- 

1 This work was supported by grants from the Wisconsin Alumni Research Foundation. 

2 Present address: Western Regional Research Laboratory, Bureau of Agricultural 

Chemistry and Engineering, U. S. Department of Agriculture, Albany, California. 

8 Present address: Division of Plant Biology, Carnegie Institution of Washington, 

Stanford University, California. 
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escence should vary in proportion to that fraction of the absorbed light which is 
absorbed by chlorophyll. 


EXPERIMENTAL PROCEDURE 

Two unicellular algae were used in this study. Cultures of NitzscMa closte- 
rium , a diatom rich in yellow pigments (especially fucoxanthin), and of Chlorella 
pyrenoidosa , a green alga, were maintained by a procedure previously described 
for Nitzschia (4), except that Chlorella was grown in a modified Warburg nutrient 
solution. 

A 2000-watt tungsten-filament spotlight lamp and a 1000-watt water-cooled 
high-pressure mercury arc (G. E. type H-6) were employed as light sources. 
Liquid filters w T ere used to isolate four spectral regions: namely, the 4358 A. and 
the 5780 A. lines from the mercury arc and the regions G600-5500 A. (average 
6000 A.) and 5400-4000 A. (average 4700 A.) from the tungsten-filament lamp. 
Incident light intensities for most of the experiments were between 6000 and 
25,000 ergs per cm. 2 per second. 

For measurement of absorbed and fluoresced light, the algal suspensions (or 
the extracted pigments dissolved in acetone) were placed in a vessel having a 
capacity of 65 ml. and a distance of 0.5 cm. between the front and rear windows. 

A thermopile-galvanometer system was used for the measurement of intensi¬ 
ties of incident and transmitted light. After the absorbed light w r as thus evalu¬ 
ated, the thermopile was remov ed from its position behind the algal suspension 
and replaced with a Weston phot ronic cell connected directly to a sensitive 
galvanometer. This more sensitive system was used for the measurement of the 
intensity of the fluorescent light. Two glass filters (Corning Nos. 597 and 241) 
placed bet ween the algal suspension and the photocell absorbed practically all of 
the remaining incident light and transmitted only the fluoresced light of wave 
lengths longer than 6800 A. 

In order to minimize the influence of physiological variation, measurements 
at the wave lengths to be compared were made at nearly the same time, using 
identical vessels and similar preparations from a single sample of plant material. 
A mixture of 5 per cent carbon dioxide in air was bubbled slowly through the 
algal suspensions during an experiment. This provided stirring and tended to 
maintain constant oxygen and carbon dioxide tensions. Measurements of flu¬ 
orescence were made only after several minutes of illumination, since flu¬ 
orescent intensities fluctuated over a wide range during the first minute or two 
of irradiation (cf. 7 and included references). 

The measurement of absolute quantum yields of fluorescence is made very 
difficult by the reabsorption of fluoresced light in an algal suspension or pigment 
solution. The same difficulty is encountered to a lesser extent in the measure¬ 
ment of relative quantum yields at different wave lengths, but the magnitude of 
the error can be minimized by employing 1ow t concentrations, with a consequent 
low rate of absorption of fluoresced light. However, very low concentrations 
could not be used in the experiments described here, since the fluorescent intensi¬ 
ties then became too small to measure. The usual practice was to use moderate 
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concentrations and to adjust either the concentration or the incident intensity 
until the total energy absorbed per unit time was approximately equal at the two 
wave lengths for which relative fluorescent yields were to be determined. Cal¬ 
culations indicated that under these conditions errors due to reabsorption of 
fluorescence were relatively small. 


RESULTS 

Table 1 summarizes the results of the fluorescence measurements, both for the 
suspensions of photosynthesizing algae and for the pigments dissolved in acetone. 
The figures in the third column of the table, giving the calculated values for 
chlorophyll absorption, were obtained by methods described in an earlier paper 
(4). The calculations involve the assumption that, except for a shift in wave 
length, the pigment absorption in acetone is the same as the absorption in the 
living plant. All of the chlorophyll absorption in Nitzschia and in acetone ex¬ 
tracts therefrom was calculated as being due to chlorophyll a. Subsequent 
experiments (9) indicate that another chlorophyll pigment, chlorofucine, is pres¬ 
ent as a natural constituent of diatoms, but it turns out that the calculated 
chlorophyll absorption in the wave-length regions employed here, as well as in 
the earlier photosynthetic studies (4), is not substantially altered when the 
chlorofucine spectrum is taken into consideration. The two wave lengths 5780 
and 6000 A. have been treated as equivalent in the presentation of results, since 
the difference in proportion of light absorbed by chlorophyll at these wave 
lengths is too small to be significant for the experiments reported here. 

Table 2 shows the data and calculations for a typical experiment with Nitz¬ 
schia. 

Table 1 shows that for the living cells, both of N. closterium and of C. pyre- 
noidosa , the observed ratios of fluorescent yields are 1.0 within experimental 
error. The result is most striking in the case of Nitzschia , where the yield for 
incident light of 4700 A. is as high as the yield for red light, despite the small 
absorption calculated for chlorophyll at 4700 A. The results appear to consti¬ 
tute good evidence for an efficient transfer of absorbed energy from carotenoid 
molecules to chlorophyll molecules in the plastids of Nitzschia. The results for 
Chlorclla are in agreement with those for Nitzschia but are less conclusive because 
of the smaller number of experiments and the relatively low absorption by yellow 
pigments in Chlorella . On the other hand, the experiments with Chlorclla may 
also be regarded as control experiments with an organism for which chlorophyll 
absorption predominates at most wave lengths. From this point of view, the 
results for Chlorclla constitute a check on the results for Nitzschia . 

The results shown in table 1 for the acetone extracts of N. closterium indicate 
that little energy is transferred from yellow pigments to chlorophyll in acetone 
solution. This difference between in vivo and in vitro behavior suggests that the 
condition of the pigments in the plastids of Nitzschia is much more favorable for 
efficient transfer of energy than is the condition existing in acetone solution. The 
results for chlorophyll (American Chlorophyll Co. grade 5X) in acetone solution 
show equal yields at 4358 and 5780 A. and constitute a further check on the 
assumptions involved in the experimental procedure. 



TABLE 1 

Results of the fluorescence measurements 


MATERIAL 

WAVE LENGTHS 
COMPARED 

PER CENT 
Ot 

ABSORBED 

LIGHT 

ABSORBED 

BY 

CHLORO¬ 

PHYLL 

CALCIT 

FLUOR! 

YIELD 

Assum¬ 
ing no 
energy 
transfer 
from 
carot¬ 
enoid to 
chloro¬ 
phyll 

LATED 

.SCENT 

RATIOS 

Assum¬ 

ing 

com¬ 

plete 

transfer 

of 

energy 

1.0 

1.0 

OBSERVED 
RATIOS 
(GEOMETRIC 
MEAN ± 
STANDARD 
ERROR) 

NUMBER 

OF 

PAIRS 

OF EX¬ 
PERI¬ 
MENTS 

Nitzschia closterium 

A 

4700 vs. 
5780 or 6000 

4358 vs. 
5780 or 6000 

26 

95 or 99 

51 

95 or 99 

0.27 

0.53 

1.2 =h 0.2 

1.1 ±02 

5 

6 

Chlorella pyrenoidosa 

4700 vs. 

52 

0.52 

! 

1.0 

1.05 ± 0.04 

2 


5780 or 6000 

100 






4358 vs. 

81 

0.81 

1 0 

0.93 =k 0 18 

i 4 


5780 or 6000 

100 




1 

Acetone extract of N. closterium 

4700 vs. 

19 

0.19 

1.0 

i 

0.22 0.02 2 


6000 

100 






4358 tvs. 

40 

0.40 

1.0 

0.49 ± 0.07 

1 2 


5780 

99 




i 

Acetone solution of chlorophylls 






i 

| 

a -f- b 

4358 vs. 

100 

1.0* 

1.0* 

0.97 ± 0.06! 5 


5780 

100 


1 _ 


1 


* The proportion of light absorbed by these two chlorophyll components is nearly equal 
at 4368 and 5780 A. Hence the yield ratio should be approximately 1.0, despite differences 
in the fluorescence spectra of chlorophylls a and h. 


TABLE 2 


Calculation of fluorescent yield ratio for an experiment with Nitzschia closterium 


Wave length of incident light 


6000 A. 


4700 A. 


Incident energy (transmitted through 
water-filled cell) 

Energy transmitted through cell 
filled with diatom suspension . 

Absorbed energy 

Fluorescence (galvanometer deflec¬ 
tion) . 


12.10 X 10 3 crgs/cm. 2 / 
second 

4 85 X 10 3 ergs/cm. 2 / 
second 

7.25 X 10 3 ergs/cm. 2 / 
second 


0.36 cm.* 


11.51 X 10 3 ergs/cm. 2 / 
second 

4.56 X 10 3 ergs/cm. 2 / 
second 

6.95 X 10 3 ergs/cm. 2 / 
second 


0.32 cm. 


Ratio of fluorescence quantum yield at 4700 A. to yield at 6000 A. 


0.32 X 7 .35 X 600 0 
0.36 X 6.95 X 4700 


* After a correction of 0.04 cm. for incident radiation passing suspension and filters. 
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DISCUSSION 

In interpreting the results of the fluorescence measurements it has been as¬ 
sumed that the chlorophylls are the only pigments showing appreciable fluores¬ 
cence at wave lengths longer than 6800 A. This is in accord with the results of 
Wilschke (11) and Dh6r6 et al. (1,2,3), who observed only the fluorescence bands 
of chlorophyll in the red region of the spectrum for the several species of green 
algae and diatoms which were examined. 

From the results shown in table 1, it may be concluded that carotenoid-sensi¬ 
tized photosynthesis in N. closterium takes place through the transfer of absorbed 
energy from carotenoid molecules to chlorophyll molecules with subsequent 
reactions the same as though chlorophyll molecules were the primary absorbers. 
However, the results do not eliminate the possibility that a small fraction of the 
carotenoid-sensitized photosynthesis may proceed by other paths without the 
action of chlorophyll as an intermediate. 

The accuracy of the fluorescence measurements was not great enough to show 
whether or not all of the carotenoid pigments in Nitzschia are able to transfer 
energy to chlorophyll. Fucoxanthin is present in high concentration and must 
transfer most of the energy it absorbs at 4358 and 4700 A., since failure to do so 
would materially decrease the fluorescent yield at these wave lengths. However, 
any yellow pigments occurring in very low concentrations could be inactive with¬ 
out appreciably reducing the quantum yields of chlorophyll fluorescence or of 
photosynthesis. 

The mechanism of energy transfer from carotenoid to chlorophyll cannot be 
determined from these fluorescence measurements. Possible mechanisms are: 
(i) transfer by collision; {2) intramolecular transfer (implying that carotenoid 
and chlorophyll units are present together in larger molecules in the plastid); (<$) 
radiation by carotenoid and immediate reabsorption by chlorophyll, a process 
analogous to the internal conversion of nuclear gamma rays (8). Mechanisms 
intermediate between these might also be possible. 

SUMMARY 

The quantum yield of chlorophyll fluorescence in Nitzschia closterium was 
found to be constant, within rather large limits of experimental error, for exciting 
light of wave length 6000, 5780, 4700, or 4358 A. Light absorbed by yellow pig¬ 
ments in Nitzschia can therefore reappear as chlorophyll fluorescence. This 
leads to the conclusion that the previously observed carotenoid-sensitized photo¬ 
synthesis in N. closterium takes place principally through the transfer of absorbed 
energy from carotenoid to chlorophyll molecules with subsequent reactions the 
same as though chlorophyll molecules were the primary absorbers. In acetone 
extracts of N. closterium light absorbed by the yellow pigments did not contribute 
appreciably to chlorophyll fluorescence, indicating that little or no energy was 
transferred between the pigments in acetone solution. 
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The author has developed a new method for the study of chemical reactions. 
This method consists in raising the temperature of a chemical system linearly 
(that is, proportionally to the time) and observing the variations of some physical 
property of the system, for instance, the mass of one of the reagents. This 
method was first described by Guichard (1) and was applied to the study of the 
dehydration of certain hydrates by Yallet (5), but has not yet, to the author’s 
knowledge, been employed for the study of the kinetics of a pure chemical re¬ 
action. 

HOMOGENEOUS REACTIONS OF THE FIRST ORDER 

In the case of a reaction in which two reagents, M and N, are both either liquid 
or gaseous and in which one of them, M, is in excess, the speed of the reaction at 
a given temperature depends only on the mass x of the reagent N: 


dx 

d£ 


= —kx 


(i) 


k being the van’t Hoff constant determined by the temperature 0: 

K = Aa° 


where A , a, and a are constants. If the temperature of the system increases 
uniformly with the time t, 

e = gt 

the speed of the reaction may be written 

dx _ dx d0 _ dx 
At d0 d< ^ d0 

1 Present address: Diamond Alkali Co., Painesville, Ohio. 
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Consequently! expression 1 becomes 
* 

^ A aB /«\ 

®" 7 “ (2) 

By integration, the expression of the theoretical curve of the variation of the mass 
of N with the temperature is 


Lx - Lx* - ~ 
gLa 


(3) 


2o being the initial mass of the reagent N. The slope of the curve may be calcu 
lated from expressions 2 and 3: 


dx 

d0 


Ax o 

T 


ad 


q g La 


(4) 


The curve representing the variation of expression 3 is shown in figure 1. The 
curve has the horizontals x = x 0 and x = 0 as asymptotes. 


HETEROGENEOUS REACTIONS 

The speed of heterogeneous reactions is more difficult to determine mathemati¬ 
cally in the general case 2 . For instance, in the action of hydrogen on an oxide a 
distinction must be made between the speed of the penetration of the hydrogen 
inside a granule of the oxide, the speed of the reaction properly speaking which 
then takes place, and the speed at which the water vapor is eliminated after the 
reaction. In certain cases, adsorption of gaseous reagents on the surface of the 
solid may complicate the determination of the speed of the actual reaction still 
further. Of all these phenomena, only the speed of the slowest one, influenced 
more or less by accessory phenomena, will be observed. However, the experi¬ 
mental curves obtained by the method discussed do have great practical interest, 
since they show the kinetics of the global phenomena. 

Several such experimental curves are considered here. The temperature, a 
function of the time, is used as abscissa, while the ordinate represents the mass of 
reagent. 


A. Simple heterogeneous reactions 

Figure 2 shows the curve corresponding to the reduction of zinc oxide by hydro¬ 
gen present in excess. The experiment starts at room temperature; the reduction 
itself begins at 315°C. (4), as may easily be seen on the curve (point A). The 
portion BC of the curve is very nearly linear. The end of the reaction is indi¬ 
cated at C by a sharp break in the curve. 

This curve, typical of many curves obtained by the author, is strikingly similar 
to the theoretical curve represented in figure 1. It appears that the kinetics of 
the type of heterogeneous reaction studied are very much the same as those of 

a This theory has been examined in an earlier study (2). 
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homogeneous reactions. In other words, the curves of heterogeneous reactions 
which are shown here represent very closely the kinetics of the chemical reaction; 
most of the theoretical conclusions drawn from the theory of homogeneous sys¬ 
tems do apply to them. 

B. Complex heterogeneous reactions 

One or several intermediate compounds may appear in a reaction; the first 
reaction, A —> B, is inscribed on a curve similar to the curve of figure 2. When 




Fig. 1 . Curve representing the variation of expression 3 
Fig. 2. The curve corresponding to the reduction of zinc oxide by hydrogen present in excess 



Fig. 3. The action of hydrogen in excess on an intimate mixture of ferric oxide and silica 

the reaction is completed, no further chemical change taking place, the mass of 
the compound remains the same and the curve shows a plateau. As the tem¬ 
perature increases and the reaction B —> C occurs, the curve, in turn, takes the 
familiar pattern, and so on for successive reactions. Figure 3 illustrates a com¬ 
plex heterogeneous reaction, the action of hydrogen in excess on an intimate 
mixture of ferric oxide and silica. Three intermediate compounds are formed. 
Since the mass of the initial compound is known, the composition of the interme¬ 
diate compounds may easily be determined from the ordinate of the horizontal 
stretches of the curves. 
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The horizontal stretch may not, however, appear on the curve if the reaction 
A — ► B has not been completed when the reaction B — > C begins. The curve 
then shows only a break (point P, figure 4 ) corresponding to the end of the re¬ 
action A —* B; this point P corresponds to point C on curve 2. The point P 
always has a smaller ordinate than that which corresponds to the formation of 
the intermediary compound, since the reaction B —» C is already in progress when 
the reaction A —* B ceases. The abscissa of point P is not fixed and depends on 
the rate of increase of the temperature. The slope of the curves, given by expres¬ 
sion 4 , shows that dx/d6 is inversely proportional to the rate of increase g. The 
lower the rate of increase of the temperature of the experiment, the lower the 
temperature at which a reaction is completed. Thus, the end of reaction A —* B 
and the beginning of reaction B —* C will be distinct, and the usual plateau is 
obtained instead of point P. 



Fig. 4. The action of hydrogen in excess on an intimate mixture of ferric oxide and 

calcium oxide. 

C. Heterogeneous reactions with changing kinetics 

If the mechanism of the reaction changes at a certain temperature, the curve 
shows a definite break there. For instance, the reaction may be A —> B below a 
temperature 8 and A —* C above this temperature. The abscissa of this break, 
contrary to that of point P in the preceding case, is always the same, whatever 
the rate of increase in the temperature of the experiment. Its ordinate, on the 
contrary, is not fixed. An interesting example of such a change in the mechanism 
of a reaction will be given in a subsequent note. 

An allotropic transition of one of the reagents may occur during the reaction. 
If this transition influences the speed of the reaction, it will also be shown on the 
curve by a break, the abscissa of which indicates the temperature of this transi¬ 
tion. 


CONCLUSIONS 

The study of chemical reactions by a new method of linearly increasing tem¬ 
perature gives the following information: (a) the temperature of the start of each 
reaction; (b) the number and the composition of any intermediate compounds; 
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(c) the temperature at which each secondary reaction begins; (d) the relative 
speeds of partial reactions; ( e ) the temperature of a modification in the kinetics 
of the reactions; and (/) the temperature of a modification in the kinetics of the 
reactions. From the inspection of curves obtained by the method, it is possible 
to study the various chemical reactions which occur in an industrial process. 

The reduction of ore in a blast furnace, the carburization of steel, the chemical 
reactions between the constituents of glass during the fusion, and the decomposi¬ 
tion of an organic compound are all possible practical applications. 

One such example (the catalytic decomposition of carbon monoxide by ferro¬ 
magnetic metals (3)) has been studied in detail by the author. A subsequent 
paper will set forth a practical and interesting realization of the method. 
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Although numerous authors have studied the reduction of the oxides of iron 
in hydrogen, the kinetics of these reactions have not yet been clearly explained. 
Most of the hypotheses presented in the case of ferric oxide may be classified 
as follows: 

(1) Fe 2 0 3 -> Fe (8, 12) 

(2) Fe 2 0 8 Fe 3 0 4 -> Fe (2, 19) 

(3) Fe 2 0 3 ->Fe0 -► Fe (5) 

(4) Fc 2 0 3 -> Fe 3 0 4 -> FeO -> Fe (13, 17) 

(5) Fe 2 0 3 —> simultaneous mixture of all oxides —> Fe (4, 11) 

(0) /Fe 2 0 3 —> Fe 3 0 4 —» Fe at low temperature (1G) 

\Fe 2 0 3 —> Fe at high temperature 

A new method of studying the mechanism of chemical reactions by means of 
linearly increasing temperatures (14) has been applied to the question by the 
author of this paper. 


1 Present address: Diamond Alkali Co., Painesville, Ohio. 
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EXPERIMENTAL 

In the general exposition of the method mentioned, it was supposed that the 
progress of the reaction was followed by measuring the variations of a physical 
property such as the mass of one reagent. 



Fig. 2. Reduction of ferric oxide by hydrogen 


In the present case of the reduction of iron oxides, if the amount of hydrogen 
greatly exceeds the amount necessary to the reduction, the pressure changes A P 
are small (2-3 cm.) compared to the mean pressure P of the experiment (75 cm.) 
and are, therefore, proportional to the changes AF in volume F (FA P = PAF). 
These changes in pressure are also proportional to the amount of oxide re¬ 
duced. The pressure was chosen as the suitable physical property for observing 
the progress of the reaction. 
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The diagram of the apparatus used is shown in figure 1. The oxide is intro¬ 
duced between two asbestos wads in the fused-quartz tube T placed in the 
center of the electric oven F. The volume of hydrogen is kept constant and the 
water produced is absorbed in B and D by phosphoric anhydride. In order to 
avoid an accumulation of water vapor around the oxide, the hydrogen is circu¬ 
lated in the apparatus through the mercury pump C. The speed of circulation 
is sufficiently great so that the water is rapidly carried away. In the atmosphere 
around the oxide, the partial pressure of the water vapor is very small compared 
to the pressure of the hydrogen, and one may consider the reduction as being 
carried on in an atmosphere of pure hydrogen. 

The temperature of the oven F is measured by a thermocouple in contact 
with the oxide, and is increased regularly at the rate of 1(X)°C. per hour by the 
use of a Vallet device (18) or by the use of a Wheelco Program Controller. The 



Fid. 3. Two characteristic curves for the action of hydrogen on ferric oxide 

varying pressure in the barometer B is transformed by Jolibois’ device (7) in a 
variable electric current. A Le Chatelier double galvanometer (figure 2) 
photographically registers the variations in pressure against the temperature. 
The electrical circuits are shown in figure 2. 

The ferric oxide was prepared by calcination of C. P. ferric nitrate at 300° 
or by precipitation of a solution of C. P. ferric nitrate by ammonia. In both 
cases every precaution was taken to obtain products of absolute purity. 

RESULTS 

When pure ferric oxide is reduced, it is observed that the temperature at the 
beginning of the reaction depends on the temperature at which the oxide was 
prepared or calcined (sintered). Several authors ((), 15, 19) have given different 
explanations of this phenomenon. 

Figure 3 represents two characteristic curves of the action of hydrogen on 
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ferric oxide. Both curves were obtained under the same conditions and from 
the same weight of the same sample of ferric oxide prepared at low temperature 
(300°C.), but sample 2 was calcined at 1200°C. prior to the experiment. The 
effect of sintering may be immediately noticed. The reduction of sample 1 
begins at 230°C.; that of sample 2 at 400°C. What is more important, the 
curves differ in shape, indicating a different mechanism in the reduction of each 
sample. 

(1) Interpretation of curve 1: This curve is easily interpreted. The plateau 
B shows that ferric oxide is first reduced to magnetic oxide, since: (a) The 
ordinates of the points A , B, and C are in the ratio 

AB _ 1 
BC 8 

corresponding to the chemical equations: 

3Fe20g ~f" H 2 —► 2Fea0 4 + H 2 O (1) 

2Fe 8 0 4 + 8H 2 -+ GFe + 8H 2 0 (2) 

(6) The portion BC of the curve is identical with the curve obtained in the 
reduction of magnetic oxide (curve not represented here), (c) The chemical 
analysis of the product obtained by stopping the experiment at 300°C. gives 
the formula Fe 8 0 4 . 

Magnetic oxide of iron begins to be reduced at 325°C. No plateau or break 
appears on the portion BC of the curve. The question as to whether ferrous 
oxide is formed during this reduction is not easily answered. Chaudron’s 
equilibrium diagram (3) (figure 4) shows that ferrous oxide is reduced as follows 

FeO + H 2 -> Fe + H 2 0 (3) 

in pure hydrogen. Furthermore, it shows that the oxide is decomposed below 
570°C. in any atmosphere, according to the reaction: 

3FeO FeaOs + Fe (4) 

Therefore, if ferrous oxide is formed during the reduction of magnetic oxide 

Fes0 4 + H 2 —► 3FeO -f- H 2 O (5) 

it is immediately decomposed or reduced, or both, and its existence is only 
ephemeral. 

However, thermodynamical calculations (1, 9) indicate that the speed of 
reaction 4 is extremely great in the interval of temperature 350-600°C. Al¬ 
though no data are available for the speed of reduction (equation 3)—if this 
reaction really occurs below 570°C.—it may be supposed that it begins slowly 
like all the other reactions observed in this study. 

On the other hand, the ferric oxide produced in reaction 4, as will be shown 
below, is reduced above 325°C. according to the mechanism: 


Fe^O* + 3 H 2 —► 2Fe + 3 H 2 O 


(6) 
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and this reduction begins slowly at 325°C. Therefore, a certain amount of 
ferric oxide should be obtained when the reduction of magnetic oxide is stopped 
a few moments after its beginning. 

Experiments showed that ferric oxide was never observed, neither when the 
products of the reduction of magnetic oxide were cooled rapidly nor when the 
hydrogen was pumped off to prevent reductions 3 and 5. Magnetic oxide 
is reduced directly to iron in pure hydrogen, and ferrous oxide does not appear 
in the reduction. 



(2) Interpretation of curve 2: Two hypotheses may be given to explain the 
fact that curve 2 (figure 3) is perfectly regular: (a) The ferric oxide is reduced 
as before to magnetic oxide. The temperature being above 325°C., the latter 
is also reduced and the two reactions (1 and 2) are simultaneous, (b) The 
ferric oxide is reduced directly to metallic iron according to reaction G. 

Intermediary curves of the reduction of ferric oxide calcined at different 
temperatures were obtained to determine the gradual modification of curve 1 
into curve 2. The enlarged beginning of these curves is shown on figure 5. 

If magnetic oxide were formed, the reduction would progress in three phases: 
From the start of the reduction to 325°C., the ferric oxide is reduced. 

Fe2(>3 —► FesCh 


( 1 ) 
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Above this temperature, both what is left of the ferric oxide and whatever 
magnetic oxide has been formed are reduced together. 

Fe*Oa —► FesC>4 (1) 

FejOi —► Fe (2) 

When all of the ferric oxide has been reduced, only magnetic oxide is left and 
only reduction 2 occurs. 

It has been shown in a discussion of the theoretical background of this method 
of study (14) that the end of all the reactions is so abrupt that it is indicated 
on the curves by a break. Therefore, if the above mechanism really occurred, 
a break would appear, and only one, separating the second and third phases 



of the reduction. The ordinate of this break would correspond to a greater 
amount of hydrogen than for equation 1 alone, since part of the magnetic oxide 
formed would have been reduced. The temperature of this break would vary 
for each curve, but would always be greater than 325°C. The curves should 
take the form of those shown in figure 6, which have been traced by analogy 
with other experimental curves obtained in this study. 

On the other hand, if the mechanism of the reduction of ferric oxide changes 
abruptly at 325°C. from 

Fe 2 0 3 —> Fe 8 04 


to 


Fe 2 O s —* Fe 


( 1 ) 

(6) 
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the difference in speed of these two reactions should be indicated by a break on 
the curves. The break should always appear at 325°C. As reaction 1 has 
not been entirely completed, the ordinate of this break should always be less 
than that of the plateau of curve 1. The experimental curves of figure 5 show 
all these particularities. The break P observed in curve 3 corresponds to the 
end of the reduction of the magnetic oxide formed during the first phase of 
the reduction. 

The question may arise as to whether the phenomena which have been ob¬ 
served above may not be caused by the calcination of the ferric oxide; the 
heating might transform part of the oxide, this part reacting with the hydrogen 
in a different way. The double mechanism of the reduction, however, has 
been observed on non-calcined samples of ferric oxide. 

It has been noted (14) that the slope of each curve is inversely proportional 
to the rate of increase in the temperature of the experiment. Therefore, if 
the rate of increase is made greater, the end of any reaction will occur at a 
higher temperature. Figure 7 represents the beginning of the curves obtained 
by reducing the same weight of ferric oxide, from the same sample prepared at 
low temperature, under identical conditions. Only the rate of increase in 
temperature was different in each experiment. All the curves begin at the 
same temperature, since the oxide is the same in each case. The breaks N 
occur always at 325°C., and the ordinate shows that the ferric oxide has not 
entirely reacted. Reasoning similar to that followed in the case of calcined 
oxide shows that the double mechanism of the reduction is observed in non- 
calcined as well as in calcined ferric oxide. The “sintering” of ferric oxide, there¬ 
fore, has no other influence than to raise the temperature at which the oxide is 
reduced. 


CONCLUSIONS 

The reduction of ferric oxide and that of magnetic oxide in pure hydrogen 
were studied at temperatures which were increased linearly with the time. 
The curves obtained show that ferric oxide is reduced to magnetic oxide at 
temperatures below 325°C. Above this temperature, ferric oxide is reduced 
directly to metallic iron. No magnetic or ferrous oxide is formed in this case. 

Magnetic oxide is reduced directly to metallic iron. The formation of ferrous 
oxide is not observed. 
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“Kohlschiitter’s silver sol” (1) is the term commonly applied to the hydrosol 
formed by conducting hydrogen into a solution of silver oxide containing an 
excess of the solid oxide, maintained at a temperature of 50-60°C. Carbon 
monoxide may be substituted for hydrogen as a reducing agent, but according to 
Kohlschiitter the resulting sol is instable. The first paper (2) on this subject 
reported the results of a study of the mechanism of the sol formation process with 
hydrogen as the reducing agent; this paper is concerned with the formation of 
silver sol using carbon monoxide as reducing agent. 

In the earlier paper it was demonstrated that sol formation results by the 
reduction of silver oxide at 55-58°C. only when some of the solid oxide is sus¬ 
pended in the solution. In fused-silica or silver vessels, ultrafiltered silver oxide 
solutions are not reduced by hydrogen at 55-58°C.; in glass and platinum vessels, 
the reduction is confined to the surface of the vessel, giving a thin silver mirror 
on glass and relatively large platelets of silver on platinum. The reduction of 
ultrafiltered silver oxide solution in a platinum vessel results from catalytic acti¬ 
vation of the hydrogen at the surface of the metal. No catalytic activation and 
no reduction take place at the surface of silver or fused silica. The reduction at 
the surface of glass does not result from catalytic activation of hydrogen, followed 
by reduction of dissolved silver oxide, but is due to reduction of a film of solid 
silver oxide precipitated on the surface of the glass by alkali dissolved from the 
glass; adsorption of the oxide from solution plays a minor r61e in forming the oxide 
film. The ease with which solid silver oxide in suspension or on the walls of the 
vessel is reduced indicates that hydrogen is activated at the surface of silver oxide 
or at the interface silver-silver oxide. 
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With carbon monoxide as reducing agent in the formation of silver sol, Kohl- 
schiitter claims that the reduction takes place almost entirely at the surface of 
the suspended silver oxide and that the resulting sols are quite instable, precipi¬ 
tating completely in a few days. The observations reported in this paper dis¬ 
close that reduction may take place from a solution of silver oxide with the forma¬ 
tion of highly stable silver sols. 


EXPERIMENTAL 

Procedure and reagents 

The apparatus, silver oxide, temperature, and general experimental procedures 
used for the study of the reduction of silver oxide with carbon monoxide were 
identical with those described previously with hydrogen as reducing agent. Be¬ 
cause of the catalytic nature of the reduction process with hydrogen, special 
precautions were necessary in the preparation of reagents and in the purification 
of the containing vessels. The same precautions were observed in the following 
experiments with carbon monoxide as reducing agent. In all experiments the 
vessels were test tubes with gas inlet tubes of the same material. 

Carbon monoxide was prepared by introducing 98 per cent formic acid solu¬ 
tions under the surface of concentrated sulfuric acid. The gas was collected in a 
glass gasometer of 20-liters capacity. Before introducing the gas into the silver 
oxide solution, it was passed slowly over potassium hydroxide pellets, through 10 
per cent potassium hydroxide solution, and finally through wash bottles contain¬ 
ing distilled water. Unlike the washing of hydrogen, carbon monoxide was not 
passed through silver oxide solution at room temperature before being conducted 
into the solution at 55-58°C., since, unlike hydrogen, carbon monoxide reduces 
aqueous silver oxide at room temperature. 

Reduction of saturated silver oxide in the presence of excess solid 

The results obtained when carbon monoxide was led slowly into silver oxide 
solutions containing excess solid oxide are given in table 1. 

The three sols referred‘to underwent no apparent change for a week or more, 
but after a few weeks a reddish brown layer of solid had settled out, leaving clear 
deep yellow sols with a greenish tinge in reflected light. The sols showed no 
further change on standing for 6 months and were then discarded. 

It should be noted that, unlike hydrogen, carbon monoxide reduced silver oxide 
completely to metallic silver under the conditions of the experiment. 

Reduction of silver oxide in filtered saturated solutions 

The experiments described in table 1 were repeated with saturated silver oxide, 
filtered to remove excess suspended solid. The results are given in table 2. Un¬ 
like Kohlschutter’s sols formed by reduction of silver oxide with carbon monoxide 
and the sols referred to in table 1, ail sols formed from filtered silver oxide solu¬ 
tions described in table 2 were quite stable, undergoing no change in appearance 
and depositing no solid on standing. It would appear that the particles which 
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settled out when the sols listed in table 1 were allowed to stand quietly were 
aggregates formed by direct reduction of aggregates of silver oxide above the col¬ 
loidal range in size. In accordance with this view, the removal of the larger 


aggregates by filtration before reduction gave sols that deposited no sediment on 
standing. 

TABLE 1 

Saturated solutions of silver oxide in contact with solid silver oxide 
Temperature, 55-58°C. 

CONTAINER 

OBSERVATIONS 

Soft glass 

The solution showed a yellow coloration within 10 to 15 see. and darkened 
to a clear deep yellow in 1.5 to 2 hr. On continued exposure to carbon 
monoxide, the color of the sol became a deep brownish yellow with a 
greenish tinge in reflected light. A silver mirror was deposited on the 
vessel walls and on the carbon monoxide inlet tube. The color of the 
suspended solid particles changed from the characteristic brown of silver 
oxide to a metallic gray. The gray particles were insoluble in concen¬ 
trated ammonium hydroxide but were completely soluble in cold con¬ 
centrated nitric acid, indicating that the reduction to metallic silver 
was complete. 

Pyrcx 

The results were the same as in soft glass, except that there was less mirror 
formation on the walls. 

Fused silica 

The results were the same as in soft glass, except that there was very little 
or no mirror formation on the walls. 



TABLE 2 

Filtered silver oxide solutions 

Temperature, 55-58°C. 

CONTAINER 

OBSERVATIONS 

Soft glass 

Yellow coloration started at once and darkened in 2.5-3 hr. to a clear deep 
yellow with a brownish tinge in transmitted light and a greenish tinge 
in reflected light. Further exposure to carbon monoxide caused no 


observable change in the appearance of the sol. Only a very slight 
mirror formation appeared on the walls. 

Pyrex . 

Same as in soft glass. 

Fused silica . 

Same as in glass, except that there was no mirror formation. 


Reduction of silver oxide in ultrafdtered saturated solutions 

Saturated solutions of silver oxide were ultrafiltered in a gold-plated ultrafilter 
in which the membrane was supported on perforated gold foil. Membranes were 
prepared by impregnating Ko. 40 Whatman filter paper with collodion from a 
4 per cent solution in glacial acetic acid. The experiments with ultrafiltered 
solutions were carried out in fused-silica vessels only. 
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Saturated eolations: The solutions acquired a yellow coloration within a few 
seconds after exposure to carbon monoxide* The pale yellow color increased to 
a deep yellow in 1.5-2 hr. Thereafter there was no further change, since the 
reaction was complete. No mirror formation took place. The sols were highly 
stable. Carbon dioxide formed in the reduction process was washed out by the 
excess carbon monoxide bubbling through the solution. 

Sols formed by reduction of ultrafiltered silver oxide solutions lacked the 
brownish tinge which characterized the sols formed from solutions which were not 
ultrafiltered (cf. tables 1 and 2). The brownish tinge resulted from the presence 
of relatively large aggregates of colloidal silver, formed by reduction of relatively 
large colloidal aggregates of silver oxide which were not removed by filtration 
through filter paper but were removed by ultrafiltration. 

Umaturated solutions: A solution was prepared by diluting 50 ml. of saturated 
silver oxide with an equal amount of distilled water. When carbon monoxide 
was led into this solution, a light yellow coloration developed immediately and 
deepened to a clear bright yellow in 1.5-2 hr. A similar sol with a slightly deeper 
yellow color was obtained from a solution made by diluting 60 ml. of saturated 
silver oxide with 40 ml. of distilled water. Both sols were highly stable. There 
was no mirror formation. 

It will be recalled that hydrogen reduces silver oxide at 55-58°C. only at the 
surface of silver oxide or at the interface silver-silver oxide. Accordingly, silver 
sols are not formed by conducting hydrogen into ultrafiltered silver oxide solu¬ 
tions in fused-silica vessels at 55-58°C. On the other hand, ultrafiltered silver 
oxide solutions, both saturated and unsaturated, are readily reduced by carbon 
monoxide, giving clear stable sols. Although carbon monoxide is but slightly 
soluble in water at 55-58°C., it is probable that the reduction of ultrafiltered 
silver oxide solutions in fused-silica vessels starts in solution. After the reaction 
starts, catalytic activation at the surface of colloidal silver particles may play a 
r61e, and reaction at the silica-solution interface may take place to a certain 
extent. 

Silver sols prepared by reduction of ultrafiltered silver oxide solution with 
carbon monoxide are limited in concentration by the solubility of silver oxide. 
The sols are sufficiently stable, however, that they can be concentrated by re¬ 
moval of a portion of the water by evaporation under reduced pressure. 

summary 

1. Stable, relatively pure hydrosols of silver of uniform particle size are ob¬ 
tained by the reduction of ultrafiltered solutions of silver oxide with carbon 
monoxide in fused-silica or Pyrex vessels. Kohlschutter obtained only non- 
uniform unstable hydrosols by reduction with carbon monoxide of solutions of 
silver oxide containing suspended silver oxide. 

2. Silver hydrosols formed under the proper conditions by reduction of silver 
oxide solutions with carbon monoxide are purer and more uniform than the sols 
prepared by reduction with hydrogen, for the following reasons: (a) the reduc¬ 
tion with carbon monoxide is accomplished in ultrafiltered solutions of silver 
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oxide, whereas the reduction with hydrogen takes place only in the presence of 
solid silver oxide; and (b) the reduction of silver oxide by carbon monoxide is 
practically complete under the proper conditions of sol formation, whereas the 
reduction of silver oxide by hydrogen is incomplete, giving hydrosols in which 
the particles are mixtures of silver oxide and silver. 
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In a recent paper (1) the results of experiments using nitrogenous carbons as 
catalysts for several reactions were discussed. The catalysts were all prepared 
from purified materials containing nitrogen, a part of which remained present as 
nitrogen of constitution during carbonization and activation. Since the presence 
of the nitrogen seems to increase the catalytic activity of the carbons, it was of 
interest to determine more specifically the promoting effect of such nitrogen. 
The investigation of this problem is complicated by the fact that the activities 
of carbons prepared from various organic compounds vary markedly with the 
materials used. Thus it is impossible in comparing a nitrogenous carbon with a 
non-nitrogenous carbon to say how much of the difference in activities may arise 
from the effect of the different source materials and how much may be specifi¬ 
cally due to the presence of the nitrogen. The purpose of this investigation was 
to obtain information concerning the promoting effect of nitrogen by preparing 
a nitrogenous carbon from an activated nitrogen-free sugar carbon the catalytic 
properties of which are known. A search of the literature pertaining to the 
catalytic properties of active carbons yielded only one reference concerning the 
enrichment of nitrogen in carbons. Honig (4) heated several commercial car¬ 
bons in a nitric acid-sulfuric acid mixture, causing the nitrogen content of the 
carbons to increase from about 0.4 to 2.5 per cent. Resulting catalytic changes 
however, were not noted. In the following experiments the various methods 
employed by the present authors in chemically fixing nitrogen to the surface of 
activated carbon are described, together with the resulting changes in catalytic 
properties of the carbon catalysts so treated. 

1 This investigation was financed by a grant from the Research Committee of the Uni¬ 
versity of Wisconsin, Dean E. B. Fred, Chairman. 
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I. EFFECT OF ACTIVE NITROGEN 

Method of preparation 

An attempt was made to activate non-nitrogenous lactose carbon by exposing 
it to active nitrogen prepared by passing an electric discharge through an atmos¬ 
phere of nitrogen under reduced pressure (3). Of the several sources of excitation 
tried, the most satisfactory proved to be that obtained from an electrodeless 
discharge of high-frequency 6-metcr radio waves generated by a portable dia¬ 
thermy apparatus. When the discharge was passed through a 2-liter Pyrex 
bulb filled with nitrogen at pressures varying between 0.1 and 10 mm., an after¬ 
glow appeared which was more pronounced near the lower limit of pressure. 
In the experiment 4.5 g. of lactose carbon (C), activated at 875°C., was placed 
in the bulb and exposed to active nitrogen for 12 to 16 operating hours. Fresh 
supplies of nitrogen, taken from a cylinder, were bubbled through alkaline 
pyrogallol, and finally dried in towers of calcium chloride and phosphorus 
pentoxide. They were then admitted to the reaction vessel, which was cooled 
externally by a stream of air from an electric fan. 

Reactivity of active nitrogen with carbon 

The carbon treated by the above method was found to contain 1.21 per cent 
Kjeldahl nitrogen. During the course of the preparation of this synthetic 
nitrogenous carbon, it was noted that the walls of the Pyrex bulb were darkened 
by a brown film which collected on the inside. Qualitative examination showed 
that this material was paracyanogen. Apparently the active nitrogen reacts 
with the rather inert carbon to form cyanogen gas, which polymerizes to form 
paracyanogen. 

Since there might be doubt as to whether the nitrogen is actually present 
as a surface complex or merely as adsorbed cyanogen (or paracyanogen), an 
experiment was performed in which a sample of the same lactose carbon was 
treated at 300°C. with a stream of cyanogen gas (ca. 1.5 liters). The system was 
finally flushed out with nitrogen. On analysis the resulting carbon showed 
1.52 per cent nitrogen content. It is possible, therefore, that the nitrogen 
present in the carbon after treatment with active nitrogen might be present 
as adsorbed cyanogen. 


Catalytic properties of the carbons 

To determine the changes in catalytic properties brought about by treatment 
with active nitrogen and cyanogen, the catalytic properties of the carbons were 
compared with those of the untreated activated lactose carbon. The reactions 
studied were the decomposition of hydrogen peroxide and the oxidation of 
hydroquinone and of potassium urate by molecular oxygen, the methods and 
techniques being the same as those recently described (1). The data are given 
in part 1 of table 1. The concentrations of reactants are included in the footnotes 
for the table. 

From table 1 it is apparent that for the reaction involving the decomposition 
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of hydrogen peroxide the treatment of the carbon with active nitrogen causes 
inhibition. The cyanogen treatment lias little effect, resembling the lack of 
inhibitory action of 0.01 N potassium cyanide towards lactose carbon (1). For 
the reaction in which hydroquinone is oxidized, the carbons treated as above 
continued to show poor activity. Towards the oxidation of potassium urate, 
the catalytic behavior parallels that for the decomposition of hydrogen peroxide, 
the active nitrogen treatment causing inhibition and the cyanogen treatment 
causing little change. 

Since in two of the catalytic reactions the carbon treated with active nitrogen 
differs noticeably from the carbon treated with cyanogen, it is likely that the 
nitrogen of constitution differs in the two samples. In the case of the cyanogen 
treatment the nitrogen may be present as adsorbed cyanogen, while that which 
is fixed from active nitrogen probably exists as a surface complex. 

II. USE OF AMMONIA 

In the destructive distillation of nitrogenous organic materials to form a char, 
ammonia and other basic gases are liberated. Since the resulting char contains 
nitrogen of constitution which is stable even in a vacuum at high temperatures, 
it was of interest to determine whether a nitrogen-free carbon would react with 
ammonia at elevated temperatures. In view of the fact that the active nitrogen 
showed chemical reactivity with the carbon, it is possible that the thermally 
decomposing ammonia might form intermediates capable of reacting chemically 
with the carbon. 


Methods used 

Two 3-g. samples of an 875°C. activated lactose carbon (D), heated respec¬ 
tively to ()25°C. and 810°C. in a quartz tube, were treated with a stream of 
ammonia gas for about 3 hr. Before removal of the carbon for study, the sys¬ 
tem was flushed out. with nitrogen to expel undecomposed ammonia. Two 
samples of an 875°(\ activated lactose carbon (B) were also heated at 400°C. 
and 625°C. for 2 and 1 hr., respectively, in a steel bomb containing ammonia at 
a pressure of about 300 lb. per in. 2 To determine what changes would arise 
merely from a similar temperature treatment, a sample of the pure lactose carbon 
(D) was heated for 3 hr. at 025°C. in a stream of pure nitrogen. 

After it was ascertained that the ammonia treatment of carbons very 

2 In this connection the following experiment is of interest. Ash-free gelatin, when im¬ 
mersed in liquid ammonia, undergoes an exothermic reaction. Upon evaporation of the 
ammonia, a rubbery mass which turned brittle was obtained. This was charred and acti¬ 
vated in moist oxygen, as were the carbons discussed in a preceding paper (1). The ac¬ 
tivated carbon contained 5.84 per cent nitrogen. 

The catalytic activity of the carbon was tested in the usual manner with hydro¬ 
gen peroxide. It was found to be considerably more active than the gelatin carbon already 
described, though not as active as the hexamethylenetetramine carbon. For 0.050-g. sam¬ 
ples the half-life was 42.5 sec., while for 0.100-g. portions it was about 17 sec. When 0.001 
N potassium cyanide was also present, the half-lives w r ere increased to 78 and 30 sec., re¬ 
spectively. 
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effective, another sample of activated lactose carbon (E) was treated with a 
stream of ammonia at 875°C. for 5 hr. 

Reaction of ammonia with carbon 

On Kjeldahl analysis all of the ammonia-treated carbons showed nitrogen 
content, the carbon containing the most nitrogen being the one treated at 875°C. 
at atmospheric pressure (see table 1). Since it was possible that some of the 
nitrogen might be present as adsorbed ammonia, samples were heated in a 
vacuum at 400°C. for 30 min. For the carbon treated at 810°C., Kjeldahl analy¬ 
sis before and after this gave 3.38 and 3.34 per cent nitrogen, indicating that the 
nitrogen was not present as removable ammonia. Similar results were obtained 
for the carbon treated with ammonia at 625°C. and atmospheric pressure. 

The carbons treated with ammonia under pressure were allowed to cool in the 
bomb and therefore contained much adsorbed ammonia in addition to nitrogen 
of constitution. Adsorbed ammonia was largely removed by evacuating for 
90 min. at 100°C., after which the carbons no longer smelled of ammonia. These 
were not treated in a vacuum at 400°C., because the catalytic properties were 
not considered sufficiently modified, relative to those treated at atmospheric 
pressure, to warrant further attention. 

The catalytic 'properties of the carbons 

The ammonia-treated carbons were then tested for catalytic activity in the 
three reactions mentioned above. The data are summarized in parts 2, 3, 
and 4 of table 1. The reactivities in decomposing hydrogen peroxide are also 
included in figure 1, from which it is evident that the carbons have been greatly 
promoted in activity. The carbon treated at 875°C. showed such great pro¬ 
motion that it could not be included in the figure. For the carbon treated at 
810°C. the promotion amounted to a 25-fold increase in activity after the reac¬ 
tion had proceeded for 1 min. Since the carbon heated in a stream of nitrogen 
at 625°C. showed slight loss of catalytic activity towards hydrogen peroxide, the 
promotion observed cannot be due to a mere temperature effect. 

The pH of the double-distilled water suspension of the two carbons (0.3 g. 
in 15 ml.) which were treated with ammonia at atmospheric pressure at 625° 
and 810°C. was 8.9 when measured by a glass electrode. The value is not unu¬ 
sually high for carbons treated at high temperatures, but since the ammonia 
treatment raised the pH by more than one unit, samples of the untreated carbon 
and of the carbon treated at 625°C. were tested in hydrogen peroxide solutions 
buffered to a pH of 8.45 by monopotassium acid phosphate and sodium hy¬ 
droxide, It was found that the buffered solutions gave reactions of slightly 
higher velocities than the unbuffered solutions. However, since the relative 
promoting effect of the ammonia-treated carbon remained unchanged, the change 
in catalytic activity by ammonia treatment is not caused by a pH increase due 
to the presence of ammonia. The addition of ammonium hydroxide to a system 
containing untreated lactose carbon and hydrogen peroxide in the usual con¬ 
centrations caused a mild increase in activity, but this did not at all approach 
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the activity of the carbon promoted by the high-temperature ammonia treat¬ 
ments. Consequently the promoting effect cannot be due to the presence of 
ammonium ions liberated from the surface of the carbon. This evidence may 
all be taken as further proof that the nitrogen in the carbon is not present simply 
as adsorbed ammonia. 


TABLE 1 

The catalytic properties of activated lactose carbons treated with active nitrogen and several 

gaseons nitrogen compounds 


CATALYTIC ACTIVITY* TOWARDS 



TREATMENT OF CATALYST 

PER ( ENT 

K JELD \HL 
NITROGEN 

i 

Decomposition of | 

Oxidation of 
hydro¬ 
quinone t 

Oxidation 
of potassium 
urate§ 

! 

Half- or tenth-life 

Oxygen 
absorbed in 
1 hr 

Oxygen 
absorbed in 
15 min 




minutes 

ml 

ml 

Part 1: using 

None 

0.0 

li 

o 

Si 

0.7 

14 5 

875°0. lactose 

Exposure to active 





carbon (O) 

nitrogen for 16 






hr. . 

1.21 

Tun = 19 5 

0.7 

6.0 


Stream of cyanogen 






ut 300°C. 

1.52 

Tm o = 15.5 

None 

13.4 

Part 2: using 

None 

0.0 

i'¬ 

ll 

© 

Si 

0 7 

6 2 

875°C. lactose 

Stream of nitrogen 





carbon (D) 

for 3 hr. at 625°C<. 

0 0 

Tun =90 

0 75 

8.1 


Stream of ammonia 






for 3 hr. at 625°C. 

1 07 

Tu* - 4.5 

1 6 

5 8 


Stream of ammonia 






for 3 hr. at 810°C. 

3.38 

Tut = 0.9 


12 9 

Part 3: using 

None 

0.0 

Tut = 61 0 

2.0 

14.1 

875°C. lactose 

Ammonia in a bomb 





carbon (B) 

at 400°C. 

1.0 

Tut - 14 3 

3.4 

S 5 


Ammonia in a bomb 






at 625°C. 

0.5 

o 

QO 

II 

9# 



Part 4: using 

None 

0.0 

Tut ** 76.0 



875°C. lactose 

Stream of ammonia 





carbon (E) 

for 5 hr. at 875°C. 

4.00 

Tut * 0.25 




* 0.300 g. of catalyst and 15 ml. of solution were used for all runs. 

t The 15 ml. of solution contained 50 ml. of available oxygen. 

J The hydroquinone concentration was 0.50 molar. 

§ The concentration was 12.5 g. of uric acid and 15.6 g. of potassium hydroxide per liter. 

For the hydroquinone oxidation, table 1 shows that the ammonia-treated 
carbons have nearly doubled in activity, though the over-all reactivity is still 
not very great. The oxidation of potassium urate was not significantly influ¬ 
enced, except for the carbon treated at 810°C., which showed doubled activity. 
The carbon treated under pressure at 400°C. showed only two-thirds of the 
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normal activity. As in the experiment with the decomposition of hydrogen 
peroxide, the heat treatment with nitrogen at 625°C. failed to bring about signifi¬ 
cant changes in the catalytic properties for these two reactions. 



0 5 10 1 5 

Time in Minutes 


Fig. 1. Decomposition of hydrogen peroxide by lactose carbons treated with nitrogen- 
containing gases. 15 ml. of hydrogen peroxide, containing 50 ml. of available oxygen, was 
treated with 0.300-g, samples of carbon. 

Curve I.Lactose carbon D treated with ammonia at 810°C. 

Curve II.LactosecarbonBtreatedwithnitrousoxideat810°C. 

Curve III.Lactose carbon D treated with ammonia at 625°C. 

Curve IV.Lactose carbon B treated with ammonia in a bomb at 625°C. and evac¬ 

uated at 100°C. 

Curve V.Lactose carbon B treated with ammonia in a bomb at 400 6 C. and evac¬ 

uated at 100°C. 

Curve VI.Lactose carbon B untreated 

Curve VII.Lactose carbon B treated with nitric oxide at 810°C. 

Curve VIII.Lactose carbon D untreated 

Curve IX.Lactose carbon B treated with nitrogen at 625°C. 

Curve X.Lactose carbon B treated with nitrous oxide at 400°C. 
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The effect of 0.001 N potassium cyanide on the catalytic activity of the lactose 
carbon treated with ammonia at 875°C. for 5 hr. was tested in the decomposition 
of hydrogen peroxide. When 0.100-g. samples of the carbon were used, the time 
of half-life of the reaction was increased from 58 to 143 sec. This indicates that 
the nitrogen complexes formed are easily poisoned by the cyanide. It does not, 
however, enable one to determine whether or not the ash content plays a part 
in the very active nitrogen complexes poisoned by the cyanide, as it has been 
assumed by Warburg (8). 2 

III. USE OF OXIDES OF NITROGEN 

Method and chemical reactivity 

Since the thermally decomposing ammonia was found to react with the carbon 
to promote its catalytic activity, similar experiments were carried out with 
nitric oxide at 810°C. and nitrous oxide at 400° and 810°C. In each run about 
8 liters of the pure gas was slowly passed through a bed of 3 g. of 875°C. lactose 
carbon (B) over a period of 3 hr. Kjeldahl analyses of the carbons so treated 
showed that the carbon exposed to nitric oxide contained 1.8 per cent of nitro¬ 
gen, and that treated with nitrous oxide at 400°C. contained no nitrogen, while 
that treated at 810°C. showed only 0.1 per cent. 

Riese (6), in using active carbon to remove small amounts of nitric oxide and 
nitrogen dioxide from gases, claims that the removal is not a simple adsorption 
process but involves an interaction with the carbon to form carbon dioxide and 
nitrogen gas. Tliis confirms Shah’s more detailed study of the reduction of 
nitrous oxide and nitric oxide by activated carbon (7) to form molecular nitro¬ 
gen and a surface oxide which further decomposes to give oxides of carbon. 

However, the present authors found that in the nitric oxide treatment of the 
carbon at 810°C. a significant amount of nitrogen was also fixed to the carbon 
surface. For the treatment with nitrous oxide at 400°C. the resulting carbon 
was nitrogen-free, while for the trial at 810°C. a trace of nitrogen was detected. 
Since Briner, Miner, and Rothen (2) have shown that above 700°C. the decom¬ 
position of nitrous oxide may produce nitrogen and nitric oxide instead of 
oxygen, and since the present authors found that carbon treated with nitric 
oxide at 810°C. can fix nitrogen to its surface, the presence of 0.1 per cent nitro¬ 
gen in the carbon treated with nitrous oxide at 810°C. can be attributed to the 
effect of the nitric oxide formed. 

The catalytic properties 

The catalytic properties of the carbons treated with oxides of nitrogen were 
tested for the decomposition of hydrogen peroxide. The data are given graphi¬ 
cally as a part of figure 1, which shows that the carbon treated with nitric oxide 
at 810°C. decreased in activity, while that treated with nitrous oxide at 400°C. 
possessed even less activity. The sample treated with nitrous oxide at 810°C. 
showed an enormous increase in catalytic activity, being surpassed only by the 
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carbons treated with ammonia at 810° and 875°C. This shows that nitrous 
oxide, if used under the proper conditions, is also a good activating agent for 
carbon. The inhibitory effect of 0.001 N potassium cyanide on the lactose 
carbon treated with nitrous oxide at 810°C. was tested in the decomposition of 
hydrogen peroxide. WhenO.lOO-g. samples of the carbon were used, theaddition 
of the potassium cyanide caused the half-life to increase from 40 to 79 min. The 
promoting effect of nitrous oxide is of special interest here, since it shows that 
the presence of nitrogen is probably not the only factor involved in increasing 
the catalytic activity of this carbon. Since only 0.1 per cent nitrogen was found 
present, the great inhibitory effect of the potassium cyanide is more difficult to 
explain on the basis of its specificity for ash-carbon-nitrogen complexes, unless 
one assumes that the nitrogen in this case is all attached to the ash-carbon 
complexes and thus creates extremely active centers. The other alternative, 
which seems mom likely to the authors, is that the nitrous oxide can be more 
effective than molecular oxygen in oxidizing the carbon to form surface oxides 
which are of such great catalytic activity that they are also sensitive to potas¬ 
sium cyanide. 


Discussion 

These experiments on the fixation of nitrogen to the surface of carbon show 
that the presence of nitrogen may cause widely varying effects. Variation in 
activity might arise from different forms of carbon-nitrogen surface complexes, 
from different spacings in the resulting surface lattice, and from variations in the 
amount of surface affected. Nothing definite can be said, however, concerning 
the structure of these carbon-nitrogen surface complexes. 

Since experiments show that nitrogen introduced into a non-nitrogenous car¬ 
bon may promote catalytic activity, it is also probable that the nitrogen in 
carbons derived from organic nitrogen compounds accounts for at least a part 
of the usual high catalytic activity. Indeed, artificially prepared nitrogenous 
carbons are not generally as active as those made from materials such as hexa¬ 
methylenetetramine, gelatin, and glucosazone. However, the carbon treated 
with ammonia at 875°C. for 5 hr. was nearly equal in activity to the carbon 
prepared from gelatin, the second most active type of normal carbon prepared. 
Using 0.1-g. portions of carbon on hydrogen peroxide samples of the usual con¬ 
centration, the half-lives of the reactions for the two catalysts were:, gelatin 
carbon, Tm = 50 sec.; lactose carbon treated with ammonia at 875°C., 7 t j/ 2 = 
58 sec. 

It is evident that the nitrogen here does not merely function as a disrupting 
agent during the formation of carbons, as suggested by Rideal and Wright (5), 
for the treatment of a carbon with ammonia could not so materially change the 
surface area of the carbon. Rather, the catalytic activity of a nitrogenous car¬ 
bon is a function of the promoting effect of the nitrogen. In general, the nitro¬ 
gen enrichment of a carbon by treatment with ammonia had a promoting effect 
for the three reactions studied. The authors believe that this promoting effect 
is definitely related to the similar*high activity of carbons prepared fron organic 
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nitrogen compounds, since the catalytic properties are similar. The charring 
of organic nitrogen compounds also produces some ammonia, so that for both 
types of carbon the atmosphere during formation was similar. 

In general, when the nitrogen is being attached to the carbon surface, the 
situation may vary in several ways, as follows: An association may occur 
between the nitrogen and the ash content in the carbon or between the nitrogen 
and the carbon surface which consists chiefly of an oxide layer. The relatively 
high percentages of nitrogen fixed compared to the per cent ash content show 
that the latter always occurs, while the inhibitory effect of potassium cyanide, 
if it be specific for ash-carbon-nitrogen complexes of high catalytic activity, 
shows that the former may also occur, at least when ammonia is used as a source 
of nitrogen. When the nitrogen becomes attached to the surface of the carbon, 
it may cover up or destroy active points or it may create new active points or 
desirable space increments on the surface. Thus the effect of the nitrogen may 
be to retard or promote the catalytic activity of the carbon. Experimentally 
both of these variations in activity were realized. 

SUMMARY 

Activated lactose carbon acquired a significant amount of nitrogen content by 
treatment with active nitrogen and with ammonia and nitric oxide at high tem¬ 
peratures. Treatment with nitrogen or nitrous oxide under similar conditions 
did not cause nitrogen fixation. 

The catalytic activities of the carbons were tested for the decomposition of 
hydrogen peroxide, the oxidation of hydroquinone, and the oxidation of potas¬ 
sium urate. The carbon treated with active nitrogen and with nitric oxide 
showed a decrease in catalytic activity. Ammonia treatment caused a pro¬ 
moted activity which could equal the activity of carbons prepared from organic 
nitrogen compounds. The promoting effect is not due to the presence of 
ammonia. 

Treatment with nitrous oxide at high temperatures also caused great promo¬ 
tion without significant nitrogen fixation to the carbon. 

The results are discussed from the point of view of the promoting action of 
the nitrogen. 
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Amis and La Mer (3), studying the kinetics of the fading of bromophenol 
blue, observed that the dye could be regenerated at a measurable rate if the 
alkaline solutions were neutralized and a slight excess of acid added. The 
mechanism of the fading reaction was given by these authors to be the formation 
of the colorless carbinol from the negative univalent hydroxide ion and the nega¬ 
tive bivalent bromophenol blue ion. Amis and La Mer further showed that 
electrostatic effects accounted mainly for the data obtained on the reaction in 
isocomposition and in isodielectric water-ethyl alcohol and in water-methyl 
alcohol media. Hochberg and La Mer (7) showed that the fading of several 
sulfonphthalein dyes conformed to the mechanism of carbinol formation, and 
that the regeneration reaction rate for bromocresol purple in alkaline solution 
was directly proportional to the activity of water in water-methyl alcohol 
solvent. 

In this investigation a study was made of the regeneration of alkali-faded 
bromophenol blue by hydrochloric acid of various normalities in water, and by 
0.09 N hydrochloric acid in water-ethyl alcohol and in water-methyl alcohol 
media of various compositions and of various constant dielectric constants. 

preparation of materials 

The bromophenol blue used in these studies was Eastman No. 752 tetrabromo- 
phenolsulfonphthalein of the same quality as that used by Amis and La Mer (3). 
Stock solutions (2.4 X 10“ 3 molar) of this dye were made up as described by these 
authors; the sodium hydroxide solutions were made up and standardized by the 
same methods they used. 

Hydrochloric acid stock solutions (about 1.5000 N ) were prepared by diluting 
Bakers C. P. Analyzed hydrochloric acid and standardized and checked to one 
part per thousand. 

Absolute ethyl alcohol and C.P. methyl alcohol, acetone-free, were further 
purified by the method described by Lund and Bjerrum (12). 

All volumetric apparatus and all weights were calibrated; the temperatures 
were determined with U. S. Bureau of Standards calibrated thermometers, and 
were constant to ±0.01 o C. 


EXPERIMENTAL 

Ten milliliters of the 2.4 X 10~ 8 molar stock solution of bromophenol blue 
were made up to 100 ml. with water and a volume of the standard alkali sufficient 
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to make the resulting mixture 0.1 normal in sodium hydroxide and 2.4 X 1(T 4 
molar in dye. This solution was allowed to fade to the colorless condition, the 
time required being from 4 to 15 hr. depending upon the temperature. The 
faded solution and water were placed in a thermostat and allowed to come to the 
temperature at which the run was to be made. Ten milliliters of the faded 
dye solution was diluted with water and sufficient stock solution of hydrochloric 
acid to give a mixture 2.4 X 10“ 5 molar in faded dye and having the acid nor¬ 
mality desired. A standard neutral solution of unfaded dye of the same mo¬ 
larity as the faded dye in the run was also placed in the thermostat. To make 
a reading, 5 ml. of regenerating solution was pipetted into a clean dry test tube, 
and then 5 ml. of the standard was pipetted into another clean dry test tube. 
One milliliter of sodium hydroxide solution of the correct strength to give a 
solution 0.1 N in alkali was added to the tube containing the standard. The 
regenerating solution was also brought to 0.1 N in sodium hydroxide by the 
addition of 1 ml. of alkali of a different normality. The time was noted, the 
solutions shaken vigorously and poured into the colorimeter cups, and the aver¬ 
age of five settings of the run against the standard taken as the reading. The 
total time consumed in making a reading averaged about 3 min. Any fading of 
the run during the time of reading was offset by a similar fading of the standard. 
For the runs in water-alcohol solvent mixtures, the dilutions of the stock dye 
solutions were made with the correct proportion, determined from Akerlofs 
data (1), of the two solvents to give the percentage composition or dielectric 
constant of solvent desired. Standards were made to conform to the runs in 
solvent composition. The runs in water-alcohol were all made to an acid 
strength of 0.09 N. The instrument used for analysis was a Klett colorimeter. 
A Mazda lamp with a blue filter furnished illumination. 

DATA 

Typical runs are recorded in tables 1 and 2. The k N values in all cases were 
calculated as pseudo-unimolecular rate constants. These values were then 
converted to the bimolecular constants, /c, in moles per liter per day by dividing 
by the concentration of acid and adjusting the time factor. Duplicate' runs 
gave average k N values which did not vary more than ±1 per cent from the 
mean. 

Table 3 contains k values measured in water at 25°, 35°, and 45°()., and at 
various normalities of hydrochloric acid and various ionic strengths. This 
table also contains energies of activation and frequency factor values for the 
temperature intervals 25° to 35°C. and 35° to 45°(\ A plot of the log k verms 
yf H is given for the three temperatures 25°, 35°, and 45°C. in figure 1. While 
the curves have the direction of slope required by the reaction between the 
negative carbinol ion and the oxonium ion, it is observed that- then' is a marked 
decrease of the bimolecular rate constant with increasing ionic strength or with 
increasing acidity, since g was increased by adding hydrochloric acid in greater 
proportion. The rate of decrease of the constant is greatest in the region of low 
ionic strength, gradually becomes less marked, and approaches zero at about 
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Vm = 0.25. This change of the reaction velocity oonstant with acidity has 
the appearance of a rate composed of an acid-uncatalyzed portion plus a portion 


TABLE 1 

Kinetics of the regeneration of bromophenol blue in water 


TEMPERATURE, 25*C.* f HC1 OJXUV 


temperature, 35°C.; HC10.08AT 


Time 

10* X concentra¬ 
tion of bromo* 
phenol 1 
blue regenerated 

10% (min "9 

Time 

10* X concentra¬ 
tion of bromo¬ 
phenol 

blue regenerated 

KWfcy (min.’ 1 ) 

minutes 

565 

855 

965 

1225 

1385 

2105 

2555 

3655 

4385 

4985 

0.375 

0.442 

0.538 

0.720 

0.912 

1.10 

1.17 

1.44 

1.82 

1.92 

2.40 

1.93 

2.15 

2.34 

2.74 

2.30 

2.02 

1.92 

2.29 

2.20 

2.23 (av.) 

minutes 

23 

48 

75 

93 

121 

0.499 

0.833 

1.25 

1.47 

1.73 

8.20 

7.62 

7.60 

7.66 

7.56 

j 7.73 (av.) 

7.73 1440 

fc(days-‘) - 6 --X ^ » 139 


4( ^>-££*«?-»■* 


TABLE 2 


Kinetics of the regeneration of bromophenol blue in water-methyl alcohol 


METHYL ALCOCHOL, 

22.0 per obit; Z) - 65; temperature, 
35‘C; HC1,0.09 N 

METHYL ALCOHOL, 

25.9 per cent; D - 63; temperature, 
35°C.; HC1, 0.09 N 


10* X concentra- 



10* X concentra- | 


Time 

tion of bromo¬ 
phenol 

10tty (min.-*) 

Time 

tion of bromo¬ 
phenol 

10 *kff (min’*) 


blue regenerated 



blue regenerated 


minutes 


, 

minutes 



210 

1.20 

2.57 

250 

1.25 

2.27 

230 

1.25 

2.46 

325 

1.39 

2.02 

250 

1.34 

2.51 

355 

1.48 

2.03 

265 

1.44 

2.52 

390 

1.54 

1.95 

280 

1.57 

2.79 

475 

1.76 

1.98 

435 

1.97 

2.64 



2.05 (av.) 



2.58 (av.) 



- 1 .. 





2.05 1440 


2.58 1440 

Mdays-') = (you X Trp 

- 32.8 

ft (days ) * 0 Qg X w 

- 41 3 





due to the acid catalyzing the regeneration. 1 Accordingly we have plotted in 
figure 2 the h N values at the various temperatures and have extrapolated them 

1 This idea was suggested to the author by one who wished his identity to remain 
unrevealed. 
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to zero acid concentration, obtaining the values of k N = 0 indicated in that figure. 
These extrapolations show that there is a regeneration reaction due to the water 
molecules reacting with the dye ions. There is also an acid-catalyzed reaction, 
so that the over-all rate may be expressed by the equation 

kff = ko 4" k f C 




Fig. 2. Plot of Aw values against normality of hydrochloric acid 

These k ' values have been calculated and are listed in table 4. At around an 
acid concentration of 0.02 N there is a noticeable drop in the values of k r at all 
temperatures. From a concentration of 0.001 N to 0.02 N hydrochloric acid, 
inclusive, the averages of the values of k' at 25°, 35°, and 45°C. are 53.0, 170, 
and 416, respectively, and from a concentration of 0.03 to 0.09 N hydrochloric, 
acid, inclusive, the averages for these three temperatures are 46.4, 140, and 345, 
respectively. In any range at any temperature the individual values do not 
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have a large mean deviation; e.g., for the range 0.001 to 0.02 N hydrochloric 
acid, inclusive, at 25°C. the percentage mean deviation from the average is 
3.4 per cent, while for the range 0.004 to 0.02 N , inclusive, at 35°C. the percent¬ 
age mean deviation from the average is only 2.9 per cent. The noticeable break 

TABLE 3 


Data for water which is 0.01 N in sodium chloride 


NORMALITY 

V? 

k 

k 

k 

E 

E 

B 

B 

OF HC1 

25°C. 

35°C. 

4S°C. 

25-35°C 

35-45°C. 

25-35°C. 

35-45°C. 

0.001 

0.1049 

184 


1454 





0.002 

0.1096 

118 


972 





0.003 

0.1140 

101.3 


744 





0.004 

0.1183 

80.3 

239 

639 

19, (XX) 

19,100 

16.5 

16.0 

0.005 

0.1224 

79.2 

222 

602 

18,800 

19,400 

15.7 

16.1 

0.006 

0.1265 

77.3 

216 

598 

18,800 

19,800 

15.6 

16.4 

0.007 

0.1304 

72.0 

210 

568 

19,500 

19,400 

16.1 

16.0 

0.008 

0.1342 

71.6 

207 

558 

19,400 

19,400 

16.0 

16.0 

0.009 

0.1378 


203 

538 


19,000 


15.8 

0.01 

0.1414 

68.3 

194 

527 

19,100 

19,400 

15.8 

16.1 

0.02 

0.1732 

56.9 

168 

440 

19,800 

18,800 

16.2 

15.5 

0.03 

0.2000 

54.7 

156 


19,100 


15.8 


0.04 

0.2236 

50.4 

147 

372 

19,500 

18,100 

16.0 

15.0 

0.05 

0.2445 

49.5 

144 


19,400 


16.1 


0.06 

0.2646 

48.2 

140 

362 

19,400 

18,500 

15.9 

15.3 

0.07 

0.2828 

46.5 

139 

355 

19,900 

18,200 

16.3 

15.1 

0.08 

0.3000 


139 

355 


18,200 


15.1 

0.09 

0.3160 

43.5 


363 






TABLE 4 


k' for regeneration reaction at 25°, 35°, and 4S°C. 


FORMALITY 

OF HCi 

k' 

25°C. 

k' 

35°C. 

k' 

45°C. 

NORMALITY 

OF HCI 

k’ 

25°C. 

k ' 

35°C. 

k‘ 

45°C. 

0.001 

52.0 


421 

0.01 

55.1 

172 

424 

0.002 

52.0 


456 

0.02 

50.3 

157 

439 

0.003 

57.3 


400 

0.03 

50.3 

146 


0.004 

47.3 

183 

381 

0.04 

47.1 

141 

347 

0.005 

52.3 

177 

354 

0.05 

46.9 

140 


0.006 

55.3 

179 

426 

0.06 

46.0 

136 

345 

0.007 

53.1 

178 

420 

0.07 

44.6 

139 

' 340 

0.008 

55.1 

179 

429 

0.08 
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0.009 


178 

423 

0.09 

43.5 


352 


in the values of k f at about 0.02 N hydrochloric acid might be explained by a 
change in the degree of agglomeration of the carbinol with changing acid strength. 

Amis and La Mer (4) have observed that even in very dilute solutions the 
faded bromophenol blue when acidified sets to a gel. These observations con¬ 
firm the tendency of the carbinol to agglomerate. The increased agglomeration 
of the dye with increased acidity would account for the slowing up of the rate, 
since the concentration of this reactant would be reduced. That other indicators 
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tend to associate is brought out by Wolfgang Ostwald (13). In his theory of 
indicator action, he proposes that change of molecular dispersion with change of 
pH is the cause of the color change of the indicator. 

He showed that in the case of Congo rubin (14) there is a change of molecular 
dispersion at the pH where the indicator changes color. Further, Rabinowiteh 
and Epstein (15) have concluded that organic dyes universally form dimers or 
higher polymers. 


Mechanism of the reaction 

Since the reaction is taking place in an acid medium, the phenolic groups of 
the carbinol are probably not ionized, whereas the sulfonic acid group, being 
much stronger as an acid, is probably ionized. Representing the carbinol ion 
by (B</>B()H“ )x, we could write the reactions taking place as 

(B<*>BOH“) x + H 2 0 -► XB0B + XOH" + H 2 0 (7) 

(B<#>BOH~) x + XH s O + XB<*>B + 2XH 2 0 


where 1 X is the number of dye ions which are associated and may vary depending 
on the acidity. 

In table 5 are given the values of k , A E* y and B in isocomposition and in iso¬ 
dielectric water-ethyl alcohol and water-methyl alcohol media. In the water 
and the water alcohol isocomposition runs using 0.09 N hydrochloric acid, there 
is a marked temperature coefficient of both A#* and B. Both these quantities 
are fairly constant for isodielectric runs, except for the 35-45°C. temperature 
range for the dielectric constant 71.42. In this case the runs were made in pure 
water at 45°C. and in water-alcohol at 35°U., and both A E* and B are less in 
these cases. This is not according to electrostatics and, as is shown later, the 
alcoholic solvents have very specific effects on the rates. 

As the concentration of alcohol is increased, the activity of water is decreased. 
In table 0 we give the activity of water in ethanol-water solutions, at various 
percentages of alcohol and at various temperatures, calculated from the partial 
vapor pressures of these solutions (8). Using these activities we have calculated 
as follows the k [^« values for ethyl alcohol-water solutions as recorded in the 
last column of table 0. The rates due to the first reaction given under the dis¬ 
cussion of the mechanism were' corrected for the decreased activity of water by 
multiplying by the activity of water in the alcohol-water solvent. These cor¬ 
rected water rates were then subtracted from the corresponding k N values, and 
the resulting k» values were then divided by the corresponding acid strengths 
to obtain the recorded A*’s. The values of log k' are plotted against 100/D in 
figure 3. A like result would be found for methyl alcohol, if vapor-pressure 
data were sufficient to make similar calculations. 

In figure 3 straight lines are obtained over the range of dielectric studied, but 
the slopes are opposite to the requirements of theory for a reaction between ions 
of opposite sign. The general kinetic equation can be written (5, 0, 16): 


In k = In kvc 


Z A Z Be 2 _ 1 

DkT ta + tb 


+ 


Za2bc2 * 

DkT 1 + an 


( 1 ) 
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We can, by extrapolating In k as a function of k to k = 0, eliminate the primary 
salt effect, represented by the last term in equation 1 and obtain: 

TABLE 6 


Activity of water in ethanol-water solutions used with reference to pure water 


t 

ETHANOL 

D 

a 

k’ 

t 

ETHANOL 

D 

a 

k' 

°c. 

per cent 




°c. 

per cent 




25 

0 

78.4 

1.00 

42.1 

35 

17.8 

65.0 

0.90 

22.1 

25 

6.3 

74.9 

0.98 

24.0 

35 

21.2 

63.0 

0.88 

16.0 

25 

11.3 

71.4 

0.95 

13.2 

45 

0 

71.4 

1.00 

352 

25 

21.3 

66.3 

0.89 

4.13 

45 

6.3 

68.1 

0.98 

220 

25 

23.5 

65.0 

0.88 

2.97 

45 

11.3 

65.4 

0.94 

135 

35 

6.3 

71.4 

0.98 

80.5 

45 

12.0 

65.0 

0.93 

115 

35 

11.3 

68.7 

0.94 

50.5 

45 

21.2 

60.0 

0.88 

42.7 



Fig. 3 Fig. 4 

Fig. 3. Plot of values of log k' against 100/D 
Fig. 4. Plot of the data of Svirbely and Schramm and of Lander and Svirbely. Curve 1, 
water-methyl alcohol at 30°C\; curve 2, water-glycol at 30°C. 


If wo plot In o against 1/D, a straight line is obtained at higher dielectrics of 
the solvent. The slope, S, of the line can be found by substitution in: 

o _ d In o_ 2 a*b .2 1 /o-i 

d(l/D) kT ‘r A + r B W 

Using logarithms to the base 10 we obtain the radius of the Brdnsted complex: 


r A + r B 


2 A ^B* 2 

2.mSJcT 


(4) 
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Amis and La Mer (3), as well as others (9, 10), have frequently used this equa¬ 
tion for determining the parameters, r A + r B , in the Bom term of equation 1. 
Using this method we obtain from the plots of Svirbely and Schramm’s (18) 
and of Lander and Svirbely’s (11) data, in figure 4, values of 2.2 X 10~ 8 and 2.5 X 
10~ 8 for r A + r B in the reaction between the positive univalent ammonium ion and 
the negative univalent cyanate ion in water-methyl alcohol and in water-glycol, 
respectively. However, the method applied to the regeneration reaction, in 
which the reactants bear oppositely charged signs, will give negative values of 
the parameter r A + r B . Such values are, of course, without significance and 
result from the fact that the effects of the solvent upon the reaction are in direct 
opposition to the predictions of electrostatics. This slope, however, supports 
the observations of Amis and Holmes (2) that when one of the reactants is 
HjO + and one component of the solvent is alcohol, the formation of R()H 2 + 
reduces the concentration of H s O + to such an extent that the electrostatic effect 
of the dielectric constant of the solvent is overcome and the opposite trend of k 

TABLE 7 


Percentage deviation of the measured rate constant from that of water for various temperatures 
and mole percentages of alcohol in the solvent 


ALCOHOL 

MOLE PER CENT 
ALCOHOL 

PER CENT DECREASE 
OF RATE CONSTANT 
FROM THAT 

OF HiO AT 25°C. 

PER CENT DECREASE 
OF RATE CON8TANT 
FROM THAT 

OF HzO AT 35°C. 

PER CENT DECREASE 
OF RATE CONSTANT 
FROM THAT 

OF HjO AT 45®C. 

Ethyl alcohol.. 

2.55 

41.6 

41.5 

36.3 


4.74 

65.2 

62.8 

60.2 


9.53 

87.5 

87.2 

85.4 

Methyl alcohol. 

4.59 

34.8 

27.9 

26.7 


9.37 

52.8 

50.4 

49.8 


16.4 

76.3 

76.8 

75.2 


with dielectric constant, than that predicted by theory, is observed. If the 
formation of ROH 2 + ion is the explanation of the observed data, then solvents 
containing methyl alcohol should show less deviation in the rates from those in 
pure water than solvents containing ethyl alcohol. This is true because the 
CH 3 OH 2 4 ' ion is more highly hydrolyzed than is the tyH B OH 2 f ion (17), and 
solvent effects in general increase with higher members of a homologous scries. 
Furthermore, the rates in water-alcohol solvents should vary from the rates in 
pure water to a less degree at greater dilutions of alcohol, since ROH 2 + ions are 
hydrolyzed to a greater extent under these conditions (17). Table 7 contains 
the percentage deviation of the rate constant at various temperatures and at 
various mole per cents of alcohol in water-ethyl alcohol and in water-methyl 
alcohol media from those in pure water at the same temperature. It is observ¬ 
able that the constants in water-methyl alcohol are always more nearly equal to 
those in pure water than those in water-ethyl alcohol media at like mole per 
cents of alcohol. Also, there is a marked tendency for percentage deviation to 
decrease with decreasing mole per cents of alcohol. 
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It is of interest to compare the reaction between carbinol and acid with the 
predictions of the collision theory to see if the failure of electrostatic theory is 
also reflected in deviations from the former theory. Comparing the collision 
and thermodynamic rate theories, it can be shown that 


PZ° = (J RT/Nh)e ASV * 

Here Z° is the gas kinetic collision frequency and P represents the deviation from 
the collision theory. If P is taken as unity, the collision diameter given by: 


log <r» = 



(Uf /RT 
\N 2 h V 8r 

= 1 
2 


M,Mj 


Mi + M- 


-) 


+ 


AS* 
4.60G R 


log 


/10 3 /RT MjMj \ , 1 / n 
\N 2 h y 8t Ml + Mj 2 V 



will indicate by its values the agreement between observation and theory. 
Taking B equal to 23.83 (days” 1 ) and B equal to 21.32 (days” 1 ) for water-ethyl 
alcohol and water-methyl alcohol solvents, respectively, and log RT/Nh as 
17.73 (days 1 ) gives ar Vi equal to 2.63 X 1(T & and 1.48 X 10~ fi cm. for the two 
solvents, when M x is 19.02 and Mt is 683.7. We see that in water-ethyl alcohol 
cri 2 is of the order of 10 3 times as large as it should be, while in water-methyl 
alcohol it is 10 2 too large. If we let a X2 be 2.63 X 10~ 8 and 1.48 X 10“ 8 in water- 
ethyl alcohol and in water-methyl alcohol, respectively, the deviation as repre¬ 
sented by P becomes 1.0 X 10 8 and 1 X 10 fi for the two media. Thus the lack 
of conformity with the electrostatic theory parallels a similar deviation from the 
predictions of the collision theory. Also, the deviation from the predictions of 
the latter theory is greater in water-ethyl alcohol than in water-methyl alcohol, 
in agreement with the observations on the electrostatic variation. 

The authors are continuing the investigation of the dye regeneration reaction 
in other solvent mixtures. 


CONCLUSIONS 

1. The regeneration reaction of alkali-faded bromophenol blue in acid solu¬ 
tions was studied at various ionic strengths in water at 25°, 35°, and 45°C. 
The reaction was also studied in isocomposition and in isodielectric water-ethyl 
alcohol and water-methyl alcohol solvents over the same range of temperature 
and at an acid strength of 0.09 N. 

2. The plots of the logs of the rate constants versus the y /ju indicate a change 
in the molecular dispersion of the faded dye with changing acidity. 

3. The rates in water-ethvl alcohol and in water-methyl alcohol do not con¬ 
form to the predictions of the electrostatic theory. 

4. Lack of conformity to the electrostatic theory is paralleled by variation 
from the predictions of the collision theory. 

5. These variations from the electrostatic and collision theories have been 
attributed to the formation of ROH 2 + ions. 
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ON ANOMALIES OF ELASTICITY AND FLOW AND THEIR 
INTERPRETATION 1 

ROBERT SIMHA 

Department of Chemistry, Howard University , Washington, D. C. 

Received December 7, 1942 

The subject of this discussion, as indicated in the title, is so broad that one 
can choose but a few particular points. The interpretation of certain so-called 
abnormal phenomena, although they are normal in the sense that they are most 
frequently encountered in amorphous substances like glasses and high polymers 
or in polyerystals, still meets with difficulties. This is especially the case when 
it comes to a quantitative description. In many instances the description goes 
hardly beyond the point of a merely formal treatment. The molecular inter¬ 
pretation of the viscous-elastic behavior of amorphous media rests largely on a 
qualitative basis, although much progress has been made in recent years (4). 

In the following an attempt will be made to review a few more or less general 
aspects of the problems with which we are confronted in examining the behavior 
of real materials under stress. We shall start with a description of certain types 
of behavior met with and then turn to a molecular interpretation. 

1 Presented at the Symposium on Flow under Abnormal Conditions, which was held 
under the auspices of the Division of Physical and Inorganic Chemistry at the 104th Meeting 
of the American Chemical Society, Buffalo, N. Y., September 7-11, 1942. 
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THE STRESS-STRAIN RELATION 

Elastic and viscous properties appear when a state of deformation is created 
in a substance. For small values of the strain in ideal elastic bodies and for 
small velocities in ordinary liquids like water, it is possible with more or less 
mathematical effort to find relations between a given set of internal strains and 
the resulting internal stresses or vice versa , under given external conditions, 
such as the application of an external load. This constitutes a problem in the 
theory of elasticity or in hydrodynamics which does not concern us here. For 
the sake of simplicity we shall assume in the following that each volume element 
in our medium is subjected to a deformation of identical type and magnitude. 
This is the case, for instance, in the elongation of a thin thread under load or in a 
simple shear, as shown in figure 1. The rectangular faces of each volume 
element in the plane of shear are deformed to parallelograms in this process. 



Fig. ]. Simple shear 

We can realize this behavior by enclosing the substance between two flat plates 
which are displaced relative to each other. If the lower plate is at rest, then 
every point in the medium is displaced by an amount u in the same direction. 
Its magnitude depends linearly upon the distance from this plate. The de¬ 
formation of each volume element depends upon the relative displacements of 
the various points. The quantity 


du 



is therefore a measure of the amount of shear. Because of the linear dependence 
of u, y is constant throughout the body. The deformation is homogeneous. 
This state of deformation set up may or may not change with time. In the 
latter case wc must consider the rate of displacement of each point. The rate 
of change of the amount of shear is given by 

dy 



350 


ROBEBT SIMHA 


If 7 is constant, then this holds true also for D. This is not the case, for instance, 
in the flow through a capillary tube or in a Scott plastometer. 

. Because of the intermolecular forces, a state of stress between the different 
parts of a body will exist if we set up a state of deformation. The force acting 
per unit area of our rectangular faces is the shearing stress t. If the deformation 
is homogeneous, then the stress is constant in space. 

The fundamental problem in rheology is the investigation of the relation 
between the shearing stress on the one hand and the state of shear on the other. 
We can hardly expect to obtain a general relationship valid for all types of 
materials, even under identical experimental conditions like external stress and 
temperature, as measured on some kind of reduced scale. However, it is possible 
to .formulate certain relations of a relatively general character which describe 
rather well the behavior of some classes of materials in a given range of values 
of the important parameters in the stress-strain relationship. 

It appears evident that we can formulate a functional dependence of the 
following type: 

’ = <■> 

with the particular nature of the function $ varying for different classes of 
substances. The fact that we have included explicitly the time t points to a 
dependence of the stress-strain relation upon the previous history of the sample 
and upon the rate at which a steady state is reached. The manner in which the 
temperature T will enter the equation depends upon the molecular mechanism 
postulated for the process. Experimentally it is found that the T-dependence is 
approximately exponential for liquids, while it is much less pronounced in a 
solid or in a gas. 

To start with, two simple classes of substances can be distinguished on the 
basis of equation 1, if we first omit time effects. We postulate that the stress 
is either a function of the shear, 7, alone or a function of the shear rate, Z), alone. 
The first case then defines the perfect elastic body. We can write for it: 

r - /( 7 ) - Gy + Hy* + Ky* + • • • (la) 

Crystalline and also amorphous materials like glasses follow such a law, at 
least in time intervals in which time effects can be neglected. For sufficiently 
small values of the shear we can expand the function /. As no internal stress 
exists in the body if no deformation is present, the first term of this expansion is 
linear. G y H,K • • • are then constants characteristic for the respective material. 
For very small values of 7 we content ourselves with the first term and in this 
way find Hooke’s law. G is in this case called the modulus of shear or the 
rigidity. An analogous relation exists then for elongation, the corresponding 
constant being the elastic modulus. These two constants determine com¬ 
pletely the stress-strain behavior of an isotropic perfectly elastic solid, but of 
course only in the range of validity of Hooke’s law. In the stressed state a 
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certain amount of potential energy is stored up in the body. In our perfect 
elastic body it is entirely and solely dependent upon the state of deformation. 

The other limiting case, in which the shearing stress depends only upon 
the rate of deformation, defines a viscous liquid. Such a medium can, in a state 
of rest, support no other stresses than a hydrostatic pressure. Internal stresses 
other than hydrostatic pressure appear as soon as the various volume elements 
are set in motion relative to each other. This system of stresses in turn produces 
a continuously increasing deformation. The rate of this increase is determined 
entirely and solely by the stress system. These stresses are therefore in no 
way connected with the total magnitude of the deformation at any moment, 
and they disappear completely and immediately when there is no longer any 
change of shape produced in the medium. Consequently the deformation of a 
liquid mass can not give rise to any change in potential energy, as in the case 



Fig. 2. Rate of shear rs. shearing stress for a Newtonian liquid (A), a non-Newtonian 
fluid (B), and a plastic material with yield value (0). 

of an elastic body, and the work performed in this deformation is wholly con¬ 
verted into heat. The stresses acting in the deformed liquid are therefore of 
the nature of an internal friction. 

For the special case of an homogeneous shear we can, in analogy to equation 
la, describe this behavior by writing: 

t = f(D) - i jD + \D* +»D 3 + - (lb) 

Water, mercury’, or certain organic liquids, for instance, follow such a law under 
ordinary experimental conditions. For sufficiently small values of the shear 
rate we can again expand the function. If no shearing stress exists if the rate 
of shear vanishes, the first term of the expansion is linear, rj, X, and ix are ma¬ 
terial constants. The first term gives Newton's law, i.e., proportionality 
between shearing stress and shear rate, rj is then the viscosity coefficient. 
The work put into the liquid is used up for two purposes: part is used to main- 
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tain the kinetic energy of each moving volume element, and part is dissipated 
into heat. 

It is a familiar fact that these linear relations cover only a restricted range of 
mechanical behavior, as one may expect from the manner in which they have 
been developed here. The range is smaller for elastic bodies in respect to per¬ 
missible strains, as well as to the number of substances covered by it. This, of 
course, is in many cases due to the fact that sufficiently high shear rates are 
difficult to realize experimentally. Relations of the non-linear type (equations 
la and lb) have been applied by engineers to problems in the theory of elasticity. 
On the other hand, the behavior of various amorphous materials and solutions 
has been subjected to an interpretation in such a fashion (4). Figure 2 shows 
plots of the shear rate D versus the shearing stress r. The line A represents a 
Newtonian liquid with a fluidity given by the slope. An equation of the type 
of equation lb is represented by the line B. Case C does not correspond to a 
liquid in the sense that the stress is entirely determined by the rate of shear. 
For values of the stress smaller than a limiting value r/, the yield value as 
introduced by Bingham (2), no measurable shear rate appears. Such sub¬ 
stances behave, at least for small times of observation during which experi¬ 
mentally no flow can be detected, as a solid, unless the applied stress exceeds 
the critical value. The stress-rate of strain relation may then be approximated 
by a relation of the type 

r — Tf = rjD + \D 2 + • • • (lc) 

formed in analogy to equation lb. Restricting ourselves again to the first 
term, we arrive at the equation formulated by Bingham (2). 

RELAXATION AND ELASTIC AFTER-EFFECT 

Relations la, lb, and lc represent the simplest possible types for the function 
$ which gives the relationship between the measurable quantities in a stress 
experiment. Turning our attention now to a more general behavior, we may 
assume that the applied shear causes first an instantaneous elastic deformation 
in the sense previously discussed. This strain however, once produced, keeps 
on increasing with time. In other words, flow is produced in the medium. In 
this way specific time effects also will come into play, as tentatively proposed 
in the first general formula. In order not to make matters more complicated, 
we confine ourselves to the case in which the shear as well as the shear rate 
enter linearly into the equation for the shearing stress. It follows then from 
equation lb for a liquid that the application of a constant shearing force or 
tension will give rise to a shear or elongation increasing linearly with time. On 
the other hand, in an elastic body, whatever the stress-strain relationship may 
be, a certain elongation or shear is instantaneously produced. It furthermore 
remains constant for all times. A superposition of these two fundamental types 
of behavior was proposed first by Maxwell (22) some eighty years ago. Figure 3 
shows the behavior of such a system under the influence of a constant load. In 
the lower and in the upper diagrams the horizontal axis gives the time scale. 
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In the upper diagram the vertical axis gives the deformation and in the lower 
one the tension applied. At the beginning of the experiment a constant stress 
is suddenly applied. Then a jump in y is obtained. If we now continue to 
apply the stress ior a time interval U, viscous flow sets in and the shear increases 
linearly. A sudden removal ot the stress has then the expected result. The 
elongation goes back reversibly, in so far as it was due to elastic deformation; 
the other part remains as it would in a liquid. It may be seen from the dia¬ 
gram that for a short duration of the experiment (h small), a Maxwell body 
behaves like an ideal elastic medium. If we apply the stress for a very long 
time, then the upper ordinate keeps on increasing until the initial elongation 
becomes negligibly small compared with the total oik*. The system then reflects 
the behavior of an ordinary viscous liquid. It is easy to formulate a cor¬ 
responding mathematical expression under our restriction of linearity. We 
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Fig. 3. Dcformation-timo diagram for a Maxwell medium under constant stress 

can write, solving equation la and the integrated form of equation lb, for y 
at a time t: 

7(0 = ~ + ~ f rdt (2) 

Cr rj Jo 

One may consider the interplay of elastic and viscous mechanism in an alterna¬ 
tive manner by a superposition of the stress as due to a certain extension and 
that brought about by a rate of extension. The result is then different from 
that pictured in figure 3. In the modifications in which these concepts become 
applicable to the mechanical behavior of glasses and natural and synthetic 
high-molecular-weight fibers, this difference vanishes, as will be seen later. In 
order to arrive at another conclusion of fundamental importance, we consider 
now a second special case. We shear our substance with the aid of a given force 
to a given extent and keep this state of shear preserved. The question arises 
whether the shearing force necessary for this purpose is always the same. This 
is so in a perfectly elastic body, while a perfect liquid does not require the ap¬ 
plication of any force, except of course the hydrostatic pressure, in order to 
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maintain the liquid at rest. In order ,to answer this question for a Maxwell 
body we merely need to set 7(0 equal to a constant in equation 2. The stress 
necessary to keep the deformation at a constant value decreases from its initial 
value with time according to the equation: 

r = Gy exp ~ f J (2a) 

The stress and therefore also the elastic energy stored up in the deformed medium 
relax in the course of the experiment at a rate given by the ratio of the shear 
modulus and the viscosity. The larger this rate and the smaller the viscosity, 
the more do we approach the behavior of an ordinary liquid with zero stress. 
The smaller its value and the larger the viscosity, the more does a Maxwell body 
simulate the behavior of a perfect elastic body with constant stress. The ratio 
ti/G has the dimension of a time. We may call this time X the relaxation time. 
As in other phenomena like dielectric dispersion, X measures the time after the 
start of the experiment, at which the original value of the relaxing quantity, 



Fig. 4. Typical creep curve for inorganic glasses and high polymers 

here the stress, has decreased by a factor 1/e. X —> 00 corresponds then to the 
elastic solid, and X —► 0 to the viscous liquid. We are able now to formulate our 
previous statement more precisely. If we perform a shear experiment with a 
Maxwell system as described by equation 2, then two limiting cases can be 
distinguished. If the duration of the experiment is small as compared with the 
relaxation time, then a behavior corresponding to a perfectly elastic solid is 
found. If we perform it very slowly, on the other hand, we shall reach the 
point where the sample will exhibit purely viscous flow. 

Fluid materials like solutions of high polymers, which to a small extent possess 
elastic properties at higher concentrations, follow these relations rather satis¬ 
factorily. This has recently been shown again by Ferry (7) for concentrated 
solutions of polystyrene. However, silk threads examined by Weber (30) a 
hundred years ago, natural and synthetic high polymers, and glass fibers as 
shown, for instance, by Leaderman (20) and by Taylor and his collaborators 
(25), can not be represented in their mechanical behavior by means of Maxwell’s 
relations. Figure 4 show's the type of curves one obtains in a simple extension 
experiment, by plotting the relative elongation versus time. The second part 
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gives the gradual and partial recovery after the removal of the load. The first 
curve approaches as a limiting value a straight line after a sufficiently large time 
interval, which may amount to days, instead of starting immediately off with a 
constant slope as in figure 3. These phenomena have been called the “elastic 
after-effect.” While in a liquid the rate of shear is independent of time under 
constant shearing stress, it depends here upon the manner in which the body 
has been treated at previous times. A phenomenological theory allowing a 
quantitative evaluation of experimental data was developed by Boltzmann 
some sixty-five years ago (3). We shall briefly discuss its fundamentals and 
then establish a connection with the suitably extended theory of Maxwell. 

Boltzmann’s theory is founded on the following premises: The stresses acting 
on a body at a given time depend not merely upon the deformation at the same 
instant as in a perfect elastic medium, but also upon preceding ones. The 
decrease of internal stress at repeated deformations is the greater, the greater the 
previous shears and the sooner after them the shear under consideration occurred. 
The second assumption is the following: The influence of the various shears 
produced at various times can be superposed. If a body experiences repeated 
deformations, the respective decreases of the tension due to each of these are 
independent of each other. This principle of superposition may restrict the 
validity of these considerations considerably. Of course, the whole theory, 
containing only the first power of the shear, can hold only for relatively small 
shears, and for these superposition will be permissible. We can therefore write a 
stress-strain relation for a body with elastic after-effects in the following way: 

r(t, 7 ) = Gy(t) — [ a(t — oj)yM dw (3) 

The stress r is now a function of the time as well as of the deformation at the 
same instant /. In the case of an extension experiment on a thin thread, G is 
replaced by the elastic modulus. The second term represents a summation over 
all previous deformations which took place from time zero of our first extension 
experiment up to the present moment. The function a is a measure for the 
after-effect. It gives the relative importance of each previous deformation 
depending upon how long before the last measurement it took*place. Therefore 
the dependence upon t — w, a> being a particular instant in the history of the 
sample. The after-effect function will consequently decrease with increasing 
argument. The above relation reproduces for constant deformation the relaxa¬ 
tion of the stress and for constant stress the elastic after-effect. It is then 
possible to gain information about the character of the function o, for instance, 
from a curve of the type shown in figure 4. This requires the solution of the 
integral equation (equation 3). It will be discussed in the latter part of this 
paper. On the other hand, we may start with a more detailed picture and try 
to gain a 'priori some insight into the nature of the after-effect function. We 
turn back again to Maxwell’s concept of a mechanical relaxation time. Let us 
assume that there arc not one but two such time constants X x , X 2 characteristic 
for the sample and let X 2 be larger than Xi. If we now apply our stress rapidly 
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within a time small compared with both X constants, an instantaneous elonga¬ 
tion as in an elastic solid results. Applying our load now for a length of time 
comparable to or larger than we would obtain flow were it not for the pres¬ 
ence of the mechanism with the larger X 2 . If the time of observation is not 
, large enough, w*e shall find a behavior not very much different from that of 
an elastic body, although modified by the tendency of the first mechanism to 
produce flow. Only after the load has been applied for a period of time ex¬ 
ceeding X 2 , can flow be obtained in the sample. The presence of the slowly 
relaxing “elastic” component prevented a rapid setting in of flow. In a similar 
fashion the presence of the rapidly relaxing mechanism will prevent the medium 
from a rapid recovery after the stress has been removed. We see that this simple 
model reflects qualitatively the properties formulated in Boltzmann’s theory. 
The stress which the medium is able to support without flowing depends upon 
the previous shears experienced and also upon the time interval elapsed since 
then. For this determines whether none, one, or both mechanisms have already 
been exhausted, that is, have relaxed. We may go a step further and think of 
the presence of a whole series or continuous distribution of relaxation times. A 
more detailed analysis then shows this to be equivalent to Boltzmann’s theory 
with an explicit-form of his after-effect function in terms of the rates of relaxation 
of the system. We shall in the following revert to this point. It can be seen 
then, that the specific way in which these various elements in the model are 
coupled with each other, either by superposition of partial stresses or by partial 
shears, is of no particular importance. This introduction of a whole set of 
relaxation mechanisms, first proposed more than fifty years ago by Thomson (26) 
and Wiechert (31), actually allows an interpretation of curves of the type seen 
before. Extensive measurements on inorganic glasses seem to indicate that a 
few,—two or three,—relaxation mechanisms, are sufficient for an interpretation 
of the deformation-time curves obtained (14, 25). On the other hand, there are 
the extensive data of Fuoss (10) on the dielectric dispersion of polar vinyl 
derivatives and of Hartshorn, Megson, and Rushton (13) on phenolic resins. 
Fuoss and Kirkwood (10) were able to show that the broadness of the dispersion 
curves obtained requires‘a modification of the original Debye theory by an 
introduction of a whole spectrum of dielectric relaxation rates. As far as one 
can judge from the results available, a whole spectrum of mechanical relaxation 
times must be assumed also in an interpretation of the plastoelastie properties 
of high-polymeric materials. Kuhn (19) has attempted to correlate the high 
elasticity of rubbers with the presence of several relaxation frequencies of widely 
varying order of magnitude. 

MOLECULAR INTERPRETATION FOR HIGH POLYMERS 

The manner in which these last concepts have been introduced appears some¬ 
what ad hoc and the relaxation constants have more or less the function of 
curve-fitting parameters. It is therefore appropriate to attempt a more de¬ 
tailed understanding of the processes involved in terms of molecular properties. 
Let us consider a more or less perfectly crystalline system in an unstressed 
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state. Then the forces between the constituents will produce a regular se¬ 
quence of potential maxima and minima in the well-known fashion. In these 
potential holes the particles will vibrate and may be able occasionally to shift 
their positions, utilizing their thermal energy and imperfections of the lattice. 
However, no preferred direction exists. In a state of deformation, on the 
other hand, there is additional potential energy stored up. It is easier now for 
molecules with an exceptionally large thermal energy to jump into more stable 
positions of smaller potential. The energy lost in these jumps will be dissipated 
into heat which can be utilized for further jumps. If such “relieving” transi¬ 
tions occur repeatedly, then the potential energy in the system will decrease 
to a measurable extent, in other words, the stress necessary to maintain the 
deformed state will become smaller; we obtain relaxation. The extent of this 
relaxation will, at a given temperature and external stress, depend on the rela¬ 
tive stability of the various molecular configurations. If there is a wide dis¬ 
crepancy between the various positions and sufficient heat motion as in a liquid, 
then molecular jumps and therefore large-scale relaxation will be favored. On 
the other hand, in a rigid lattice like that of the diamond the stress will not be 
able to create sufficient differences and the magnitude of the relaxation becomes 
vanishingly small. One can further think of a case in which the external forces 
operative are such that equilibrium requires a constant value of the stress, for 
instance, in an elongation experiment with constant load. Then every relaxation 
of the internal stress causes a disturbance of equilibrium. In order to compen¬ 
sate for this, the deformation will again increase to such an extent that the 
internal stresses regain their equilibrium value. If the relaxation process 
continues, then the deformation must steadily increase and we arrive at a 
state of flow (4, 22). 

A relaxation time can be considered as an inverse rate constant: 

X = Xo exp 

where U is the free energy of activation for the molecular process which is respon¬ 
sible for the relaxation of those internal stresses which occur by means of this 
particular mechanism. If we interpret Xo as a mean lifetime, then U represents 
the energy of activation. The relaxation spectrum of a high-polymeric 
material will consist of various regions with varying values of entropy and 
energy of activation. 

According to what was said above, in a body in which the stress is not entirely 
determined either by the deformation alone or by the rate of deformation, 
elastic strain is exhibited as well as flow. In the course of the first, each mole¬ 
cule retains identical neighbors on the average, while in the latter this is no 
longer the case. This and some of the following points have been formulated 
in a similar fashion by Kargin and Slonimsky (17). The elastic deformation 
of a body with symmetric constituent particles, such as a rock salt crystal or 
a metal, involves the change of distances between the particles against chemical 
forces. This concept leads to the familiar interpretation of the elastic moduli 
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of crystalline solids. In the case of asymmetric molecules, and therefore in 
particular in the case of high polymers, there are additional effects, in par¬ 
ticular, entropy effects. Owing to the more or less free rotation of each mono¬ 
mer unit around valence bonds, the whole chain possesses a certain internal 
flexibility which allows fluctuations of the molecular shape about an average 
shape by means of thermal motions of parts of the chain (8, 11, 18). 

Starting with the highest frequencies, the different regions of this spectrum 
can be related roughly to three different mechanisms which, however, overlap 
one another. The application of a stress will tend to orient parts of a chain 
and also the molecule as a whole. This orientation can be separately observed 
in polar molecules if the frequency of the electric field is varied. The dielectric 
relaxation time of an ordinary polar molecule is, according to the Debye theory 
(5), determined by its rotational mobility which, in turn, depends also upon 
the viscosity of the surrounding medium. As mentioned before, a whole set 
of relaxation times is found in polar polymers, and it has been shown by Fuoss 
and Kirkwood (10) that a linear chain molecule exhibiting Brownian movement 
of its parts must of necessity possess a multitude of electric relaxation times. 
Part of the mechanical spectrum will have the same origin. However, from 
a hydrodynamic point of view the diffusion of these segments in a field of shear 
is different from the one in an electric field. We shall be concerned not only 
with rotation but also with dilatational movements; similarly, as in a viscosi¬ 
meter, the flow around a solute molecule can be resolved into rotation and 
dilatation besides a translation (15). If we look at our group of molecules 
before and after the elastic deformation, we find that certain distances in a chain 
and between chains have been slightly increased in the direction of the stress 
and slightly decreased in other directions. These changes are responsible for 
the first part of the spectrum. The corresponding relaxation times may be 
expected to be of the order of magnitude of fractions of seconds. 

Secondly, the average external shape of the molecule as a whole or the whole 
network will be altered. The free energy of activktion is larger here than previ¬ 
ously and it is more difficult for the part of the tension connected with it to 
relax than for that due to the above slight changes. The relaxation time will 
increase with the size of the molecule and with its internal stiffness. It will 
be smaller, for instance, for a rubber molecule than for that of a fibrous material. 
In a small molecule, the change of a few internal distances will also restore the 
total molecular shape. Frenkel (8) has actually shown that the relaxation time 
connected with the ability of a linear chain molecule to assume various shapes 
with varying corresponding values of the entropy is proportional to the number 
of statistically independent units in the chain,—in other words, to the molecular 
weight,—if we remain within one homologous series. It is further inversely 
proportional to the internal diffusion coefficient, which describes the Brownian 
movement of one end of the chain relative to the other. This result was de¬ 
rived for an isolated chain. It will be influenced by the forces between different 
chains in the direction of increasing relaxation time, even if no cross links are 
formed. An extension of Frenkel’s work, on the basis of the results obtained 
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by the statistical treatment of flexible networks (12), appears possible. The 
final result, however, will always be of the type given above, that is, it will 
depend upon the effective chain length. 

Thirdly, we have the region of the distribution curve pertaining to the rela¬ 
tive translational displacement of whole chains. The relaxation times are 
large, because the corresponding energy barrier is determined by the sum of 
interactions of the members of the chain. A clear-cut separation of elastic 
deformation and viscous flow is not possible. Both processes occur simultane¬ 
ously, although with varying relative importance at different instances, during 
the experiment. Flow will become preponderant at a time comparable with 
the relaxation time due to the interaction of whole chains. Every means to 
increase this interaction,—for instance, crystallization or formation of cross 
links, as in vulcanization,—will increase this relaxation time. On the other 
hand, crystallization will decrease the importance of what we may call briefly 
“long-chain effects” and in this manner make the spectrum narrower. The 
formation of cross links, while making flow much more difficult, will not appreci¬ 
ably affect the long-chain effects, and therefore the elastic properties, if the 
chains are sufficiently long and the number of cross links is small compared with 
the number of intramolecular links. 

We may finally mention one other factor, the inhomogeneity in respect to size. 
Its influence must be secondary, unless the disparities in molecular weight are 
very extensive. Those parts of the spectrum originating from the motions of 
the segments will remain almost unchanged. The relaxation of the mean length 
of the molecule, which is proportional to the molecular weight, will be affected 
and so will the flow, as expressed in the macroscopic viscosity. The last group 
of relaxation times will be most strongly altered, as is shown in the plas¬ 
ticizing action of the lower end of the molecular size distribution. 

The quantitative side of this picture has at present been developed only for 
certain parts of the relaxation spectrum: namely, the large ones and those 
conditioned by the fluctuations of the shape of long molecules. Prandtl (23) 
has considered a simple one-dimensional model. It consists of a row of mole¬ 
cules in thermal motion, bound elastically to their positions of rest and subjected 
in addition to a periodic force field characteristic for a lattice. Under the 
influence of an external stress, this field passes over the row. Hysteresis is 
found, relaxation effects are reproduce^ by this model, and the existence of a 
yield value can be made plausible. An extension of Prandtl\s remarkable work 
to include the peculiarities of chain-like molecules may enable us to say more 
about the distribution of relaxation times on the basis of the theory. 

DETERMINATION OF THE RELAXATION SPECTRUM 

While the theoretical determination is a very difficult problem, one may 
attack this question from the experimental end. Isakovich, Leontovich, and’ 
Frenkel and Obrastzov (9) have formulated a theory of absorption and propaga¬ 
tion of shear waves in media with several relaxation times. In this manner we 
may be able to gain information about parts of the spectrum through the use 
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of supersonics. On the other hand, static creep experiments can be evaluated 
for the same purpose, at least for those parts of the spectrum which are still 
operative when the first reading is taken. The following equations epitomize 
the method (24) for the special case of elongation of a thread of the material 
under the influence of an external stress r„ x . 

Let us assume, in agreement with our previous considerations, that there 
are N relaxation mechanisms, each characterized by a relaxation time X< = 
l/vi, where v { is the corresponding rate of relaxation. Each of these con¬ 
tributes a stress component n such that 

H Ti = Hat (4) 

. t-1 

where Ti„t. represents the total internal stress. 

If t«. denotes the external stress, equilibrium requires, in the case in which 
inertia can be neglected, 

rint. = (5) 

Equation 2 gives for r,-, as a function of the rate of deformation dy/dt at a 
particular moment T: 

n(T) = V(0)e-" r + j[ T e~' i(T -% ^ d It i = 1, 2 • • • N 

where £\ is the elastic modulus of species i which comes into play if we perform 
an extension rather than a shear experiment. 

This equation, together with equation 5, determine the behavior of the vis¬ 
cous-elastic body. The problem has been explicitly solved for two and three 
relaxation mechanisms by Bennewitz and Rotger (1) and Jenckel and Holz- 
muller (14). For a large set the equations can not be evaluated without great 
numerical effort and we assume, as described above, that there exists a con¬ 
tinuous distribution function of frequencies p,0(v) such that E<f>{v)dv gives 
the elastic modulus of the-band in the range dy. E is the total elastic modulus 
measured in the limit t = 0, when our body behaves like a perfect elastic solid. 
Let us further define with Wiechert (31) a function 

t(t) = 'ZE i e~’ i, ±+E d* 

»-i Jo 


and consider that 


r.(0) - T -^- } E< 

then our fundamental equations yield 

r«.(T) - +(T - t) ^ dt + m 


(6) 
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Integrating the above integral by parts, the equation becomes identical with 
Boltzmann’s relation (3) if we connect the after-effect function with \p by means 
of the relation: 


a(t) = 


m) 

d i 


Our particular picture of the relaxation leads to a special functional type for a. 

Equation 6 represents an integral equation in \p(t) if the creep rate &y/dt 
is known. In this manner, also, the nature of the Boltzmann function for the 
particular material under stress can be determined by solving the integral equa¬ 
tion. For this purpose it is necessary to express the creep curve in an analytical 
form. 

We denote by L+(u) the Fourier transform of the ^-function in the interval 
0 < T < «> 

Z*(u)--jL rme'^dy 

V2t r J o 


and correspondingly for k(t) = Ay/i\t and the stress t ox .(0- 

It has been shown (24) that the solution for \p can then be written as a com¬ 
plex integral: 


*(v) = 


V2 


ur 


Lr„.(u) 


T --~ + V2wLt(u) 


— c _, *“ du 


(7) 


Differentiation then yields a(y ). 

On the other hand, we can obtain the frequency spectrum <f>(v) as defined 
above. It is given by 

= 2 ^ 'K*u)c"" du 

If the distribution is known, then the creep curve can be calculated for any 
other load provided, of course, we remain within the limit in which the relaxa¬ 
tion times are independent of the stress. This requires a solution of the inte¬ 
gral equation 6 in d 7 /d* for a given \p. It is developed in reference 24. 

Kargin and Slonimsky (17) mention measurements on natural rubber and 
cellulose and give an expression for the after-effect function in these cases. 
However, no experimental data are presented and no further publications 
have come to the author’s attention in which their considerations are presented 
in full. It must be assumed from the treatment given that the character of 
the a-function was determined from stress-relaxation experiments and not 
from creep data, since no equations are developed for this case. Kargin and 
Slonimsky’s function leads to the following expression for \p: 

W) - £ 1 (e~ c “ - 1) 

with Ei, c, and k constants and k < 1. 
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Investigations have been started here to determine the distribution of relaxa¬ 
tion times and the creep curve corresponding to this expression for It must 
be stressed again that this theory is restricted to the region of linear stress-strain 
and stress-strain rate relations in which the relaxation times are independent of 
the load applied. This limits us to small loads and to small rates of crystal¬ 
lization upon extension, since the frequency curve was assumed to remain 
constant during the course of the experiment. An approach free from the above 
restriction has been given by Tobolsky and Eyring (27). The creep recovery, 
as well as vibration data, can be subjected to a similar analysis; however, the 
equations are more complicated and their discussion has therefore been omitted. 

On the basis of one characteristic time constant which must represent some 
sort of an average, Eley (6) and Tuckett (28) have recently attempted to cor¬ 
relate the viscous-elastic behavior of plastics and rubber-like materials with 
their molecular structure. It may be expected that a consideration of quan¬ 
tities such as the width of the frequency curve will throw further light on this 
question in analogy to the interpretation of characteristic properties of high- 
molecular-weight products on the basis of the whole distribution of molecular 
sizes rather than on that of a mean size. 

Relaxation processes have been discussed by Jenckel and Uberreiter (1C, 29) 
in connection with the transition points of high polymers observed in their 
thermal expansion. The relaxation time measures the rate at which the molec¬ 
ular rearrangement proceeds upon cooling. This average time will be related 
to the larger relaxation times responsible for the behavior of these materials 
under stress. Analogous connections can be established in regard to other 
transition phenomena of the second order observed in rubbers, plastics, and 
glasses (24). 

The simultaneous investigation of creep behavior, dielectric dispersion in 
polar materials, mechanical absorption and dispersion, and the study of transi¬ 
tion points will enable us to place such considerations on a more exact and 
quantitative basis. 


SUMMARY 

Elastic relaxation, elastic after-effect, and creep, characteristic for inorganic 
glasses and high polymers, are considered. The behavior of such materials is 
characterized by the existence of a whole set or a distribution of mechanical 
relaxation frequencies. Similar conclusions have been reached on the basis of 
the dielectric dispersion of polar polymers. Three molecular mechanisms deter¬ 
mine roughly the relaxation spectrum of a high polymer. The reaction of the 
chain segments to the applied stress, the change of shape of the chain as a whole, 
and the mutual interaction of chains. It is shown how the Boltzmann memory 
function and the spectrum may be obtained from creep data. 
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Deviations from the first-order rate have been observed for the mutarotations 
of many sugars (4). These complex rates are quite generally expressible by the 
equation: 

6 = Ae~ mit + Ber mit + C (1) 

Lowry and Johns (5) have shown that this is the form of equation to be ex¬ 
pected for reactions of the type: 

fa fa 

a ii t=; p (2) 

k\ fa 

Smith and Lowry (7) were able to apply this reaction mechanism satisfactorily 
to the complex mutarotation of a-d-galactose and 0-d-galactose, and they were 
able to evaluate the rate constants A?i, fa, fa, and fa, as well as the specific rotations 
of the three postulated sugar forms at both 0°C. and 20°C. Since the normal 
n-0 interconversion would seem to require some form of open-chain inter¬ 
mediate, it was supposed that the m component, postulated above, was that 
intermediate. 

More recently Isbell and Pigman have presented evidence that levulose and 
certain other sugars undergo a mutarotation that may be considered a furanose- 
pyranose interconversion. This interconversion is found to be rapid when 
compared with ordinary mutarotation. In equation 1 for complex mutarota¬ 
tion, one of the exponentials is always found to be large, the other small. The 
smaller exponential is generally of the same order of magnitude as the exponen¬ 
tial in the equation 

6 « Ae~ mt + C (3) 

which expresses the first-order rate of mutarotation of glucose and certain other 
sugars. Isbell and Pigman have considered the smaller of the exponentials in 
equation 1 to be related to ordinary a-fi pyranose interconversions, and the 
larger exponential to be related to furanose-pyranose interconversions. They 
have thus sought to explain mutarotation by a mechanism more complex than 
that of equation 2, i.e., their mechanism involves at least four sugar forms. 
In support of their mechanism Isbell and Pigman have shown that the larger 
•exponential term is dependent on the temperature and pH of the solution in a 
manner quite similar to the dependence of the rate of the mutarotation of 
levulose upon those elements of environment. They also use this mechanism 
to account for the complex “thermal mutarotation” of d-galactose and the 
mutarotation of a pseudo-equilibrium mixture of a- and /3-d-galactoses (4). 

While the Isbell and Pigman explanation appears useful for the mutarotation 
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of levulose and analogous sugars, it does not qualify as one of general application. 
First, it is not acceptable as a means of accounting for the complex mutarotation 
of diacetone mannose (2). The pyranose carbon in this diacetone sugar is 
definitely blocked by the acetone linkage with it. Second, the furanose-pyran- 
ose hypothesis does not acceptably explain the complex mutarotation of 
tctramethyl d-pyranogalactose (1). In this sugar the carbon atom which 
would make possible the formation of a furanose ring is methylated, so that it is 
not available for such a formation. Third, the mechanism which Isbell and 
Pigman propose is very complex, and it is not to be expected, on the basis of their 
mechanism, that the exponentials should have the physical interpretation which 
Isbell and Pigman assign to them. The danger in such an assignment is il¬ 
lustrated by reference to equations 4 and 5, where the constants in the expo¬ 
nential of equation 1 arc expressed in terms of the velocity constants in equation 
2 for that comparatively simple reaction mechanism. 

Mi = + fas + fca + ki) 

+ v/ (k\ + + fa + ki) 2 — 4(k\ki + fcifci + ^ 2 ^ 3 )] (4) 

M2 = §[(fci + ki + kz + ki) 

~~ (ki + ki + fa + ki) 2 — 4(kiki + fcifcj + fefa)] (5) 

The preparation of methyl furanosides of many of the aldohexoses is evidence 
that furanose forms of these sugars are present in solution. It still remains an 
important question, however, whether the furanose sugars or the intermediate, 
n, proposed by Smith and Lowry, are most important in solution. If it can be 
determined which sugar forms are responsible for the deviations of mutarotation 
from the first-order rate, this problem can probably be considered solved. 

Lowry and Smith (0) have successfully accounted for the complex mutarota¬ 
tion of a- and #-rf-galaetoses at 20°C. and 0°(\ by reaction 2. This mechanism 
can be tested further by studying its ability to account for the thermal mutarota¬ 
tion of d-galactose and the mutarotation of a pseudo-equilibrium mixture of 
a- and 0-d-galactoses. 

In thermal mutarotation an equilibrium solution at a higher temperature is 
cooled quickly to a lower temperature, and the change in rotation is observed 
while equilibrium is established at the lower temperature. No matter what 
mechanism is chosen for mutarotation, the reaction would proceed according to 
the rate at the lower temperature, and the final rotation would be just that of 
an equilibrium solution at the lower temperature. 

Lowry and Smith have found the mutarotation of a-d-galactose to be expressed 
by the following equations: 1 

At 20°C.: Mm6i - 71.7c"" 0 ' 01881 + 7.1er 0 ' 1461 + 94.2 

At 0.8°C.: W 5461 = 73.3c”* 0 002161 + 3.1c~ 0 0371 + 98.7 

1 The equations of Lowry and Smith (6) have been multiplied by an appropriate factor 
to convert to specific rotation. 
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For /8-rf-gaIactose they found: 

At 20°C.: MS. = -35.7e- 0 0,88< + 5.2e-° U6 ‘ + 94.2 

At 0.8°C.: [aft = -34.6e- 0 0051 *' + 2.3e HU “‘ + 98.7 

The equation for the “thermal mutarotation” of d-galactose between 20°C. 
and 0.8°C. then should be: 

[aUm - Ae^ mui + AT 0 -" 7 ' + 98.7 

To determine the constants A and B is impossible, unless some mechanism 
is adopted for the reaction. Even to calculate the initial specific rotation after 
cooling, it is necessary to know how the specific rotation of each sugar form 
changes with temperature, and the percentage of each form in the equilibrium 
at the higher temperature. 

Adopting mechanism 2, the following differential equations are set up: 

Tt = “ ha Tt = ki,i ~ M 

“jr = faa + fafi — (fa + ki)jjL 


Solving, under the condition that a + 0 + m = 1: 


a 


_ fa fa _ 

ki ki + kikt + kik s 


-|- Ce +Ml< + De 4ra2 ‘ 


( 6 ) 


P - 


ki k t 


kikt “H kikz kik} 


+ Ce™' 1 (- - ki 

\ h / 


- De™ 1 


t fki + kt + mt\ 

\ h ) U) 


The constants nil and m 2 for equations 6 and 7 above have been expressed 
previously in terms of the velocity constants k h k 2 , k», and k t in equations 4 
and 5. 

From Smith and Lowry’s paper (6) the following values are abstracted: 
Velocity constants at 0.8°C.: A;i = 0.0024; k t = 0.0134; k 3 = 0.0018; k t = 
0.0216. Specific rotation of each sugar at 0.8°C.: a = 175.0; 0 = 66.4; n = 
61.0. Equations 6 and 7 then become 


a = 0.300 + Ce~°- mw + De~" M7 ‘ (8) 

0 = 0.646 + 1.015CV 0 00216 ' + 1.58jDe~°' 037 ‘ (9) 

At 20°C. Smith and Lowry calculated the equilibrium mixture to contain the 
three sugars in the percentages of 28.5 for a, 59.5 for 0, and 12.0 for n. By use 
•of these as the initial concentrations for the “thermal mutarotation” the C and 
D of equations 8 and 9 may be found. 

From equation 8: D + C = —0.015. 


From equation 9: 1.58D — 1.015f = —0.051 
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Then C = 0.010 and D = —0.0254. When restated, equations 8 and 9 become: 

a = 0.300 + 0.010e“° 00216 ‘ - 0.0254r°‘ M7f 

0 = 0.646 - 0.010e~° 00216< - 0.040<T° 037 ' 

and since \x = 1 — a — 0, then 

ti = 0.054 - 0.0002rr° 00216< + O.OO6e“°* 037< 

Multiplying each of these equations by the specific rotation of the appropriate 
sugar and adding, the following equation for thermal mutarotation results: 

Mmai = 1.09c” 0 * 00216 ' - 3.1 le ~ 0 ’ 037 ' + 98.7 (10) 

Isbell and Pigman have studied the thermal mutarotation of (/-galactose pro¬ 
duced by cooling an equilibrium solution from 25°C. to 0°C. The authors 

TABLE 1 


Thermal mutarotation of d-galactose from 20° to 0°C. 


TIME 

OBSERVED (authors ) 

! COMPUTED (EQUATION 11) 

OBSERVED (ISBELL 

AND PIGMAN) 

minutes 




0 


82.3 

81.9 

16 

S3.5 

83.4 

83.1 

40 

84.2 

84.3 

83.9 

00 

84.3 

84.5 

84.3 

100 


84.0 

84.6 

111.7* 


84.6* 


140 

84.6 

84.6 

84.7 

1180 

84.6 

84.1 

84.6 


84.0 

84.0 

84.0 


* Point of maximum rotation. 


have carried out the thermal mutarotation by cooling an equilibrium solution 
from 20°C. to 0°C. Both observations were made using the D line of sodium. 
Converting equation 10 to the D line, the equation becomes: 

[a] D * 0.93<r 0 00216 ' - 2.65<r u 037< + 84.0 (11) 


In table J, specific rotation values at various times, calculated from equation 11, 
are compared with the values observed by Isbell and Pigman and by the authors. 

If a- and £-d-galactoses are mixed in the correct ratio to give the equilibrium 
rotation, it is found that the rotation of the solution changes with time, decreas¬ 
ing to a minimum and then returning to the equilibrium value. Isbell and 
Pigman (3) have carried out such an experiment, at 0.3°C. In table 2 their 
values are given, together with values calculated from the data of Low r ry and 
Smith (6). The method of calculation is just that outlined before, except that 
the initial conditions are changed to per cent a = 29.75, per cent 0 = 70.25, 
and per cent g = 0. Again the rotation has been changed to the I) line of sodium 
for comparison with the values of Isbell and Pigman (3). The final equation is: 


t«] D = 84.0 - 2.17e-°- mtt 


—0.037 f 


( 12 ) 


- 2.18e 
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Examination of tables 1 and 2 impresses one with the fact that the agreement 
between the observed values and those calculated adopting equation 2 as the 
mechanism of complex mutarotation is quantitatively significant. It is to be 
emphasised that calculation of the course of thermal mutarotation and the 
mutarotation of a pseudo-equilibrium mixture from ordinary mutarotation data 
can be made only if a mechanism for the mutarotation is assumed. Indeed, the 
mechanism proposed by Isbell and Pigman has not been made specific enough 
to permit the calculation. It would appear, then, that the mechanism proposed 
by Smith and Lowry has enough advantages to be given preference over pyran- 
ose-fujrantiee inter^jpivcrsion as a means of explaining the complex mutarota¬ 
tion of the aldbhej&s&L It should be worthwhile to study the mutarotations 
of fully methylated pyranose and furanose sugars for deviations from the first- 
order rate, as such deviations would be permitted by the Smith and Lowry 
mechanism only. 


TABLE 2 


Mutarotation of a pseudo-equilibrium, mixture of a - and P-d-galactoses 


TIME 

wy 

(observed) 

wy 

(computed) 

TIME 

wy 

(observed) 

wy 

(computed) 

minutes 



minutes 



0* 


84.0 

43.4 

82.2 

82.5 

4.7 

83.7 

83.7 

61.4 

82.0 

82.3 

9.2 

83.5 

83.5 

88 


82.3 (mini¬ 
mum) 

21.0 

82.8 

82.9 

120 

82.1 

84.0 

82.4 

84.0 


SUMMARY 

By the reaction mechanism given in equation 2 the data of Lowry and Smith 
for the mutarotation of or- and 0-d-galactoses at 20°C. and 0°C. have been used 
to calculate the course of (a) “thermal mutarotation,” which occurs when an 
equilibrium solution at 20°C. is cooled quickly to 0°C., and ( b ) mutarotation of 
a pseudo-equilibrium mixture of a- and 0-d-galactoses at 0°C. The calculated 
results are compared with the observations of Isbell and Pigman and others, 
and the agreement is shown to be significant. 

The furanose-pyranose in ter con version, proposed by Isbell and Pigman to 
account for complex mutarotation, is not adequate for general application, and 
it is not as advantageous as the Lowry-Smith mechanism for some cases. 

(a) Furanose-pyranose interconversion will not explain the complex mutaro¬ 
tation of diacetone mannose or of tetramethyl-d-galactopyranose. 

(ib) The physical significance given the constants in the equation expressing 
the rate of mutarotation have very doubtful theoretical justification. 

(c) The mechanism is inadequate to account quantitatively for thermal muta¬ 
rotation and the mutarotation of a pseudo-equilibrium mixture of a- and /3-d- 
galactoses from the mutarotation of a- and /3-d-galactoses. 
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Of the two mechanisms, only that of Smith and Lowry would permit complex 
mutarotation of the fully methylated furanose and pyranose sugars. It is 
suggested that the mutarotations of these sugars be examined for deviations 
from the first-order rate. 
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INTRODUCTION 


There is a great, deal of information in the literature on the partition of ions 
between water and siliceous cation exchangers such as clays and synthetic 
aluminosilicates. Experiments have been described in which a weighed quantity 
of exchanger was saturated with one ion, say sodium ion, then shaken with a 
solution of a salt of another cation, say calcium, until no further change was 
apparent, and the final distribution examined. As a rule, this distribution was 
not an equilibrium state, because in the few cases where this was tested, dif¬ 
ferent results were found according to whether one started with ion A in the 
exchanger and ion B in the solution or vice versa. However, equations such as 
the following were used to correlate the results: 

_ K J A+ 

\BV in exchanger \B^ 




in solution 


(i) 


This, the simple law of mass action, fitted the results of Mpller (4). 

to * 


a !\ = K .(±y 

.B'*’/in exchanger \B"v in aolutlon 


( 2 ) 


This equation, which is empirical, was first used by Rothmund and Kornfeld 
(5). The index p is about 0.5. 


(A + )i„ 


exohanger 


K 


(»:. 


solution 


( 3 ) 


This equation, also an empirical one, was used by Jenny (3). Ion A + is originally 
in the solution, ion B + in the exchanger, p is 0.2 to 0.8. 

The data for siliceous exchangers have been reviewed more fully elsewhere (6). 

It is desirable to repeat experiments of this kind with the new carbonaceous 
exchangers, for two reasons: first, their great and growing use in water purifica¬ 
tion; and second, their relatively great speed of reaction, which makes them 
more likely to reach a real ion-exchange equilibrium than the siliceous ex¬ 
changers. 


EXPERIMENTAL 

A. Material 

The exchanger used in the present study was “Zeo-Karb”, a so-called sul- 
fonated coal made by the Permutit Company. It was received as 20-40 mesh 

1 This paper was presented on September 10,1942, before the Division of Colloid Chemis¬ 
try at the 104th Meeting of the American Chemical Society, which was held at Buffalo, New 
York, September 7-11, 1942. 
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grains, brighter looking and rougher than ordinary granulated coal. The grains 
swell considerably in water, and are extremely permeable to aqueous solutions, 
undergoing cation exchange very rapidly. One batch of Zeo-Karb was used 
throughout. It was ground and screened 40-80 mesh, washed with concentrated 
hydrochloric acid to remove metallic cations and the small amounts of iron oxide 
present, then rinsed with water, and air dried. Portions were charged with 
sodium ion, potassium ion, calcium ion, and barium ion by passing solutions 
of the respective chlorides through beds of the material until the effluent was 
barely acid to methyl orange, then washing with water and air drying. The 
moisture content was found by drying weighed samples at 105°C.; the content of 
metal ion was found by combustion and analysis of the ash. The latter was 
about 1.5 milliequivalents per gram. 


B. Extent of swelling 

Before beginning the exchange experiments it was necessary to know how the 
degree of swelling was affected by the replaceable cation and the concentration 
of the surrounding solution, since Graf (2) noted in his work with casein that 


TABLE 1 

Swelling of Zeo-Karb 


Tapped-down bulk volume in hexane and in air . 

Displacement, or true, volume in hexane . 

Tapped-down bulk volume in water. 

Whence, displacement volume of swollen granules 

in water (calculated). 

Swelling in water (calculated). 


1.42 cc. per gram of dry Zeo-Karb 
0.70 cc. per of dry Zeo-Karb 
2.04 cc. per gram of dry Zeo-Karb 

1.09 cc. per gram of dry Zeo-Karb 
0.33 cc. per gram of dry Zeo-Karb 


swelling considerably affects the ion exchange. A sample of Zeo-Karb was 
supported on a suitable screen within a vertical graduated tube and left immersed 
in water for a few days until the swelling had reached a maximum. By back- 
washing and draining a reproducible bed volume could be obtained; this was 
measured with Ca ++ , Na^, and H + as the replaceable cations and with electrolyte 
concentrations in the solution wetting the Zeo-Karb varying from 10 ~*M to 1 M . 
The bed volume remained unchanged (within ± 1 per cent), and so variations 
in swelling during the subsequent exchange experiments were ignored. 

For reasons which will appear in the next section it was desirable to know the 
absolute increase in volume of the granules on swelling in water. The true 
volume of swollen Zeo-Karb could not be found directly, owing to the highly 
irregular shape of the granules, but the true volume of the dry granules was 
found by immersion in a known volume of hexane in a graduated cylinder, and 
reading the volume of liquid displaced. Hexane has no appreciable solvent 
action on Zeo-Karb, nor does it seem to promote swelling, since the bulk volume 
of the granules (read by the level reached by the surface of the material in the 
cylinder after tapping down) is the same in hexane as in air. The bulk volume 
of the swollen granules in water was easily found, and by assuming that the 
ratio of true volume to bulk volume was the same in water as in hexane, the 
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true volume of the swollen granules in water could be calculated. The data 
were as shown in table 1. 

C. Donnan equilibrium 

Cation-exchanging bodies are commonly considered to be gel-like structures 
bearing fixed negative charges, with mobile positive ions distributed through 
the gel cavities. If this is true, there should be a Donnan equilibrium set up 
when the gel is immersed in a salt solution, and the solution within the gel will 
contain a much lower concentration of salt anions than that outside. This 
amounts to a partial exclusion of the dissolved salt from the gel. When dry 
sodium Zeo-Karb is added to a dilute sodium chloride solution, the salt con¬ 
centration in the solution should rise, as the granules on swelling will imbibe 
nearly pure water. This was found to be the case. 

Nine and five-tenths grams dry weight of sodium Zeo-Karb, containing 1.1 g. 
of moisture, was added to 50.0 cc. of 0.1005 N sodium chloride. After swelling 
had ceased, the supernatant liquid was found by analysis to be 0.1060 N. In 
a similar experiment in which 25.45 g. dry weight of hydrogen Zeo-Karb contain¬ 
ing 1.55 g. of moisture was added to 60.0 cc. of 0.1010 N hydrochloric acid, the 
concentration of the supernatant liquid rose to 0.1165 N. Similar results were 
obtained with calcium Zeo-Karb and calcium chloride solution. 

In the first experiment, the volume of water taken into the gel was computed 
to be 3.1 cc., using tl^e data of table 1. Assuming complete exclusion of sodium 
chloride from the gel, this would lead to a salt concentration in the supernatant 
liquid of 0.1050 N. Similarly, in the second experiment, the uptake of water 
on swelling was estimated as 8.40 cc., leading to an expected maximum con¬ 
centration of acid in the supernatant liquid of 0.1140 N. The fact that the 
actual concentrations were somewhat greater than these suggests that the swell¬ 
ing was greater than calculated in table 1; this would be the case if the grains 
swelled more in their hollows than at their outer corners. At any rate, it seems 
safe to conclude that a large proportion of the metal or exchangeable hydrogen 
in Zeo-Karb exists as ions, and not as covalently bound atoms, for if there were 
no free ionic charges in the solid there would be no exclusion of electrolyte! from 
the swollen gel. 


I). Exchange experiments 

Portions of 0.5 to 8 g. of Zeo-Karb containing a desired exchangeable cation 
were shaken end-over-end in bottles with 50 to 200 cc. of a solution of the 
chloride of another cation. Two concentrations of salt were used, N /10 and 
N/ 25, and all the experiments were performed at room temperature (22° to 
27°C.). Tests showed that the same distribution of cations between solid and 
solution was obtained after 1.5 to 6 hr. as after 72 hr.; the standard shaking 
time adopted was 12 hr. Most of the exchange was over in a few minutes, 
but the final approach to equilibrium was slow. After 12 hr. the solution, and 
in some cases the solid, was analyzed, and the concentration of the two ions in 
the solution and in the solid were estimated. 
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The results are shown plotted in logarithmic form so as to give a straight line 
if equation 2 above is obeyed. To save space only a few representative data 
are tabulated. 


RESULTS 

A. Sodium-potassium exchange (table 2 and figure 1) 

This exchange proved to be fully reversible, sodium Zeo-Karb plus potassium 
chloride giving points which fell on the same line as those for potassium 2560- 

TABLE 2 

Sodium-potassium exchange 

Potassium Zeo-Karb contained 1.42 milliequivalents of potassium per gram dry weight, 
from analysis of ash. Assuming equivalent exchange, sodium Zeo-Karb contained 1.45 
milliequivalents of sodium per gram dry weight. Solutions were analyzed for potassium 
by the volumetric cobaltinitrite method of Brown, Robinson, and Browning (1938), 
which gave excellent results on known potassium-sodium mixtures. The sodium content 
of the solution and the composition of the solid were found by difference. 


CATION IN SOLID 

WEIGHT OF 
SOLID (DRY 

basis) 

VOLUME OF 
SOLUTION 

CONCENTRATION 

of NaCl or KC1 

BEFORE 

EXCHANGE 

CONCENTRATION 
OF POTASSIUM 
AFTER 
EXCHANGE 

RATIO 

K/Na 

IN SOLID 

RATIO 

K/Na 

IN SOLUTION 


grams 

CO . 

N 

N 



K+. 

0.66 

200 

0.0400 

0.0039 

0.19 

0.108 

K+. 

1.75 

100 

0.0400 

0.0133 

* 1.00 

0.50 

K+. 

2.36 

100 

0.0400 

0.0154 

1.16 

0.63 

K+. 

4.97 

100 

0.0400 

0.0222 

2.20 

1.25 

K + . 

2.89 

100 

0.1000 

0.0256 

0.59 

0.344 

K + . 

5.07 

100 

0.1000 

0.0352 

1.03 

0.545 

Na+. 

1.19 

100 

0.0400 

0.0282 

2.88 

2.39 

Na+. 

1.62 

100 

0.0400 

0.0238 

2.22 

1.47 

Na + . 

2.74 

100 

0.0400 

0.0186 

1.17 

0.87 

Na + . 

4.87 

100 

0.0400 

0.0108 

0.57 

0.37 

Na+. 

3.72 

100 

0.1000 

0.0624 

2.29 

1.66 

Na+. 

5.45 

50 

0.1000 

0.0280 

0.83 

0.388 

; 


Karb plus sodium chloride. The Rothmund-Komfeld equation (equation 2) 
was obeyed with p — 0.9; that is, the law of mass action was nearly obeyed. 
As expected, iV/10 solutions gave the same graph as N /26 solutions. Potassium 
was more strongly bound by the solid than sodium, which agrees with all pub¬ 
lished work. This is probably related to the smaller hydration of potassium 
ion in solution (3, 6). 

B. Calcium-barium exchange (figure 2) 

The graph is very like that for the sodium-potassium exchange, although the 
points do not fit the straight line as well. Again p in equation 2 is 0.9. Barium 
is more strongly bound than calcium, which agrees with published work. 












EQUILIBRIA IN A CARBONACEOUS CATION EXCHANGER 


375 


C. Sodium-calcium exchange (table 3 and figure 3) 

Here one ion of calcium is exchanged for two ions of sodium, and equation 2 
must now be written: 

_ K / [NaT V 

\UCa ++ / solution \[Ca ++ l/8olid 


Activities a^ and ac^+ must be used in place of concentrations in the solution, 
since the activity coefficients no longer cancel. The simple equation of Debye 



and Hiickel was used to calculate these activities. With this modification^the 
data follow equation 2 quite well, p being 0.83. N/10 solutions gave the same 
straight-line graph as N /25 solutions. However, the exchange was not rever¬ 
sible. For example, if sodium ion was originally present in the solid, the solid 
contained twice as much sodium for a 4 to 1 ratio of sodium to calcium in the 
solution (total concentration = 0.04 N) after shaking as it did if the ion originally 
in the solid was calcium. |[J 

This lack of reversibility was not simply slowness of reaction, for as usual the 
reaction seemed to be complete within 2 hr. Moreover, when some of the 
calcium Zeo-Karb which had become partly loaded with sodium in the exchange 





TABLE 3 

Sodium-calcium exchange 

Calcium Zeo-Karb contained 1.32 milliequivalents of calcium per gram dry weight (found 
by analysis of ash); sodium Zeo-Karb contained 1.45 milliequivalents of sodium per gram 
dry weight. The solution was analyzed for calcium by the oxalate-permanganate 
method. Concentrations in the solutions are expressed in normalities; concentrations 
in the solid in milliequivalents per gram, air dry. The air-dried solids contained 10 
per cent of moisture. 


CATION IN 
SOLID 

WEIGHT 

OF SOLID 
(AIR DRY) 

VOLUME OF 
SOLUTION 

CONCENTRATION 
OF NttCl OR 
CaClg BEFORE 
EXCHANGE 

CONCENTRATION 
OF CALCIUM IN 
SOLUTION 
AFTER 
EXCHANGE 

ACTtVITY 

COEFFICIENT 

RATIO 

RATIO 

(Ca)/(Na ) 3 

IN SOLID 

RATIO 

a Ca~ 

IN SOLUTION 

Na + . 

grams 

3.03 

CC. 

100 

N 

0.0406 

N 

0.0098 

0.59 

10.5 

5.6 

Na+. 

4.55 

100 

0.0406 

0.00284 

0.61 

3.45 

1.28 

Na + . 

6.58 

100 

0.0406 

0.0011 

0.62 

1.16 

0.44 

Na + . 

7.12 

100 

0.0406 

0.0008 

0.62 

0.97 

0.31 

Ca + +. 

0.617 

200 

0.0396 

0.00128 

0.62 

' 

5.2 

0.54 

Ca ++ .. 

1.165 

200 

0.0396 

0.0020 

0.62 

8.5 

0.88 

Ca ++ . 

3.43 

200 

0.0396 

0.0043 

0.61 

17.3 

2.10 

Ca ++ .. . . 

4.71 

100 

0.0396 

0.0084 

0.59 

36.5 

5.05 

Ca ++ . 

1.49 

200 

0.1000 

0.0041 

0.47 

2.6 

0.21 

Ca ++ . 

2.80 

100 

0.1000 

0.0110 

0.46 

6.0 

0,65 
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experiments was shaken with fresh sodium chloride solution, it still gave distribu¬ 
tions characteristic of calcium Zeo-Karb, with points falling on the calcium Zeo- 




Fia. 4. Sodium-calcium exchange: hysteresis 


Karb plus sodium chloride line (points A in figure 4). The same was true of 
sodium Zeo-Karb partially loaded with calcium when shaken with fresh calcium 
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TABLE 4 

Hydrogen-calcium exchange 

Calcium Zeo-Karb contained 1.72 milliequivalents of calcium per gram dry weight (by 
analysis of ash). The hydrogen Zeo-Karb was assumed to contain an equivalent 
quantity of replaceable hydrogen, i.e., 1.77 milliequivalents per gram dry weight. The 
hydrogen- and calcium-ion concentrations in solution were both determined. Concen¬ 
trations in the solutions are expressed in normalities; concentrations in the solids in 
milliequivalents per gram dry weight. 


CATION IN 
SOLID 

WEIGHT OF 
SOLID 

(dry basis) 

VOLUME OF 
SOLUTION 

CONCENTRATION 
OF HC1 OR 
CaCla BEFORE 
EXCHANGE 

CONCENT RATION 
OF H IN SOLU¬ 
TION AFTER 
EXCHANGE 

CONCEN¬ 

TRATION 

OF Ca IN 
SOLUTION 
AFTER 
EXCHANGE 

RATIO 

(H)V(Na) 

IN SOLID 

RATIO 

“H- 

a Ca ++ 

IN SOLUTION 


grams 

CC. 

N 

N 

N 



H+. 

1.03 

200 

0.0400 

0.0055 

0.0346 

0.46 

0.0014 

H + . . . . 

1.055 

100 

0.0400 

0.0106 

0.0301 

0.74 

0.0064 

H+. . . 

2.25 

100 

0.0400 

0.0205 

0.0201 

0.89 

0.0350 

H + . 

4.24 

100 

0.0400 

0.0324 

0.0081 

1.49 

0.210 

H + . 

2.60 

100 

0.1000 

0.0253 

0.0740 

0.515 

0.0225 

H + . 

4.93 

100 

0.1000 

0.0426 

0.0572 

1.05 

0.0723 

Ca ++ . 

1.22 

100 

0.0402 

0.0306 

0.0107 

0.92 

0.150 

Ca ++ . 

2.40 

100 

0.0402 

0.0230 

0.0183 

0.605 

0.053 

Ca ++ . 

3.71 

100 

0.0402 

0.0158 

0.0256 

0.463 

0.018 

Ca++. 

0.56 

100 

0.0402 

0.0353 

0.0057 

1.44 

0.390 


chloride. It still gave points on the sodium Zeo-Karb plus calcium chloride 
line (points B, figure 4). It was as though the exchanger remembered which 
cation it originally contained. Only if sodium Zeo-Karb was treated with a 
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large excess of calcium chloride and converted completely into the calcium 
condition was the “memory” lost and a material obtained which behaved 
towards sodium chloride solutions like fresh calcium Zeo-Karb (points C, 
figure 4). Possibly the exchange of sodium for calcium and vice versa is accom¬ 
panied by a change in the structure of the carbonaceous matrix which is much 
slower than the moving in and out of cations and only takes place at all rapidly 
when the exchange is nearly completed. 

D. Sodium-hydrogen exchange (Jigure 5) 

As far as could be seen this exchange was reversible. The curves for the two 
directions of exchange did not quite coincide, but this could be due to un¬ 
certainty in evaluating the exchangeable hydrogen in the solid. The exchange¬ 
able hydrogen ion was taken as equal to that which could be displaced from 
hydrogen Zeo-Karb by passing sodium chloride solution, i.e., 1.43 milliequiv- 
alents per gram dry weight, though it was later shown that a greatly increased 
displacement could be got by using buffered solutions of fairly high pH. 

TABLE 5 


Constants in the equation * K • (^) P 

\rS/ exchanger \Jt>/solution 


A 

B 

1 

P 

K 

Na 

K 


0.9 

0.6 

Na 

Ca 

fNa in solid 

0.S5 

0.37 

\Ca in solid 

0.85 

0.11 

Ba 

Ca 


0.9 

2.1 

H 

Na 


0.5-0.7 

1.8 

H 

Ca 


0.25 

0.3 


N /10 and N /25 solutions gave points falling on the same curve, but the graph 
is not a straight line. The index p in equation 2, which is the reciprocal of the 
slope, varies from 0.5 to 0.7, values which are lower than in the other exchanges 
so far described in this paper. 

E . Calcium-hydrogen exchange (table 4 and figures 6 and 7) 

This exchange, like the preceding one, gave an unusually low value of p, 
about 0.25. There was a small but definite discrepancy between the distribu¬ 
tions reached from the two sides, though here again this might be due to un¬ 
certainty in the exchangeable hydrogen in the solid. In addition, the points 
for N/10 solutions and N /25 solutions are markedly divergent. 

A special series of experiments was made to study the behavior of this exchange 
at very low hydrogen-ion concentrations. Half-gram samples of hydrogen 
Zeo-Karb were shaken with 200-cc. portions of solutions of calcium acetate plus 
acetic acid with the same calcium-ion concentration (N/ 10) but different pH. 
Calcium hydroxide was substituted for acetic acid to obtain the higher pH 
values. After shaking, the pH was measured, the Zeo-Karb separated and 
ashed, and its calcium content determined. The results are shown in figure 7. 
The intake of calcium ion was found to increase with pH up to surprisingly large 



EQUILIBRIA IN A CARBONACEOUS CATION EXCHANGER 


381 


values without showing any sign of reaching saturation, a quite unexpected 
result. As far as could be judged by comparing the final pH with the composi¬ 
tion of the original solutions, hydrogen was being released in quantity equivalent 
to the calcium taken in. 


F. Summary 

The constants in equation 2 which describe the various exchanges are col¬ 
lected in table 5. 


DISCUSSION 

A . The equation of Rothmund and Kornfeld 

Almost all the published data on ion-exchange equilibria can be expressed by 
equation 2, the equation of Rothmund and Kornfeld. Except for the sodium- 
hydrogen exchange, the results reported here can be expressed by this equation 
too. It is noteworthy that in no case is the index p ever greater than 1. This 
fact can be explained if we assume the exchanger to be heterogeneous, the 
distributions of the two exchanging cations being different in different places. 
Suppose the exchanger consists of two phases, I and II, with cations A and B of 
equal valency distributed between them so that 

^ in phase I = ki • ^ in phase II = fc 2 • 4 in solution 

D D D 

Further let: 

total concentration of cations in phase I = P equivalents per cubic centimeter 
total concentration of cations in phase II = Q equivalents per cubic centimeter 
fraction of solid volume which is phase 1 = 7? 
fraction of solid volume which is phase II =1—77 
ratio A/B in phase II = R 
Then the equilibrium constant 

_ ratio A/B in solid 
ratio A/B in solution 
_ h v Pki(R + 1) + <2(1 - 77 )(fciZ? + 1) 
h vP(R + 1) + <2(1 ~ v)(kiR + l) 

and 

d K _ h 77(1 - rj)PQ(ki - l ) 2 

d R h [rjP(R + 1) + <2(1 - V )(kiR + l)] 2 

from which K must decrease as the ratio A/B increases, which agrees with ex¬ 
periment. This equation is not identical with that of Rothmund and Kornfeld, 
but gives very similar results. 

It is not surprising to find inhomogeneity in Zeo-Karb, for in such a sulfuric 
acid-treated coal the acidic groupings are likely to be diverse in character, 
including sulfonic acid, carboxyl, and phenolic groups. However, the fact that 
p is so nearly 1 for cations other than hydrogen suggests that towards these 
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cations the Zeo-Karb functions as a nearly uniform porous gel carrying fixed 
negative charges and holding the cations by forces which are chiefly electrostatic. 

B. Exchanges involving hydrogen ion 

In the results here reported, equilibria involving the hydrogen ion are dis¬ 
tinguished by unusually low values of p. This indicates that the Zeo-Karb is 
very inhomogeneous where hydrogen ions are concerned. The activity of the 
hydrogen ion is much lower in some parts of the exchanger than in others, which 
is just what one would expect, as the different kinds of acid groupings assumed 
to exist in Zeo-Karb would have widely differing dissociation constants. Some 
of the exchangeable hydrogen in the solid must be present in the ionized state, 
to account for the exclusion of electrolyte when the material takes up water on 
swelling; also, a good proportion must be bound as an acid with a very low 
dissociation constant, to account for the great increase in hydrogen displacement 
and uptake of metallic cations at high pH. If the dissociation constant of this 
acid could somehow be increased, this would greatly increase the capacity of the 
material for the industrial demineralization of water. 

It is interesting to compare these results with those of Fuchs (1) on the 
exchange of calcium and hydrogen in methoxyhumic acid, the ionizable hydrogen 
of which is present only as carboxyl groups. Fuchs obtained a distribution 
corresponding to the simple mass law, i.e., p = 1 in equation 2. 

One observation remains unexplained. It is hard to see why the intake of 
calcium ions should rise steadily with increasing pH and show no signs of ever 
approaching a saturation value. 


SUMMARY 

A study was made of the partition of certain pairs of cations between water 
and the carbonaceous cation exchanger Zeo-Karb. The exchanges were rever¬ 
sible except for sodium-calcium, where there was hysteresis. The law of mass 
action was nearly obeyed for sodium-potassium, sodium-calcium, and calcium- 
barium, but for sodium-hydrogen and calcium-hydrogen there was considerable 
deviation. The distributions of these ions could be explained by assuming the 
exchanger to consist of two or more solid acids of different dissociation constant. 
Uptake of calcium increased greatly as the pH was raised and showed no sign 
of reaching saturation. 

The Zeo-Karb used in these experiments was kindly supplied by the Permutit 
Company, to whom the writer expresses his gratitude. 
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In a recent analysis of the problem, the question was raised whether protein 
denaturation was a non-specific reaction or whether denaturing agents differ from 
each other in the nature and magnitude of the changes in the protein molecules 
which they are able to produce (18). Evidence was presented to demonstrate 
that the denaturing action of urea, and of guanidine hydrochloride, depends on 
the concentration of these substances, increasing in extent with increasing con¬ 
centration, and that in equimolar concentrations guanidine hydrochloride is 
more effective than urea (19). Similarly, the extent of denaturation produced 
by heating was believed to depend upon pH, temperature, and time of heating. 

Although the effects of heat on certain chemical, biological, and immunological 
properties of proteins have been known for a long time (1), little evidence is 
available to indicate the exact nature of the changes in the protein molecules 
which result from exposure to high temperature. It was the purpose of the 
present work to approach this problem with the experimental methods employed 
in the preceding investigations (19). The main object of this study was to 
determine whether the changes brought about by heat treatment were compara¬ 
ble to those produced by the aforementioned amides and whether, and to what 
extent, they could be reversed. 

DESIGN OF EXPERIMENTS 

There are two principal obstacles in an experimental approach to this problem: 
(jf) While with the denaturation by urea or guanidine hydrochloride the measure¬ 
ments can be carried out in the presence and under influence of the denaturing 
agent, it is practically impossible to measure the properties of the heat-treated 
proteins at the temperature of denaturation. Measurements carried out after 
cooling, however, need not necessarily reflect the properties of the protein in the 
heated state. (2) A rigorous investigation requires a clear-cut separation be¬ 
tween the primary process of heat denaturation and the secondary flocculation 
of the denatured protein, occurring under proper conditions of pH and electrolyte 
concentration (4). However, the very conditions which preclude the occurrence 
of aggregation and flocculation (low ionic strength and high charge density) 
influence adversely the measurements of viscosity, diffusion, or electrophoresis. 

The following experimental design was considered to offer the least ambiguous 
conditions: Isoelectric salt-free solutions of crystalline horse serum albumin were 
adjusted to the desired pH by the addition of acid or alkali and heated for vary¬ 
ing periods of time at 70°C. This temperature was chosen in order to avoid more 

1 Presented at the Thirty-sixth Annual Meeting of the American Society of Biological 
Chemists, held at Boston, Massachusetts, April 1-4,1942 (20). 
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drastic chemical changes occurring at higher temperatures (25) and because it 
appears to be the threshold temperature for the heat inactivation of enzymes 
(22) and immune bodies (12, 27). The protein concentration was held constant 
at 2 per cent. The solutions were allowed to cool to room temperature and were 
then stored in the refrigerator at 4°C. for 24 hr. Buffer components of the 
desired pH and ionic strength were then added and measurements of viscosity, 
diffusion, or electrophoresis carried out. Under these conditions the solutions 
of heat-denatured serum albumin remained perfectly clear without any visible 
sign of flocculation. Addition of electrolytes prior to storage in the icebox was 
found to cause a progressive increase in the relative viscosities of the protein 
solutions with time, whereas under the described conditions the relative viscosity 
was stationary. Furthermore, when the buffer components were added while 
the solutions were still hot, flocculation occurred just as it is known to occur when 
hot protein solutions are made isoelectric or when isoelectric solutions are ex¬ 
posed to heat (2, 4). 


MATERIALS AND METHODS 

Serum albumin: Crystalline serum albumin, fraction A, was prepared accord¬ 
ing to Kekwick’s method (8). Its properties relative to diffusion, viscosity, and 
electrophoresis have already been described (17, 24). 

Apparatus: The experimental methods for measuring diffusion , viscosity and 
electrophoresis have been described in previous publications (15,17,24). 

Calculations: Electrophoretic mobilities were computed from the patterns of 
the descending boundary, as these have been shown to yield more nearly correct 
values (9). 

Diffusion constants were calculated by the methods of “maximum ordinate” 
and “successive analysis” and by the “statistical method”, assuming the solu¬ 
tions to be monodisperse (methods 1, 2, and 4 of reference 15). In cases where 
the values for the diffusion constants deviated from one another beyond the limit 
of experimental error, the method of moments, as applied recently to polydisperse 
systems, was also used (15) 2 . Diffusion constants are expressed in square centi¬ 
meters per second. 

Protein concentrations were determined by the micro-Kjeldahl method. 

Heat treatment was effected by immersing the protein solutions, contained in 
stoppered Pyrex flasks, into a water bath at 70°C. =b 0.5°. 

* The standard deviations of the two diffusion constants, <ri.j, were calculated from the 
equation 

1 be — ad /1 ( be — od V bd — c* 

* lA 2ac-“b 2=t/ y 4 \ac — 6*/ ac — b 2 

where a, b t c, and d have the meaning given in equations 34-37 of reference 15. In the 
original publication of this equation (equation 38 of reference 15), the exponent of the first 
term under the square root was accidentally omitted. For a complete derivation of the 
equation and a discussion of the virtues and limitations of this method of analysis see 
reference 15. 
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RESULTS 

The influence of time of heating on the extent of denaturation, as revealed by 
viscosity measurements, is shown in figure 1 for 0.5 per cent solutions of horse 
serum albumin at three different pH values. Two per cent protein solutions 
were adjusted to the desired pH by the addition of hydrochloric acid or sodium 
hydroxide, and heated at 70°C. After appropriate time intervals, samples were 
removed and, after cooling to room temperature and storage for 24 hr. at 4°C., 
diluted to 0.5 per cent by addition of water and buffer solutions. The pH and 
composition of the buffer solutions are given in figure 1. 



Time of Heating in Minutes 

Fig. 1 . Relative viscosity of 0.5 per cent horse serum albumin solutions in relation to the 
time of heating at 70°C. Curve 1 refers to measurements at pH 7.6 (0.02 M sodium phos¬ 
phate-0.16 M sodium chloride); curve 2 to measurements at pH 3.6 (0.023 M sodium acetate- 
acetic acid-0.2 M sodium chloride); curve 3 to measurements at pH 4.2 (0.023 M sodium 
acetate-acetic acid-0.2 M sodium chloride). For a description of the experiments, sec 
the text. 

At pH 7.0 (curve 1 of figure 1), the relative viscosity increases with time of 
heating, approaching a limiting level after about 50 min. At pH 3.0 (curve 2 
of figure 1), all changes in relative viscosity occur upon pH adjustment of the 
unheated solutions, and no further increase takes place upon heating and subse¬ 
quent cooling. At pH 4.2 (curve 3 of figure 1), closer to the isoelectric point of 
the protein, the changes in relative viscosity produced by heat treatment are 
larger than those noted at the other pH values, and they extend over a longer 
period of time, reaching a maximum value after about 160 min. of heating. 

In order to investigate more quantitatively the effect of heat treatment on 
native serum albumin, viscosity, diffusion, and electrophoretic measurements 
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were carried out on protein solutions heated for specified periods of time at three 
different pH values. In the following, the results of these measurements are 
presented, grouped according to the pH at which heat treatment was effected. 

Heat treatment at pH 7.6 

Heating for SO min .—A 2 per cent protein solution was adjusted to pH 7.6, as 
described before, and heated for 30 min. at 70°C. Viscosity and diffusion meas- 



Fig. 2. Relative viscosities of solutions of native and heat-treated horse serum albumin 
in relation to protein concentration. The composition of the buffers is given in table 3. 
The dotted line refers to a solution of serum albumin in the presence of 8 M urea (19). For a 
description of the experiments, see the text. 


urements were carried out in the presence of a 0.02 M phosphate buffer, pH 7.6, 
containing 0.16 M sodium chloride (m = 0.22). The relative viscosity plotted 
against protein concentration is shown in figure 2. The results of diffusion 
measurements are given in table 1 (experiment 2a). The relatively large dis¬ 
crepancy between the values calculated with the “maximum ordinate” method 
(Da m , column 4) on one hand, and with the “statistical method” (Z)„ column 7) 
on the other, indicates a high degree of polydispersity, or else a limited number 
of components of widely different diffusion constants or widely different relative 
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TABLE 1 


Diffusion constants of heat-treated serum albumin 


(1) 

EXPT. NO. 

(2) 

CONCEN¬ 

TRATION 

(3) 

t 

(4) 

D n m 

(5) 

D xx 

(lim.) 

(6) 

(7) 

o. 

(8) 

\ 

(9) 


per cent 

sec . 

10-’ 

10" 7 

io-’ 

10-’ 

10“’ 


2a.. .. 

0.8 

21,480 

2.69 








33,200 

2.61 








64,200 

2.56 

3.57 

2.95 

3.34 

3.47 

Polydisperse 



91,500 

2.52 









Anean = 3.4 X 10" T 






D' = 3.5 X 10-’ 

r 



2b. . . . 

0.5 

56,100 

2.66 








89,340 

2.70 


3.03 

3.52 

3.56 

Polydisperse 



145,000 

2.66 









Anean = 3.5 X 10" 7 






D' - 3.6 X 10~ 7 



2c. 

0.7 

35,880 

2.65 








74,760 

2.56 

4.76 J 


4.39 

4.71 

Polydisperse 



98,400 

2.66 



4.54 






Anean * 4.5 X 10“ 

7 






D' - 4.6 X lO" 7 



2d. . 

0.7 

59,160 

1.55 







■ 

97,380 

1.50 








140,820 

1.46 


1.84 

2.65 

2.8 

Polydisperse 




Anean = 2.7 X 10~ 7 






D' - 2.8 X 10“ 7 



3a ... 

0.6 

32,940 

4.82 


5.17 






74,400 

4.82 


5.03 

5.13 

5.08 




97,500 

4.84 


5.03 

5.27 






Aaverage = 5.02 X 10" 7 






D 9 

= 5.23 X 10“ 7 



3b. 

1.2 

36,540 

4.49 








65,880 

4.30 



4.68 | 

4.68 




101,400 

4.23 








153,600 

4.26 

4.68 






A.verage “ 4.50 X 10~ 7 
D' = 4.70 X 10-’ 
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TABLE 1*—Continued 



t » time of diffusion in seconds; D' « measured diffusion constant in square "centimeters 
per second, corrected for solvent viscosity; Dn m , D xi , if D# m , D 9 , and D 0i are the diffusion 
constants calculated with equations 10,11,12* 14, and 38* of reference 15. The values given 
for D x 1*3 are limiting values, while the D 9l values are those of the major component, calcu¬ 
lated on the assumption that the solutions do not contain more than two components. 
Pending independent information concerning the actual state of dispersion of the polydis- 
perse solutions, this assumption has to be considered as merely suggestive. The major 
component was calculated to comprise about 90 per cent of the total material. For 
description of the experiments and their evaluation, see the text. 

concentrations. An estimate of the diffusion constant of the major component, 
assuming that only two components were present in solution, is given in column 
8 3 * 5 . The significance of these latter computations remains doubtful,, however, 
as long as the actual state of dispersion of these solutions is unknown. 

Electrophoretic analysis in a sodium veronal-sodium chloride buffer of 0.1 ionic 
strength, pH 7.6, revealed two boundaries, the mobilities of which are given in 
table 2, experiment E3. 

Heating for 80 min .—Protein solutions were heated for 80 min. under the 

3 As discussed elsewhere (15), the method of successive analysis is only applicable if thq 

diffusion constants of the two components are sufficiently far apart to allow the faster 
diffusing component to establish a concentration gradient of its own, at higher values of x t 
the distance from the boundary. The close agreement between the values listed in columns 

5 and 8 of table 1 may indicate that this condition was fulfilled in this instance. 
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described conditions, and measured in solutions of 0.22 ionic strength. The 
relation between relative viscosity and protein concentration is shown in figure 
2. Values for the diffusion constant are given in table 1 (experiment 2b); they 
are practically identical with those obtained with solutions heated for 30 min. 

Electrophoretic measurements were carred out at pH 7.0 in sodium veronal- 
sodium chloride buffers of varying ionic, strength. 

In solutions of 0.2 ionic strength, the protein migrated with a double boundary, 
the faster moving component comprising 75 per cent of the total protein (see 
figure 3c, experiment E5 of table 2). When the ionic strength of the buffer was 
lowered to 0.1 (figure 3b, experiment E4 of table 2), the faster moving com- 

TABLE 2 


Electrophoretic properties of native and heat-treated horse serum albumin 


1-.XP1 


hlaop a r 7()°C 

MEASURFMEN1S 


MOBILITY 

KrLAflVr AMOUNT 

NO 

At 

pH 

Time 

Buffer* 

pH 

Ionic 

strength 

X HK> 

Ol* 1 ASTFR 

MOVING COMPONENT 



minutes 




sq cm sec -I X v»lt~* 

per cent 

El 

7.6 

0 

NaV-NaCl 

7.6 

0.1 

—5 07 

Single boundary 

E2 

7.6 

0 

NaV 

7 6 

0.02 

-6.70f 

Single boundary 

E3 

7 6 

3(1 

NaV-Nad 

7.6 

0 1 

-5 40$, -6.26 


E4 

7.6 

60 

NaV-NaH 

7.6 

0 1 

-5.51$, -6.48 

26 

105 

7.6 

60 

NaV-Nad 

7 6 

0 2 

-4.00, —6.60$ 

75 

106 | 

7.6 

30, 

NaV-NaCd 

7.6 

0.1 

-5.38$, -6.36 




thou to pH 5.0 






107 

7.6 

60 

NaV 

7.6 

0.02 

-7.57 

Single boundary 

108 ! 

3.6 

0 

NaAo-NaOl 

3.6 

0.1 

5.07 

Single boundary 

E0 

3.6 

30 

NaAo-Nad 

3.6 

0.1 

1 6.02 

Single boundary 

Ein i 

1 3.6 

30, 

N a Ac-NaTl 

3.6 

0.1 

5.05 

Single boundary 



then to pH 5.0 






El 1 

4.2 

0 j 

NaAc-Nad 

4.2 

0.1 

Anomalous 


El 2 

4.2 

120 

NaAc-NaCl 

4.2 

0.1 

1.20, 4.83$ 



* The buffer solutions were prepared as described previously (24). NaV = sodium 
veronal; NaAe = sodium acetate. 

t Interpolated from the data of reference 24. 

$ Denotes major boundary. 

ponent decreased to 20 per cent of the total protein. Its mobility was consid¬ 
erably higher than that of the native protein, whereas that of the slower moving 
component was lower in comparison with the native protein (table 2). When the 
ionic strength was further reduced to 0.02 (sodium veronal buffer), the protein 
migrated with a single, homogeneous boundary (figure 3a), the mobility of which 
was significantly higher than that observed for the native protein at the same 
pH and ionic strength. (Compare experiments E2 and E7 of table 2.) 

In view of these findings experiments were carried out to determine whether 
the observed changes in electrophoretic pattern could be related to analogous 
changes in the molecular properties of the heat-treated protein solution. 

A 2 per cent protein solution after being heated at pH 7.0 for 80 min., as 




c 


Fig. 3. Electrophoretic patterns of the descending boundaries of solutions of horse 
serum albumin, heated for 60 min. at 70°C., pH 7.6. Figure 3a refers to measurements in 
solution of 0.02 ionic strength (experiment E7 of table 2); figure 3b to measurements 
in solution of 0.1 ionic strength (experiment E4 of table 2); and figure 3c to measure¬ 
ments in solution of 0.2 ionic strength (experiment E5 of table 2). 
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described, was subjected to viscosity and diffusion measurements in a sodium 
veronal-sodium chloride buffer of 0.1 ionic strength , pH 7.6. As shown in 
figure 2, the relation between relative viscosity and concentration was practically 
identical with that observed in the experiment at 0.22 ionic strength. However, 
the mean diffusion constant (column 7), as well as the diffusion constant esti¬ 
mated for the fastest moving component (column 5), were significantly higher 
than those observed for the solution at 0.22 ionic strength (compare experiments 
2a and 2b (m = 0.22) with 2c (g = 0.1) of table 1). 

While it would have been of interest to determine the kinetic properties of the 
heat-treated protein in solutions of 0.02 ionic strength, at which the protein was 
electrophoretically monodisperse, no conclusions could be draw r n from such 
measurements on account of the anomalies occurring in low salt concentrations. 
The diffusion curves were skewed, indicative of a diffusion potential, whereas 
the relative viscosities of both the native and the heat-treated protein solutions 
were considerably increased as compared with measurements at higher ionic 
strength, probably because of electro-viscous effects. 

“ Reversal” of heat denaturation —In order to determine whether the changes 
in diffusion, viscosity, and electrophoresis, occurring during heat treatment, 
could be reversed by the simple expedient of pH change, as suggested by Anson 
and Mirsky (2, 14), a 2 per cent protein solution was heated for 80 min. at 70°C. 
at pH 7.6 and, after cooling and storage, dialyzed against a 0.023 M sodium 
acetate buffer of pH 5, containing 0.2 M sodium chloride. The relative viscosity 
of this solution was even higher than that of the heat-treated protein at pH 7.6 
(figure 2), whereas the mean diffusion constant was considerably lower (experi¬ 
ment 2d of table 1). 

The conditions of the electrophoretic measurements were slightly different from 
those observed for diffusion and viscosity measurements. The protein was 
heated for 30 min., as in experiment E3 of table 2 and, after cooling and storage, 
dialyzed against the pH 5.0 acetate buffer for 48 hr. The protein solution was 
next equilibrated against a sodium veronal-sodium chloride buffer of 0.1 ionic 
strength, at pH 7.6. This was done in order to compare the electrophoretic data 
at a pH at which the native protein migrated with a single boundary (24). The 
electrophoretic pattern of this solution revealed two boundaries and failed to 
bear any resemblance to that of the native protein (compare experiments E6 and 
El of table 2). The mobilities of the two components were identical with those 
observed for the heat-treated protein at pH 7.6 which had not been subjected to 
adjustment to pH 5.0 (experiment E3 of table 2). 

Particle size and shape —Since analysis, of the diffusion data given in experi¬ 
ments 2a-2d of table 1 revealed the solutions to be polydisperse, it was not possi¬ 
ble to calculate with any degree of accuracy molecular weights or shapes, as has 
been done previously for essentially monodisperse protein solutions (17, 19) 
As an estimate of the order of magnitude of the changes in these properties, oc¬ 
curring during the heat treatment under the described conditions, mean values 
have been computed from the mean diffusion constant, Z)„ and the limiting 
slope of the relative viscosity-concentration curves. The mean diffusion con- 
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stant may be related to the diffusion constants of the individual components, Dt, 
and to their relative concentrations, c<, by the equation (6) 4 : 

D ' 2 a 

Values for the calculated mean particle weights 4 are given in table 3, together 
with estimates of the mean particle shapes, expressed in terms of a ratio of the 
major to the minor axis of a prolate ellipsoid, assuming 30 per cent hydration for 
both the native and the heat-treated proteins (4, 7, 16). 


TABLE 3 

Properties of heat-treated solutions of horse serum albumin 


(1) 

(2) 

(3) 

(4) 

(5) 

(6) 

(7) 

(8) 

(9) 

(10) 

(U) 


HEATED AT 

70®C. 


MEASURED IN BUFFERS OF 



ESTIMATED PARTICLE 
SHAPE 

ELECTRO¬ 
PHORETIC 
EXPT. NO. 

EXPT. 

NO. 

At 

pH 

Time 

pH 

Composition* 

Ionic 

strength 

Du 

n*p 

c 

(30% 

hydra¬ 

tion) 

Weight 



min¬ 

utes 




10”7 


b/a 



2a... 

7.6 

30 

7.6 

Phosphate-N aCl 

0.22 

3.5 

8.2 

6.5f 

300,000t 


2b .. . 

7.6 

80 

7.6 

Phosphate-N aCl 

0.22 

3.6 

8.7 

6.9f 

300,000t 

E5 

2c... 

7.6 

80 

7.6 

NaV-NaCl 

0.1 

4.6 

9.2 

7.2f 

iso.ooot 

E4 

2d. . 

7.6 

80 

6.0 

NaAc-NaCl 

0.22 

2.8 

10.4 

7.9f 

600,000f 


3a.. 

3.6 

0 

3.6 

NaAc-NaCl 

0.22 

5.2 

6.7 

5.5 

130,000 

E8 

3b.. . 

3.6 

30 

3.6 

NaAc-NaCl 

i 0.22 

4.7 

6.7 

5.5 

150,000 

E9 

3c.. 

3.6 

30 

5.0 

NaAc-NaCl 

0.22 

5.3 

4.8 

4.1 

150,000 

E10 

4a. 

4.2 

0 

4.2 

NaAc-NaCl 

0.22 

6.5 

4.7 

3.9 

84,000 

Ell 

4b . 

4,2 

120 

4.2 

NaAc-NaCl 

0.22 

2.3 

17.2 

11.4f 

650,000t 

E12 

In 8 M urea ... 

5.0 

NaAc-NaCl 

0.22 

4.1 

22.3 

14 

78,000 



* NaV * sodium veronal; NaAc *» sodium acetate. The buffers were prepared as 
described previously (17., 24). 

t These are estimated mean values. They are subject to confirmation by independent 
methods of analysis. See the text. 

Heat treatment at pH 3,6 

Previous investigation has shown that in acidic pH regions, near the isoelectric 
point, serum albumin exhibits electrophoretic anomalies of as yet undisclosed 
origin (24). They have been found to disappear, however, in lower pH regions, 
such as pH 3.6, and this pH was, therefore, chosen for investigating the influence 

4 As another alternative, one could consider the heat-treated protein solutions to com¬ 
prise a large number of components the diffusion constants of which are statistically dis¬ 
tributed around a mean value In that case a mean value for the maximum of the distri¬ 
bution curve of the diffusion constants could be calculated according to GraUn’s procedure 
(6). However, since only two components were actually detected by electrophoretic 
measurements, this method of analysis has not been considered here. 

* The values calculated in this manner represent “weight average” particle weights. 




EFFECT OF HEAT ON SOLUTIONS OF ALBUMIN 


393 


of heat treatment on solutions of this protein on the acid side of its isoelectric 
point. 

Unheated solutions —The effect of pH change on the native protein was deter¬ 
mined by adjusting a 2 per cent protein solution with hydrochloric acid to pH 
3.6. After 24 hr. storage at 4°C., viscosity and diffusion measurements were 
carried out in the presence of a 0.023 M acetate buffer, pH 3.6, containing 0.2 Af 
sodium chloride. The relative viscosity-concentration curve is shown in figure 
4 and compared with that of the native protein at pH 5.0. The results of the 



Fig. 4. Relative viscosities of solutions of native and heat-treated horse serum albumin 
in relation to protein concentration. The composition of the buffers is given in table 3. 
The dotted lines refer to solutions of serum albumin in the presence of 8 M urea and 8 M 
guanidine hydrochloride. For a description of the experiments, see the text. 

diffusion measurements arc given in table 1 (experiment 3a). The solution 
proved to be essentially monodisperse, with an average diffusion constant of 
5.23 X 10“ 7 , as compared with 7.0 X 10~ 7 for the native protein at pH 5.0. The 
results of electrophoretic measurements in solutions of 0.1 ionic strength at pH 
3.6 (sodium acetate-sodium chloride) have already been described (24) and are 
also given in table 2 (experiment E8). 

Heated solutions —Earlier in this paper it was reported that, at pH 3.6, heat 
treatment over a period of 2 hr. had no measurable effect on the relative viscosity 
of a 0.5 per cent protein solution. This can also be seen from figure 4, where the 
relative viscosity-concentration curve is shown for a solution heated for 30 min. 
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at pH 3.6 and measured in the presence of the buffer of 0.22 ionic strength. 
Diffusion measurements indicated this solution to be essentially monodisperse, 
also, with an average diffusion constant of 4.70 X 10 -7 (experiment 3b of table 
1). The solution was also monodisperse electrophoretically, when measured 
in a sodium acetate-sodium chloride buffer of 0.1 ionic strength (table 2, experi¬ 
ment E9). The electrophoretic mobility was higher than that of the unheated 
protein. 

“Reversal” of heal denaturalion —In analogy with the experiments at pH 

7.6, measurements were carried out to see whether readjustment of the pH from 
3.6 to 6.0 caused any significant changes in the properties of the protein. After 
being heated at pH 3.6, the protein solution was dialyzed against a 0.023 M 
acetate buffer of pH 5.0, containing 0.2 M sodium chloride. The relative vis¬ 
cosity of this solution was somewhat lower than that observed at pH 3.6 (figure 
4), and the diffusion constant slightly higher (table 1, experiment 3c). The 
protein appeared monodisperse. 

For electrophoretic measurements, the heat-treated solution was first dialyzed 
against the pH 5.0 acetate buffer for 48 hr., in order to facilitate any reversal of 
changes in properties, and then dialyzed against a 0.05 M acetate buffer of pH 

3.6, containing 0.05 M sodium chloride. As may be seen from table 2, experi¬ 
ment E10, no changes in electrophoretic pattern or mobility occurred as a result 
of this pH change. 

Particle weight and shape values, computed from diffusion and viscosity data, 
are given in table 3. 


Heat treatment at pH 4 

Since at pH 3.6 the effect of heat treatment on the native protein was obscured 
by the aggregation occurring upon pH adjustment of the unheated solution, 
conditions were sought under which the changes in the properties of the acidified 
protein solutions could be related exclusively to the influence of heating. It was 
found that at pH 4.2 the protein molecules remained single and this pH was, 
therefore, chosen to compare the properties of the native protein with those of the 
protein heated for a period of 120 min. at 70°C. 

In figure 4 the relative viscosity-concentration curves are shown for unheated 
and heated protein solutions, as determined in the presence of a 0.023 M acetate 
buffer containing 0.2 M sodium chloride. Measurements in protein concentra¬ 
tions higher than 0.5 per cent proved to be unsatisfactory, since under these con¬ 
ditions the relative viscosity of the heated solutions was found to increase gradu¬ 
ally with time, upon the addition of the buffer components. 

Diffusion measurements were carried out in the same buffer solution. As 
shown in table 1 (experiment 4a), the native protein was essentially monodis¬ 
perse at pH 4.2, its diffusion constant being somewhat lower than that observed 
at pH 5.0. Analysis of the diffusion measurements on the heat-treated protein 
solution revealed the presence of more than one component. Values for the cal¬ 
culated mean particle shape and weight are given in table 3. The electro¬ 
phoretic properties of these solutions have already been described (24). The 
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data are included in table 2 (experiments Ell and E12). It is of significance 
that the heat-treated protein is relatively devoid of the electrophoretic com¬ 
plexity which has been seen with all native, crystalline, horse serum albumin 
preparations at this pH (24). 


DISCUSSION 

With the aid of the data given in table 3, it is possible to evaluate the influence 
of heat treatment on the molecular properties of the protein as revealed by 
diffusion and viscosity measurements. : 

The observed changes in mean particle shape, occurring upon heating at pH 
7.6 , are small as compared with those produced by concentrated solutions of urea, 
or guanidine hydrochloride, and they may be entirely due to aggregation of the 
non-spherical protein molecules. At any rate, they do not furnish any evidence 
of unfolding. The state of dispersion of the protein solutions, as revealed by 
diffusion and electrophoresis, changes significantly with the ionic strength of the 
medium. Denaturation cannot be reversed by adjustment of the heat-treated 
protein solutions from pH 7.6 to pH 5.0. On the contrary, further aggregation 
takes place under these conditions, leading to an average particle weight of the 
order of 600,000. 

Measurements of the rates of tryptic digestion have proved a sensitive tool to 
reveal differences in the properties of native, urea-denatured, and regenerated 
serum albumin (3). In collaboration with Dr. F. Bernheim, similar measure¬ 
ments have now been carried out on samples heat-treated at pH 7.6, using the 
technique already described. The results are given in figure 5, in which the time 
of digestion is plotted against the amount of 0.01 N sodium hydroxide required 
for the formol titration of 10 mg. of protein. Forty milligrams of pancreatin X 
was added in these measurements to 50 mg. of protein, contained in a volume 
of 4.0 cc. 

It may lie noted that the initial rates of hydrolysis of the heat-treated samples 
were considerably higher than that of the native protein, and about equal to that 
observed for the urea-denatured and regenerated protein (dotted curve). The 
rates decreased, however, with increasing time of proteolysis and appeared to 
approach a stationary level after a period of time at which the native protein was 
still progressively hydrolyzed. The differences in rates observed for the heat- 
treated samples and the native protein can hardly be ascribed to differences in the 
state of aggregation, as the aggregates would, if anything, tend to inhibit the 
physical approach of the enzyme molecules to the internal peptide bonds. While 
the data do not lend themselves to a quantitative interpretation they do indicate 
that the heat-treated samples, like denatured proteins, are more susceptible to 
proteolytic fission, although not to the same extent as urea-denatured or re¬ 
generated serum albumin. There is no significant difference in the behavior of 
the heat-treated samples at pH 7.6 and that which had been readjusted to pH 
5.0 (experiment 2d). 

Heat treatment at pH 8.6 does not produce any significant changes in the 
average size or shape of the serum albumin molecules, as revealed by measure- 



396 


GERALD R. COOPER AND HANS NEURATH 


meats at 0.22 ionic strength. Mere adjustment to pH 3.6 results in aggregation, 
yielding a particle weight about twice that of the native isoelectric protein*. 

The heated and unheated samples revealed identical electrophoretic patterns 
at pH 3.6, indicative of monodispersity. However, the electrophoretic mo¬ 
bilities of the heated samples were about 20 per cent higher than that of the un¬ 
heated protein. These changes could not be reversed by pH adjustment to 
near the isoelectric point. 

Although a certain analogy between the properties of denatured serum al¬ 
bumin and denatured egg albumin is apparent, the analogy is by no means 
complete. 



Fig. 5. Tryptj c hydrolysis of 50 mg. of horse serum albumin by 40 mg. of pancreatin. o, 
native protein; Q , after heating for 30 min. at 70°C., at pH 7.6; •, after heating similarly 
for 80 min.; A, after heating similarly for 80 min. and equilibrating against a pH 5.0 acetate 
buffer in order to facilitate reversal of changes in properties occurring upon heating. The 
dotted line refers to solutions of serum albumin, irreversibly denatured, and regenerated, 
respectively, by 8 M urea (3). 

Egg albumin is noted for the lack of ease with which the denatured protein 
reverts to a state in which it is soluble at the isoelectric point (c/. 4). The protein 
obtained after removal of urea, or after cooling of the heated solutions, has a 
considerably larger average particle weight than the original protein (13, 23). 
Its relative viscosity remains fairly high (5,10,11), and its antigenic specificity 
appears to be different from that of the native protein (26), With serum al¬ 
bumin, however, about 85 per cent of the protein can be recovered in a soluble 

* The calculated value of 130,000 appears to be somewhat low, especially when compared 
with the values of 150,000 obtained in experiments 3b and 3c. Pending confirmation by 
ultracentrifugal analysis, we consider the higher values to be more nearly correct. 
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form following removal of urea or guanidine hydrochloride, and the protein 
obtained in this form has the same molecular size and shape and the same 
antigenic specificity as the native protein, although it differs from it in intrinsic 
structure (13, 19) and antigenic activity (21). While analogous to egg 
albumin, aggregation occurs following cooling of the heat-treated solutions 
(23), no evidence could be adduced for the hypothesis that, in the heated state, 
the denatured serum albumin is comparable in size and shape to that in which it 
exists in the presence of urea or guanidine hydrochloride. 

When the protein has a low net charge, such as at pH 4.2, aggregation proceeds 
further than in more acid or alkaline solutions. The relative viscosity of such 
solutions is comparable in degree to that observed with urea-denatured serum 
albumin. However, little is known about the state of hydration of such aggre¬ 
gates, and the increase in relative viscosity need by no means reflect a propor¬ 
tionate degree of molecular asymmetry. 

CONCLUSIONS AND SUMMARY 

Investigation of the effects of heat on solutions of crystalline horse serum al¬ 
bumin, using the methods of diffusion, viscosity, and electrophoresis, revealed a 
.dependence of the nature and magnitude of the changes in the protein molecule 
on the pH of the solutions and on their ionic strength. At pH 7.6, the heat- 
treated solutions differed from those of the native protein in average particle size 
and shape, in electrophoretic mobility and pattern, and in their susceptibility to 
tryptic digestion. The degree of aggregation increased with increasing ionic 
strength of the medium. The protein migrated with a single electrophoretic 
boundary in buffers of 0.02 ionic strength, and with a double boundary in buffers 
of higher ionic strength. Adjustment of the pH from 7.6 to 5.0 caused further 
polymerization, without any perceptible change in the response to tryptic 
digestion. 

At pH 3.6, the unheated and heated proteins did not differ from each other in 
average molecular size or shape, the particle weight being about twice that of the 
native isoelectric protein when measured in solutions of 0.22 ionic strength. 
The particles migrated electrophoretically with a single, homogeneous boundary; 
however, the electrophoretic mobility of the heat-treated protein was about 20 
per cent higher than that of the unheated material (m = 0.10). These changes 
could not be reversed by readjustment of the pH to near the isoelectric point. 

At pH 4.2, the unheated protein had about the same molecular weight as at 
pH 5.0. Heating produced a large degree of polymerization. 

The authors wish to express their thanks to Dr. D. G. Sharp for his cooperation 
in several of the electrophoretic measurements recorded in this paper, and to 
Dr. F. Bernheim for his cooperation in the enzymatic studies. Grateful ac¬ 
knowledgement is made to the Rockefeller Foundation, to the Lederle Lab¬ 
oratories, Inc., and to the Duke University Research Council for support of 
this work. 
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INTRODUCTION 

The discovery that zinc will cure certain diseases of fruit trees and field crops 
has centered interest on the fixing power of soils for zinc. In practice, trees 
must be treated by the cumbersome method of spraying the foliage with zinc 
compounds, because soil treatments prove relatively ineffective. Apparently 
zinc is fixed in the soil in a form not reac^ available to growing plants. 

The writers have investigated the mechanism of zinc fixation on various types 
of colloidal clays of known crystal structure. In this paper are reported the 
relationships found with montmorillonitic clays, which are the dominant clay 
minerals of bentonites and of many agricultural soils. 

EXCHANGE ADSORPTION OF ZINC 

A Wyoming type of bentonite was converted into hydrogen bentonite by 
electrodialysis. Homoionic sodium and calcium bentonites were prepared by 
leaching hydrogen bentonite with neutral normal solutions of sodium and calcium 
acetates. Excess salt was displaced with neutralized 95 per cent methyl alcohol. 
The cation-adsorption capacity (exchange capacity) of these clays, as determined 
by the ammonium acetate method (2), was found to be 92 milliequivalents per 
100 g. of oven-dry material. As is well established, the cations sodium, calcium, 
and ammonium replace each other in stoichiometric proportions. 

To portions of these homoionic bentonites were added increasing amounts of 
zinc chloride solutions. Usually about 0.5 g. of bentonite, containing 0.46 
milliequivalent of exchangeable cations, was suspended in 100 cc. of solution. 
After 48 hr., when equilibrium had been reached, the suspensions were centri¬ 
fuged in a McBain-type spinning-top centrifuge. The clear supernatant liquid 
was then analyzed for cations and anions. Zinc was determined by the polaro- 
graphic method (6). 

The results are shown in figure 1. On the abscissa are plotted the amounts of 
zinc chloride added, expressed in terms of the saturation capacity of the clay 
suspension. The value IS corresponds to 0.46 milliequivalent of zinc chloride 
in 100 cc. On the basis of 100 g. of bentonite, IS is equal to 92 milliequivalents 
of zinc chloride. On the ordinate, above the zero line, is plotted the uptake of 
ions, expressed as milliequivalents per 100 g. of bentonite. Below the zero line 
the outgo or release of ions is indicated. It should be noted that the zinc data 
always refer to divalent zinc having an equivalent weight of 32.69. 

Comparison of the uptake and the release curves clearly indicates that the 
adsorption of zinc is governed by an exchange process. More specifically, the 
uptake of zinc is accompanied by a release of sodium and calcium. However, in 
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contrast to the ordinary cation-exchange reactions involving potassium, sodium, 
calcium, and ammonium ions, the reactions with zinc exhibit two novel features. 



Fig. 1 . Exchange-adsorption isotherms of zinc chloride by homoionic bentonite clays. 
On the abscissa are plotted the amounts of zinc chloride added, expressed as multiples of the 
ammonium-adsorption capacity of the clays (92 milliequivalents per 100 g. of clay). On 
the ordinates are given the adsorption and release of cations and anions as milliequivalents 
per 100 g. of clay. 

First, the milliequivalents of zinc taken up by the bentonite exceeds the milli¬ 
equivalents of sodium or calcium released. Second, the process involves an 
adsorption of chloride anions. 
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This behavior may be explained by assuming that part of the zinc is adsorbed 
as monovalent complex zinc ion. Solutions of zinc chloride contain, besides 
Zn++ and Cl~, small amounts of (ZnOH)+ and, according to Scatchard and 
Tefft (5), also (ZnCl) + . The proportion of these complex ions depends upon the 
concentration and on the pH of the solution. Accordingly, calcium clay in 
equilibrium with a solution of zinc chloride may have the following ions in the 
surface layer: Ca ++ , Zn + +, (ZnCl)+, and (ZnOH) 4 . With the aid of the analyti¬ 
cal data at hand it is possible to calculate with a reasonable degree of certainty 
the amount of these ions on the clay. For example, at 4S concentration the 
experimental data obtained (figure 1) are as follows: 


Initial Ca + + on clay. 92.0 milliequivalents per 100 g. 

Ca++ released. 81.5 milliequivalents per 100 g. 

Zn+ + adsorbed.^0.5 milliequivalents per 100 g. 

Cl~ adsorbed .i7.5 milliequivalents per 100 g. 


We may write the following two equations containing the unknown milli¬ 
equivalents of Zn +f (a;) and of complex Zn + (y): 

81.5 = x + y 
110.5 = x + 2 y 

Solving for x and y, the amount of Zn ++ is found to be 52.5 milliequivalents and 
the combined number of milliequivalents of (Zn()H)+ and (ZnCl) 4 ' is 29.0. 
Taking into consideration the chloride adsorption measured, the coating of the 
bentonite particles may thus be represented as follows: 

Ca++ (10.5) 

Zn + + (52.5) 

(ZnCl) + (17.5) 

(ZnOH) + (11.5) 

The numbers in parentheses denote the number of milliequivalents of each ion 
species adsorbed on 100 g. of clay. Similar patterns may be computed for any 
other equilibrium concentration. It should be noted, however, that the above 
picture merely portrays the amounts of the ion species removed from the solution 
by the clay particles. It does not necessarily follow that the complex ions re¬ 
main in that form on the clay surface. 

RELEASE OF ADSORBED ZINC 

Zinc clay was prepared by leaching the aforementioned sodium bentonite with 
normal zinc acetate solution having a pH of 0.4. The excess acetate was re¬ 
moved with 50 per cent solution of methyl alcohol. Zinc clay so prepared con¬ 
tained 129 milliequivalents of total zinc per 100 g., as determined by fusion 
analysis. Leaching of 1 g. of zinc clay with 400 cc. of neutral ammonium acetate 
removed 120 milliequivalents of Zn ++ per 100 g., which may be designated as 
exchangeable zinc or, more specifically, zinc exchangeable with ammonium 


Clay 

particle 
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acetate. A similar/ycrease in exchangeable zinc as compared with the adsorp¬ 
tion capacity of the clay determined with the ammonium acetate method has 
been noted by Bower and Truog (1). After all exchangeable zinc had been 
removed, the clay possessed an ammonium-exchange capacity of only 84.0 
milliequivalents per 100 g., as compared with the value of 92.0 of the original 
sodium clay. A 1 per cent aqueous suspension of zinc clay had a pH of 6.70, 
and only 3.6 milliequivalents of hydroxide per 100 g. of clay was required to 
bring the sol to pH 7.0. This value probably represents the amount of ex¬ 
changeable hydrogen ions on the zinc clay. /Thermal decomposition curves (4) 
of the zinc clay suggested the presence of adsorbed acetate. Quantitative de¬ 
termination was accomplished by leaching zinc clay with normal potassium sul¬ 
fate, and by steam distillation of the leachate in presence of phosphoric acid. 
The amount of acetate was found to£ 10.1 milliequivalents per 100 g. of clay. 

These data permit evaluation of the probable ion coating of the zinc bentonite 
with the aid of the following pair of equations: 

(84.0 - 3.5) = x + y 
120 - x + 2 y 


The results of the calculation may be depicted as follows: 

H+ (3.5) 

Zn++ (41.0) 

(ZnOH)+ (29.4) 

(Zn-acet)+ (10.1) 

It is of interest to note that the proportion of monovalent complex zinc to di¬ 
valent zinc is much higher on the clay than in the zinc acetate solution. This 
is indicative of strong selective adsorption of complex zinc ions. 

In order to ascertain the mode of release of adsorbed zinc, variable amounts of 
sodium chloride, or calcium chloride, or hydrochloric acid (IS = 120 milli¬ 
equivalents per 100 g.) were added to zinc bentonite suspensions containing 
0.60 milliequivalent of exchangeable zinc (always expressed as divalent zinc) in 
100 cc. After equilibrium had been reached (48 hr.) the suspensions were centri¬ 
fuged and the clear supernatant liquids were analyzed for cations and anions. 
The results are shown in figure 2. 

Compared with the curves in figure 1, the magnitudes of cation interchange 
are considerably smaller. Even hydrochloric acid, at 4 S concentration, was 
unable to replace more than 70 per cent of the exchangeable zinc. Again we 
note that the replacement of zinc is not stoichiometric, for the amounts of zinc 
(calculated as divalent zinc) released are greater than the amounts of calcium 
and sodium taken up. As in the study on uptake of zinc, the deviation from 
stoichiometric proportions may be explained by the assumption that calcium 
chloride and sodium chloride replace both divalent zinc and monovalent com¬ 
plex zinc ions. Data indicate that the latter is mainly zinc acetate ion. Prob¬ 
ably the most surprising feature in figure 2 is the concurrent adsorption of 
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Fig. 2. Isotherms depicting the interchange of ions with zinc bentonite clay and chlo¬ 
rides. Amount of chlorides added is plotted on the abscissa (1& * 120 milliequivalents per 
100 g. of clay). Adsorption and release of cations and anions are shown on the ordinate as 
milliequivalents per 100 g. of clay. 

chloride ions. Bentonites near the neutral point do not possess, as far as is 
known, the power of chloride-ion adsorption from neutral salt solutions such as 
sodium chloride and calcium chloride. 
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ANION EXCHANGE OF ZINC BENTONITES 

The adsorption of chloride ion by zinc clay may be harmonized by attributing 
to zinc clay the property of anion exchange. In order to account for such 
behavior th£ aforementioned pictures of ion coatings of the negative zinc clay 
particles must be modified to include a mosaic surface capable of both cation and 
anion exchange. The possible assembly of zinc ions on an entirely negative 
surface (oxygen ions) and on a mosaic type of surface possessing positive and 
negative charges simultaneously may be visualized as follows: 


6- 

| 

Zn ++ 

6- 

1 

Zn ++ 

Clay ?' 
particle q_ 

(ZnCl) + __ 

Clay 9 

particle ' Q Zn+ 

ci- 

i 

o- 

(ZnOH) + 

1 

O Zn+ 

.-.. i 

OH- 

Inner 

Outer 

Inner 

1 

Outer 

layer 

layer 

layer 

i layer 

Negative surface 

Mosaic surface 


The right-hand picture satisfies the requirements of simultaneous cation and 
anion exchange. A similar mosaic type of surface had been previously sug¬ 
gested for magnesium permutite by one of the authors (3). It may be well to 
point out that, in contrast to proteins which exhibit cation exchange on the 
alkaline side of the isoelectric point and anion exchange on the acid side, the 
mosaic surface permits concurrent adsorption of cations and anions. Data 
indicate that this mosaic picture prevails at reactions below pH 7, whereas the 
left-hand picture seems to be favored in alkaline systems. For example, from 
zinc clays, prepared by leaching of clay with zinc chloride, sodium hydroxide 
will replace all of the zinc in the adsorption layer, whereas sodium chloride will 
displace only divalent zinc. This indicates that zinc in the inner layer is not 
readily replaceable near and below the neutral point. A number of experiments 
were performed to explore the anion exchange properties of zinc bentonite. 
The results are given below. 

Interchange of Cl and OH 

Zinc bentonite was prepared by leaching hydrogen clay (cap. = 87.0 milli- 
equivalents) with filtered, normal zinc chloride solution (pH 5.2) and subsequent 
leaching with 95 per cent methyl alcohol. Titration to pH 7.0 of a 1 per cent 
suspension having a pH of 6.5 revealed a content of exchangeable hydrogen ions 
amounting to 1.4 milliequivalents per 100 g. of oven-dry clay. Zinc exchange¬ 
able by normal, neutral ammonium acetate was found to be 113.0 milliequiva¬ 
lents per 100 g. of oven-dry bentonite. Fusion analysis yielded 122.0 milli¬ 
equivalents of total zinc and 7.2 milliequivalents of chloride. The adsorption 
capacity of zinc clay for ammonium, as determined by leaching with ammonium 
acetate, was only 80.1 milliequivalents per 100 g., as compared with 87.0 milli- 
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equivalents of the original hydrogen clay. With the aid of these analytical data, 
the following picture of the mosaic surface may be formulated: 

H+ (1.4) 

Zn++ (44.4) 

Cl" (7.2) 

OH" (27.1) 

For the system under consideration, the active adsorption centers (inner layer) 
on the surfaces would consist of 57 per cent negative charges and 43 per cent 
positive charges. In order to study both cation and anion exchange, various 
amounts of sodium chloride were added to this zinc clay. The results are 
recorded in table 1. 


Clay 

particle 


TABLK 1 


Cation and anion exchange in a t per cent suspension of zinc bentonite plus sodium chloride 
(All values are expressed as milliequivalents per 100 g. of oven-dry clay) 


SODIUM CHIOH1DK | 

ADD! D | 

SODIUM UPTAKE 

ZINC RELEASE* 

! CHLORIDE UPTAKE 

i 

pH OF SOL 

1 

200 | 

19 3 

20 2 

!" o -- 

6.25 

400 

26 2 

27.9 

; io s 

6.20 

600 ; 

34.2 

36 6 

! 13.4 

1 

6 18 


* Calculated as divalent zinc 


It is clearly seen that the cation interchange involves primarily divalent zinc, 
for the values of sodium uptake and zinc release are nearly identical. In the 
last row, for example, it may be calculated that the 34.2 milliequivalents of 
sodium adsorbed by the clay replaced 31.8 milliequivalents of divalent zinc and 
only 2.4 milliequivalents of monovalent complex zinc ions, either as (ZnCl) f , 
(ZnOH) + , or both. In this system the chloride uptake reached a value of 13.4 
milliequivalents and it ma} r be ascribed to an interchange with hydroxide ions. 

Assuming the adsorption of chloride to be the result of an interchange with 
hydroxide, the reaction should be more pronounced for hydrochloric acid than 
for sodium chloride, as may be seen from the following two equations: 

OH + NaCl Clay Cl + NaOH 


OH + HC1 ^ [ Cl ay JC1 + HOH 

In the case of hydrochloric acid one of the resultants is water, the formation of 
which favors the reaction to proceed from left to right. These trends were 
verified by adding 348 milliequivalents of sodium chloride or hydrochloric acid 
to 100 g. of the abovementioned zinc clay, which resulted in a chloride uptake of 
10.0 milliequivalents from sodium chloride and of 27.1 milliequivalents from 
hydrochloric acid. Calcium chloride was found to occupy an intermediate 
position. The amount of chloride taken up was 20.4 milliequivalents. The 


Clay 


Clay 
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addition of zinc chloride to zinc clay produced a chloride adsorption of only 1.3 
milliequivalents per 100 g. of clay, which is within experimental error, as it 
should be. 


Interchange of Cl, OH, and NO* 

An attempt was made to convert the aforementioned zinc clay containing 
chloride and hydroxide ions into a system possessing replaceable nitrate ions. 
This was successfully accomplished by additions of sodium nitrate and nitric 
acid to the zinc clay. 

The addition of sodium nitrate in the proportion of 87.0 milliequivalents to 
100 g. of oven-dry clay released 22.3 milliequivalents of zinc and 2.0 milliequiva¬ 
lents of chloride. In turn, 21.4 milliequivalents of sodium and 6.3 milliequiva¬ 
lents of nitrate were taken up by the clay. The resulting changes in the com¬ 
position of the exchange layer on the clay may be approximately illustrated as 
follows: 



H+ (1.4) 


Clay 

Zn++ (44.4) 

Clay 

particle 

Cl" (7.2) 

particle 


OH- (27.1) 



H+ 

(1.4) 

Zn++ 

(23.9) 

Na+ 

(21.4) 

ci- 

(5.2) 

OH- 

(22.8) 

NOr 

(6.3) 


This presentation neglects the possible release of some of the hydrogen by sodium. 
Furthermore, it does not take into account the release of 0.9 milliequivalent of 
monovalent complex zinc ion as computed from the difference between sodium 
uptake and zinc outgo. 

To ascertain the reversibility of nitrate interchange, this altered zinc clay was 
leached with 95 per cent methyl alcohol and, subsequently, 348 milliequivalents 
of sodium chloride per 100 g. of clay was added to the system. The electrolyte 
released from the clay 20.2 milliequivalents of zinc and 3.1 milliequivalents of 
nitrate. Simultaneously an adsorption of 19.0 milliequivalents of sodium and 
11.9 milliequivalents of chloride took place. Neglecting again the possible small 
replacements of exchangeable hydrogen and the computed release of 1.2 milli¬ 
equivalents of monovalent complex zinc ions (zinc — sodium), the major changes 
in the composition of the exchange layer may be indicated as follows: 

H + (1.4) 

Zn++ (23.9) 

Na+ (21.4) 

Cl- (5.2) 

OH- (22.8) 

NO a - (6.3) 



or ti.4; 
Zn++ (6.1) 
Na+ (40.4) 
Cl- (17.1) 
OH- (14.0) 
NO*- (3.2) 
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Comparison of the initial and the final clays clearly indicates that the cation 
exchange resulted mainly between sodium and divalent zinc. The two treat¬ 
ments reduced the content in exchangeable hydroxide ion by substitution of 
chloride ion and nitrate ion. The anions Cl"* and NOJ* are thus mutually inter¬ 
changeable. 

The addition of nitric add in place of sodium nitrate to the original zinc clay 
gave rise to the following displacements: 49.0 milliequivalents of zinc and 3.3 
milliequivalents of chloride were released, and 19.0 milliequivalents of nitrate 
were adsorbed. After the material had been leached with 95 per cent methyl 
alcohol, 348 milliequivalents of sodium chloride (per 100 g. of clay) were added. 
Sodium chloride brought about a release of 3.4 milliequivalents of zinc and 6.4 
milliequivalents of nitrate. The uptake involved 2.3 milliequivalents of sodium 
and 13.6 milliequivalents of chloride. A 1 per cent aqueous suspension of this 
zinc clay was very acid, having a pH of 2.5. Titration with hydroxide to the 
pH of the original zinc clay (pH 6.5) indicated the presence of 45.4 milliequiva¬ 
lents of exchangeable hydrogen ion on the clay. This value is in fair agreement 
with the amount of Zn 4 " 1 ' (44.4) initially on the zinc clay. 

It may be concluded that the cation- and anion-exchange studies strongly 
support the concept of the mosaic surface of the zinc clay capable of independent 
cation and anion exchange. 

NATURE OF FIXATION OF NON-REPLACEABLE ZINC 

A careful examination of the experimental data reported will show that, in 
addition to the difficultly replaceable zinc of the inner layer, there exists another 
form of non-replaceable zinc. This type is revealed by comparing the zinc found 
in the ammonium acetate extract of the zinc clay with that obtained by its 
fusion analysis. For the two zinc clays studied the amount of zinc not replace¬ 
able with ammonium acetate was 9.0 milliequivalents per 100 g. in each case. 
Conceivably this form of zinc has become part of the clay lattice and therefore 
is not accessible to the large ammonium ions. Cavities of suitable size are 
furnished by the unoccupied oxygen and hydroxyl octahedra of the brucite layer 
of the montmorillonite crystal. The ionic size of Zn + + (0.78 A.) is identical with 
that of Mg+ + (according to Goldschmidt), which is a common constituent of the 
brucite layer. In order to satisfy the electrostatic neutrality of the clay crystal, 
the introduction of 1 millimole of divalent zinc into the lattice must be accom¬ 
panied either by the adsorption of 2 milliequivalents of anions or by a reduction 
of 2 milliequivalents of the cation-exchange capacity. Inasmuch as ammonium 
bentonite prepared by leaching of zinc clay with ammonium acetate did not 
exhibit any power of chloride adsorption, the first alternative must be ruled out. 
The second alternative is supported by the observation that the transformation 
of sodium clay into zinc clay by leaching with zinc acetate reduced the am¬ 
monium-ion capacity by 8.0 milliequivalents per 100 g. Likewise, the conversion 
of hydrogen clay to zinc clay by leaching with zinc chloride lowered the am¬ 
monium-ion capacity by 6.9 milliequivalents per 100 g. In both clays fusion 
analysis indicated the presence of 9.0 milliequivalents of fixed zinc. A more 
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detailed discussion of this phase of zinc fixation will be presented by one of the 
authors (M.M.E.). 


SUMMARY 

1. Cation and anion adsorption was studied for the systems sodium bentonite 
plus zinc chloride, calcium bentonite plus zinc chloride, hydrogen bentonite plus 
zinc chloride, and for the systems zinc bentonite plus sodium chloride, zinc 
bentonite plus calcium chloride, and zinc bentonite plus hydrochloric acid. 

2. The uptake of zinc from zinc chloride solutions involves the ions Zn++, 
(ZnCl) + , and (ZnOH) + . The release of zinc from zinc clay by sodium chloride 
and calcium chloride is restricted mainly to divalent zinc. 

3. Zinc clays possess pronounced anion-exchange properties. The anions 
Cl - , OH - , and NOj - are mutually replaceable. On the surface OH - is held 
more tightly than either NOr or Cl - . 

4. It is postulated that zinc clay has a mosaic surface capable of independent 
cation and anion exchange. The approximate constitution of the mosaic ad¬ 
sorption layer is indicated. 

5. Some of the zinc adsorbed exists in non-replaceable form. It is suggested 
that it is inside of empty oxygen and hydroxyl octahedra of the brucite layer 
of the montmorillonite crystal. 
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The work of Harkins (3), N. F. Miller (5), and others (2) indicates that the 
non-validity of Antonoff's rule in the case of many amphipathic (polar-nonpolar) 
organic liquids is due to the orientation of the amphipathic molecules in the 
interface water-organic liquid. The final spreading coefficient 

F. = y w - y 0 - 7 «o (1) 

often has small negative values 1 and is not zero, as postulated by Antonoff. 
Recently, however, Antonoff (1) has claimed again the general validity of his 
rule, provided that care is taken that the phases are mutually saturated. Never¬ 
theless, most experimental results, as well as theoretical considerations, do not 
support Antonoff’s claim. 

For simplicity's sake, we shall consider systems in which the mutual solubility 
is small. 

It is well-known that when a column of 1 cm. 2 cross section of an amphipathic 
liquid is separated with the formation of two unit surfaces, the molecules in 
these surfaces become orientated. The work of orientation may be estimated 
from the difference of the work of cohesion (W c ) of an amphipathic liquid and 
that of the corresponding hydrocarbon. It is possible that the pulling apart 
of a column of a hydrocarbon also involves a certain amount of orientation, but 
the amount of energy involved is much smaller than in the case of an amphipathic 
liquid. In general, 

W c = 2y 0 (2) 


for fatty acids is 12-14 and for alcohols 5-8 ergs. cm.“ 2 greater than that for the 
corresponding hydrocarbons. 2 

The molecules of an amphipathic liquid which are in contact with an aqueous 
phase are orientated, orientation being complete in the first layer, and probably 
very imperfect in the subsequent layer. From expressions 1, 2, 4, and 5 it is 
seen that the final spreading coefficient (referring to mutually saturated phases 
surfaces) of an organic liquid on water is, 

F', = W' A - Wc 




wher 


W A * + Vo - yL 


(3) 


(4) 


1 y w and 7 o are the surface tensions of water and organic liquid, respectively, and y wo is 
the interfacial tension water-organic liquid, all quantities referring to mutually saturated 
phases and surfaces. 

* 7 o is the surface tension of the pure organic liquid. 



410 


A. YOEFE AND E. HEYMANN 


and 

w’ e = 2y' t (5) 

When the solubility of water in the organic liquid is small y 9 SsL y 9 and W 9 & W e . 
W' A is the work of separation (per unit surface) of the organic liquid phase in hulk 
from the orientated layer in the interface . In this case, however, only one new 
surface containing orientated molecules is formed. Consequently, the work of 
orientation may be expected to be about one^half of that found on separation 
of a column of an amphipathic liquid whereby two new surfaces are formed 
(vide above). Although this estimate is somewhat approximate, it is safe to 
conclude that, in the case of amphipathic liquids, W' A is smaller than W* c , and 
F, therefore negative. Actually, most investigators have found for F[ values 
between —1.5 and —5 dynes cm."" 1 , considering mutually saturated phases. 
The negative value of F[ is thus due to the fact that the molecular arrangement 
in the interface is different from that in the bulk phase, owing to the strongly 
orientating influence of the subphase water on the amphipathic molecules. 

When this orientation is negligible, W' A may approach W[ and F' 8 zero. This 
may be visualized in the case of non-polar hydrocarbons of low molecular weight. 
Hence Antonoff’s rule is generally more closely approximated when the organic 
phase consists of lower hydrocarbons and, generally speaking, weakly hydro¬ 
philic substances, — F 9 being usually below 1 dyne cm.” 1 , and often approaching 
zero. 

Strict validity of Antonoff’s rule could be conceived only if the subphase 
exerted no orientating influence on the molecules of the organic liquid, and if 
this liquid had a small value of W c . It is doubtful whether this condition can 
be fulfilled at all with a strongly polar subphase such as water. On the other 
hand, it is difficult to visualize any spreading if the molecules of the organic 
liquid are not influenced at all by those of the subphase. Hence, Harkins’ 
statement that F 8 is always negative is probably an absolute rule for systems 
consisting of organic liquids and water. 

This discussion gives a clue to an understanding of the fact that persistent, 
though slightly unstable, .multimolecular layers 3 on water are more frequently 
obtained with pure hydrocarbons of not too high boiling point than with systems 
containing (unpolymerized) amphipathic substances ( cf . 6). 

The permanence of thick layers of heavy hydrocarbon oil containing poly¬ 
merized spreaders is due to secondary processes, such as the formation of a 
rigid film in the interface (4). 
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NEW BOOKS 

Man's Physical Universe . By Arthur Talbot Bawden. 6x 9$ in.; 321 figures; 832 pp. 

New York: The Macmillan Company, 1943. Price: $4.00. 

The present survey of topics in the field of popular and applied science differs in several 
respects from the usual type of such works. As its title indicates a wide range of subject 
matter is treated, from cosmic phenomena, geophysics, and weather.predictions to synthetic 
rubber, vitamins, and the newest sulpha-drugs. 

The value of such a text depends entirely on the way in which it is used. The author 
states it “is intended to be used for survey courses” and adopts as a definition of a survey 
course one which “cuts across two or more departmental fields and which aims (1) to give the 
student an over-view of the facts concerned, and an understanding of their principles and 
relationships, which will be most useful to him as a member of society, and (2) to aid the 
student in determining whether he wishes to specialize in any aspect of the fields.” Cer¬ 
tainly no one should quarrel with these objectives, no matter what regard he may have for 
survey texts in general. 

But the statements: “The text is intended for use in a program of liberal education, the 
idea of general education is not merely an academic fad, it represents a clean-cut difference 
in educational theory,” and the succeeding statement about general education not being an 
“aristocratic sieve for the upper 10 per cent” makes one wonder whether the author doeB 
not after all have in mind another royal road to learning. 

The work is written in a very interesting style which often carries one on through de¬ 
scriptions of subjects with which he may already be familiar. The material, drawn from a 
wide variety of sources, is accurate and modern. The illustrations are numerous and 
striking. The indices are quite adequate. Some parts of the work would be quite suitable 
for high school use, others more for a general science course in junior college. None of it 
offers a background for specialization nor even for teachers of general science. Mathe¬ 
matics of any kind has been carefully avoided. 

Owing to the wide variety of topics any reader is sure to find something of interest to him 
treated in a way to invite further explorations—a good test for any text. 


S. C. Lind. 
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In an earlier paper (1) the problem of writing a general function f(n) for the 
number of structural isomers possible in a simple symmetrical ring of n vertices 
was discussed for a few special types of substitutions. Here we shall offer a 
complete solution of the problem. 

In a limited sense, Polya (3) has already provided a general solution. That 
is, for any particular ring (of any type; Polya’s theorem is by no means restricted 
to the simple rings being studied here) one may employ his method to derive 
an expression for the number of isomers as a function of the degree and type of 
substitution, making use of the group of symmetries of the ring being considered. 
The purpose here, on the other hand, is to obtain expressions which possess 
general validity for all rings of a special type (regular polygons, geometrically 
speaking). 

Stereoisomerism will not be included here, since it has been discussed else¬ 
where (2). 


INTRODUCTION 

Consider a regular polygon of n sides and vertices, each vertex of which 
represents a position at which a single substituent may be introduced into the 
ring. We shall be interested in the general substitution 

X I y2 -y'A 

where X 1 , X 2 , • • • X* are different chemical substituents and X 1 is represented 
in the substitution m t times. For example, if three chlorine atoms and one 
bromine atom are introduced into the ring, the substitution is BriCL, where 
Br = X 1 , Cl == X 2 , h = 2, mi = 1, and m 2 = 3. Also, 

mi = m 2 = • • • = rrik = 1 
m k + 1 , mk+ 2 , • • • m h > 1 

That is, while all substituents occur at least once, the particular substituents 
X 1 , X 2 , • • • X* (and only these) occur only once. If k = 0, all substituents 
occur at least twice. In the above example, k = 1. If the total number of 
substituents of all kinds is m , 

m = mi + m 2 + • • • + 
and 

m ^ n 

The value of A; is a partial indication of the kind of symmetry present in the 
substituted ring. Our approach will be to consider first the number of possible 

413 



414 


TERBBLL L. HILL 


arrangements when X 1 , X 2 , • • * X* (the substituents which occur only once in 
the substitution) are placed in the ring by themselves. The classification to be 
used is based on the symmetry properties of the ring when only these k different 
substituents are present. We shall refer to this ring in the following outline 
as the partially substituted ring. 

I. Jfc > (2 — e(n)] 1 . That is, k > 2, n even; k ^ 2, n odd. The partially 
substituted ring has no axis of symmetry in the plane of the ring. 

II. k = 2, n even. The partially substituted ring ma} r have one and only 
one alxis of symmetry in the plane of the ring. 

IIL k = 1. The partially substituted ring has one and only one axis of 
symmetry in the plane of the ring. 

IV. k = 0. The partially substituted ring (in this case the “partially sub¬ 
stituted” ring is unsubstituted) has n axes of symmetry in the plane of the ring. 

In the first three sections explicit algebraic results may be stated, but with 
increasing difficulty. In the fourth section it is necessary to use group theory 
and obtain generating functions. The treatment in section IV is not restricted 
to k = 0 but is completely general, including all kinds of substitutions. That 
is, it is sufficient for all values of k but necessary for k = 0 only. 

In the first three sections the methods of the first paper (1) will be followed, 
so that some details may be omitted hero. Equations numbered 1 to 16 occur 
in the first paper. 


I. k> [ 2 - e(n)] 

According to equation 8, the k different groups X 1 , X 2 , • • • X* may be placed 
in the ring in 


(n — 1 )(n — 2) •••(» — k + 1) 

2 

different ways. This partial^ substituted ring never has an axis of symmetry 
and therefore the m k +i identical substituents of the type X M1 may be placed 
in the n — k remaining positions in the ring in n _*C mjfc+l ways, where p C q is the 
number of combinations of p things taken q at a time, repetitions not allowed, 
and is given by 


r = P 1 
P ‘ «!(*-«)! 


Similarly, the m*+ 2 substituents of the type X A+2 may be placed in the 
n — k — nik+i remaining positions in n -k^m k+l Cm k+i ways, etc. Therefore the 


1 We defined e(n) in the previous paper (equation 10) as 


e(n) ** 


1, for n odd 
0, for n even 


where .6. is Kronecker's delta. 
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number of isomers / is 


/_1)(^ 2) • • • (n k 1) ^ ^ /i 7 \ 

J — 2 * n-k'-'mic + i * n-k*-mk+1'-'mk+t * ‘ * n-m+tn^mh V 1 * / 


(n - 1 )(n - 2) • • • (n - k + 1) 
2 

1 _(n — 1)1_ 

2 m*+i! ^*+2! • • • rrihl (n — m )! 


(n — k)\ 

m*+i!m*+ 2 ! • • • m h \(n — m )! 
k > [2 — e(n)] 


(18) 


If /t = k + 1 (only one substituent represented more than once in the substi¬ 
tution), equation 18 reduces to equation 16. 

If k = h (all substituents represented only once in the substitution), equa¬ 
tion 18 reduces to equation 8. 


II. k = 2, n even 

If the two substituents X 1 and X 2 are placed in a ring with an even number 
of vertices, the resulting partially substituted ring has an axis of symmetry 
only when X 1 and X 2 arc at opposite vertices (e.g., para to each other if n = 6). 
Let fi be the number of isomers each of whose partially substituted ring has no 
axis of symmetry and let /2 be the number of isomers each of whose partially 
substituted ring has an axis of symmetry. Then 


/®/i+ h 

where f x may be evaluated as in the first section. That is, since there is no 
symmetry possible, for each of the (n/ 2) — 1 partially substituted rings there are 

C “ n—2^ m3 * n— 2—W3^f»4 * * * n—m-f- 


or 

c = —r -v—— -W- -r, (19) 

ms ! m 4 1 • - • nih I (n — m) ! 

possibilities. Therefore 

To find fi we must consider two cases: 

( 1) m*, ra 4 , • • • m h not all even: In this case the completely substituted ring 
has no axis of symmetry. In listing the possible combinations of vertices as 
for fi there are again C possibilities (equation 19), but each isomer will be 
included twice since the partially substituted ring has an axis of symmetry. 
Therefore 

/*< 1 ) = \c ( 20 ) 

(2) ms, m 4 , • • • m h all even: Here the completely substituted ring may have 
an axis of symmetry. In listing the C combinations (equation 19) those com- 
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pletely substituted rings ( S ) which have an axis of symmetry will be included 
only once, while those ( R ) which have no axis of symmetry will be included 
twice, as above. That is (equation 11), 

fm — R + S (21) 

where (equation 12) 

C - S 


R = 


( 22 ) 


In finding S we need consider only half of the ring (one side of the axis of 
symmetry). Then 

(23) 

(24) 


S n—2 • n— 2 4 * * ‘ n— Tn '^' m hC m h 

" T ~ 2 T T 4 T 


C-i- 2 )' 


(?>(¥>■ 


Finally, then, 


or 


/<„ - /. + - (! - l) c +1c - (V‘) c 

(n - 1)! 


/ = 


• • • m*!(n — m)\ 


(k = 2; n even; 
m 3 , ra 4 , ••• m h 


(25) 


Also, 


not all even) 
f(2) = fi + /2(2) = ^ — 1^ C + + s) 


or 




(n - 1)! 


mz\rrii\ • • • w*!(n — m)\ 






(A: = 2; n, 
mt, m, ••• (26) 

rrih. all even) 


If ft *= 3 (i.e., a substitution of the type X^Xj,,), 


/-£ 


(n - 1)! 


2 (m — 2)! (n — m)! 


if is odd (n even) 
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and 


/ 


1 

2 


_ (n- 1)1 _ 

(in — 2)! (n — m) \ 



These results coincide with equation 15 for n even. 


if m 3 is even (n even) 


III. k = 1 


A. n odd. The problem is the same as for/ 2 above. 

(1) m 2 , nia, • • • m h not all even: Corresponding to equation 20, 


/ 


1 (n — 1)! 

2 m 2 !ra 3 ! • • • m,h\(n — m)\ 


(k = 1; n odd; 
ra 2 , ra 3 , • • • nih 
not all even) 


(#) m 2 , w. 3 , * • * (ill even: Corresponding to equation 21, 


(27) 


/ 


1 

2 


_ (n ^1)! 

?aa 2 ! im ! • • • nth ! (n 


— m )! 


+ 



(k = 1; n odd; 
ra*, nit, • • • mn (28) 
all even) 


7J. n even. 

(1) Two or more of ar 2 . aa/ 3 , * * • //?// odd: 'Phis ease corresponds to the case A(l) 
above. That is, no axis of symmetry in the completely substituted ring is 
possible. Therefore 


, 1 _ (n - 1 )! 

‘ 2 m 2 ! mz\ • •. vih ! (n — mj l 


(k = 1; n even; 
two or more of ra 2 , 
ra 3 , • • • m h odd) 


(29) 


(2) One and only one of w 2 , tn 3 , • • • m h odd: This is similar to A(2) above. 
If we let m >2 be odd and m h r/? 4 , • • • m* be even, 




(n - 1)! 


ra 2 ! m 8 ! • • • m *! (n — m)! 



(A: — 1; w 2 
odd ;n,m 3 , w 4 , (30) 

• • • mh even) 
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(8) • • • mh all even: This, too, corresponds to A(2). Here 


- D! 


wial mtl • • • m/,1 (n — m )I 


+ 






(k = 1; n, 
m h m 8 , • • • (31) 

nih even) 


Equation 14 is a special case of equations 27, 28, 30, and 31. 

IV. k = 0 


It is clear that the above procedure becomes more cumbersome as k becomes 
smaller (i.e., as the possibilities for symmetry Income greater). Indeed, for 
k = 0, the method breaks down. If k =* 0 and h = 1 (i.e., for substitutions 
of the type X m , m > 1), the use of partitions 2 (1) is helpful but does not provide 
a complete solution even for this special case. 

Because of the symmetry properties mentioned, it is natural to turn to group 
theory in general and groups of symmetries in particular. 

Polya has provided a method for obtaining the completely general solution 
for any particular ring in terms of the symmetry formula of the ring. The 
symmetry formula, in turn, is determined by the nature of the group of sym¬ 
metries of the ring. Using Polya’s theorem, then, we need only find the group 
of symmetries of the ring of interest to complete the solution. 

In this paper we are restricting ourselves to a class of rings of a certain type 
(regular polygons), but for this particular class wc wish to go further than 
Polya and obtain a general solution applicable to all rings in the class. The 
problem becomes one, therefore, of obtaining a general symmetry formula valid 
for all regular polygons. This may be accomplished by a general consideration 
of the group of symmetries of a regular polygon of n vertices. 

The study of the group of symmetries of a regular polygon of n sides is pri- 

2 Partitions provide the most convenient way of enumerating isomers for substitutions 
of the type X w . In this connection one can prove the following theorem, which may be of 
interest: there exists a set of positive integers x 0) x qi , x q%) • • • such that 

/ =* Xo + x qi + x q% + • • • 

and 


n 1 _ 

m!(n — m )! 


2 nxo + 


n 

Qi 


Xq\ + 


n , 

Qt 


both hold, where q% f q if ••• are the common factors of n and m written in increasing order, 
and where 2 * « 0 if m < 3. 
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manly a mathematical problem, so little more than the results will be given here. 
Probably the simplest procedure is to examine a permutation group of order 2 n 
isomorphic to the group of symmetries of the ring. 

Let the p factors of n be 1 , P 2 , P 3 , • • • n(pi = 1 , p p == n). Consider first the n 
permutations corresponding to rotational symmetries. 

Rotational symmetries: The only cycles possible are those of order 1, pi, p 2 , • • •, 
or n, and each permutation can contain only one kind of cycle. We may say, 
then, that of the n permutations, there are H\ permutations each of which may 
be written as one cycle of order n, H v% permutations each of which may be written 
as a product of p 2 cycles of order n/p 2 , H PS permutations each of which may 
be written as a product of p 3 cycles of order n/p 3 , • • •, and H n permuta¬ 
tions each of which may be written as a product of n cycles of order one. 

If n is even: Consider the integers 1, 2, 3, • • • n/2. Of these, p — 1 (i.e., 
1, 2, p 3 , p 4 , • • • n/2) are factors of n. Let p 2 be the number of them (i.e., of 
1, 2,3, • • • n/2) that are multiples of p 2 = 2 but not factors; let p% be the number 
of them that are multiples of p 3 but not factors, etc. Let 

V = P2 + P3 + * * * + Pj>-2 

Then one finds that II Pi = H% = 2(1 + pi), II P3 = 2(1 + pi), • • •, //„ p _ 2 = 
2(1 + Pp„ 2 ), Hp p ~ t = H n ,2 = L II p p = II n = 1, and 

IU « n - ( II P2 + H P ,+ ••• + H Pp ) = 2 + [n - 2(p' + p - l)f 

If n is odd: Consider the integers 1, 2, 3, • • • (n — l)/2. Of these, p — 1 
(i.e., 1, p 2 , p 3 , * * * Vv~\) are factors of n. Let p 2 be the number of them that 
are multiples of p 2 but not factors, etc. Let 

p' - pi + pi + * • * + pUi 

Then II Pt = 2(1 + p[) f • • •, II ^ = 2(1 + pU), //, v = //„ = 1, and Ih - 
2 + [n + 1 — 2(p + p')]. 3 

Reflective symmetries: Proceeding as above it is not difficult to see from an 
examination of the n permutations corresponding to the reflective symmetries 
of the ring that: 

If n is even there are n/2 permutations each of which may be written as a 
product of n/2 cycles of order two, and n/2 permutations each of which may be 
written as a product of two cycles of order one and (n — 2)/2 cycles of order two. 

If n is odd each of the n permutations may be written as a product of one 
cycle of order one and (n — 1 )/2 cycles of order two. 

We may now restate Polya’s theorem for this particular case. Let 3Cbc the 
group of symmetries (of order 2n) of the unsubstituted ring of n vertices. Let 
P be a permutation group isomorphic to 3C Let be the number of 

permutations in P which can be written as a product of j] cycles of order one, 

cycles of order two, • •, and j n cycles of order ri. Let A m l m 2 • • • ttifa be the 

8 As a corollary we have: The number of regular polygons of n vertices of the type in 
which the lines joining the vertices are not peripheral (e.g., is (Hi — ‘2)/2. 
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number of isomers possible when m 1 substituents of a first kind, m substituents 
of a second kind, • • •, and wu substituents of an ft th kind are substituted, into 
the ring. Then 

2A„ xmi ... mh xT 1 *?'..• ^ 2tf,Pi 1 Fi‘ ■ • • (32) 

where Pi = 1 + Xi + x 2 + • • • + x k , F 2 — 1 + + • • • + x\, • • •, and 

F n — 1 + x" + Xt + • • • + x". The summation on the right is taken over all 
permutations in P and the expression on the left is the resulting polynomial in 

$2j * * * > Eh* 

Combining rotational and reflective symmetries, our final result is 


V A «.**»* 

J'l *2 


— V 
£/» — ^ 

2n 


(33) 


where 


2 - [» - 2(p' + V ~ 2)] F\ + 2(1 + p t )F* nfi + 2(1 + p' t )F p n U, + ■ • • 

+ 2(1 + Vp-2)FITvU + (| + i)p? /2 + \ FlFj + F? (n even) (34) 


and 


2 = [n + 3 — 2(p + p')]F\ + 2(1 + jh)F$ n + 


n—1 


+ 2(1 + p P ^)F p n r v U + nF ' F ^ + F ” ( n odd) (35) 

Aside from its application to isomerism, S in equations 34 and 35 gives the 
number and types of permutations making up a permutation group isomorphic 
to the group of symmetries of a regular polygon of n vertices. 

EXAMPLES 

(1) How many derivatives of benzene are possible of the type CeWXY 2 Z 2 ? 
Here n = 6, h = 4, k = 2, ra 3 = 2, ra 4 = 2, and ra = 6. Equation 26 evidently 
applies. Therefore 


/-s 


1/ 5! 


2 \ 2 ! 2!01 


+ 


imo!/ 


16 


(#) How many isomers of a substituted cyclopentane are there such that five 
given different groups are substituted one on each carbon atom? Here n = 5, 
k = 5, and m = 5. Equation 18 applies and 

f ■= I — = 12 

1 2 0! 

(S) Given the symmetry formula, its use has been illustrated elsewhere (2, 3). 
But we may take an example to show how the symmetry formula is found from 
equations 34 and 35. For cyclooctane, n — 8 (n even). The factors of 8 are 
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1, 2, 4, and 8. That is, pi = 1, p 2 = 2, p 8 = 4, and p 4 = 8; also, p = 4. None 
of the numbers 1, 2, 3, 4 is a multiple of P 2 but not a factor itself, so p 2 = p' == 0. 
Then from equation 34 

X = 1F\ + 2Fl + 5/'1 + + Ft 

SUMMARY 

1. Equations have been presented which make it possible to calculate the 
number of structural isomers in a simple symmetrical ring of n members for any 
value of n and any kind of substitution. 

2. Except when every substituent occurs at least twice in the substitution, 
explicit algebraic expressions have been derived. These are equations 18, 25, 
26, 27, 28, 29, 30, and 31. 

3. When every substituent occurs at least twice, Polya's theorem and group 
theory are employed to obtain a completely general solution (including all kinds 
of substitutions) in terms of a generating function (equations 33, 34, and 35). 
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THE EFFECT OF GELATIN ON TIIK SOLUBILITY OF THALLOUS 

SALTS AT 40°C. 


W. G. KVERSOLE and F. S. THOMAS 
Division of Physical Chemistry , State University of Iowa , Iowa City , Iowa 

Received March 16, 1943 

Solubility methods appear to have distinct advantages in the study of the 
mutual interaction of solute salts and hydrophilic colloids. The presence of 
the solid salt phase fixes the activity of the solute in the saturated solution and 
reduces the number of independent variables to be considered. However, in 
order to avoid the complications arising in solutions of high ionic strength, the 
saturating salt should be only slightly soluble. On the other hand it should be 
sufficiently soluble so that the concentration of the saturated solution can be 
determined by direct chemical analysis. 

Relatively few investigations have been carried out under these conditions. 
Pauli and Stenzinger (1), using a gravimetric method of analysis, studied the 
effect of three proteins on the solubility of calcium sulfate and of calcium car¬ 
bonate. Protein at the isoelectric point and in 0.5 per cent solution was used 
and an increase in solubility was observed. Stone and Failey (2) determined 
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the effect of four highly purified proteins on the solubility of thallous chloride. 
At the isoelectric point they found an increase in solubility which was approxi¬ 
mately proportional to the protein concentration. 

In this investigation it was decided to study the effect of the lyotropic series 
on the solubility effect. The salts selected as best satisfying the desired condi¬ 
tions of solubility and separation in the lyotropic series were thallous sulfate, 
chloride, and thiocyanate. Determinations were made on either side of the 
isoelectric point of the gelatin as well as approximately at the isoelectric pH. 

EXPERIMENTAL 

Reagent quality chemicals and conductivity water were used in all solutions. 

Eastman # 1099 ash-free isoelectric gelatin was used without further attempt 
at purification. It was dried in vacuum over phosphorus pentoxide for over a 
year. Analysis of the bone-dry product gave 17.46 per cent nitrogen, and this 
figure was used in estimating the amount of gelatin in the solutions from the 
results of the analysis for total nitrogen. The gelatin was analyzed for chloride 
by the method of Wilson and Ball (3); the amount present approached the limit 
of detection and was considered negligible. 

pH measurements were made at 40°C. by means of a glass electrode, using 
Bureau of Standards potassium acid phthalate as standard. 

In the alkaline series (pH 6) the sodium hydroxide added was sufficient, 
excluding the gelatin and salt, to give the solutions the following normalities: 
0.0073 for 2.5 per cent gelatin, 0.0123 for 5 per cent gelatin, and 0.0217 for 7 
per cent gelatin. Similarly in the acid series (pH == 3.6) the corresponding 
additions of acetic acid were 0.270, 0.336, and 0.402 normal for the three gelatin 
concentrations. In the isoelectric series (pH == 4.7) the solutions contained 
only water, salt, and gelatin. 

The weighed samples for analysis were carried through a Kjeldahl digestion. 
Some of the digested samples were used for the nitrogen determination by adding 
excess alkali and distilling into standard acid. The thallous ion in other di¬ 
gested samples was titrated with potassium bromate, using the potentioiqetric 
method of Zintl and Reinacker (4). It was determined by experiment that the 
digestion did not interfere with the accuracy of this analysis. 

RESULTS 

The results arc given in tables 1,2, and 3. The concentrations of gelatin ( G ) 
and salt (S) are expressed as grams per 1000 g. of water and gram-moles per 
1000 g. of water, respectively. S is the solubility of the salt in the gelatin solu¬ 
tion, and S° is the solubility in pure water. 

The per cent increase in solubility per gram of gelatin is therefore 100(5 — 
S°)/S°G t and the “inactivation” of the salt, (5 — S°)/G, is the increase per gram 
of gelatin in the moles of salt dissolved by 1000 g. of water. 

An examination of these data reveals that the per cent increase in solubility 
increases with increasing gelatin concentration, and, at any given pH and 
gelatin concentration, is greatest for the thiocyanate and least for the sulfate. 



TABLE 1 

The effect of isoelectric gelatin on the solubility of thallous salts at 40°C. 


SALT 

S® 

pH 

G 

GRAMS OF 
GELATIN PER 
1000 G. WATER 

S 

MOLES OK SALT 
PER 1000 G. 
WATER 

AS/G 

; MMOLES PER 
GRAM OF 
GELATIN 

a s/s*: 

PER CENT PER 
GRAM OF 
GELATIN 

T1CNS .... 

0.02817 

4.76 

22.30 

0.02978 

72 

0 26 



4.83 

45.20 

0.03180 

80 

0.29 



4.82 

66.58 

0.03271 

68 

0.24 

T1C1. 

0.02552 

4.75 

25.13 

0.02628 

30 

0.12 



4.73 

44.89 

0.02643 

20 

0.08 



4.76 

1 

70.74 

0.02807 

36 

0.14 

T1,S0 4 . 

0.1504 

4.55 

20.78 

0 1507 

14 

0.01 



4.62 

46 52 

0 1534 

61 

0 04 


1 

4.72 

63.80 

0.1562 

1 

90 

0.06 


TABLE 2 

The effect of positive gelatin on the solubility of thallous salts at 40 °C. 


SALT 


; 

I»H 

G 

GRAMS OF 
GELATIN PER 
1000 G WATER 

S 

MOLES OF SALT 
PER 1000 G 
WATER 

A S/G 

mmoles per 

GRAM OF 
GELATIN 

as/sk; 

PER CENT PER 
GRAM OK 
GELATIN 

T1CNS .... 

0.02817 

3.60 

23 17 

0 03100 

122 

0 43 



3 5-1 

44.03 

0 03270 

103 

0.37 



3.59 

63.03 

0.03496 

108 

0 38 

T1C1. ... 

0.02552 

3 39 

19.70 

0.02646 

48 

0.19 



3.67 

41.65 

0.02737 

44 

0.17 



3.00 

65.40 

0.02752 

31 

0.12 

TI 3 SO 4 .. 

0.1501 

3 37 

22.49 

0 1498 

-27 

-0.02 



3.53 

48.23 

0 1483 

-44 

-0.03 



3.56 

67.20 

0.1475 

-43 

-0.03 


TABLE 3 

The effect of negative gelatin on the solubility of thallous salts at 4GW- 


SALT 

.s* 

pll 

G 

GRAMS OF 
C.E1.4TIN PER 
1000 G. WA I KR 

s 

MOLES OF SALT 
PER 1000 G. 
WATER 

AS/G 

mmoles per 

GRAM OF 

GELATIN 

as/ah: 

PER CENT PER 
GRAM OF 
GELATIN 

T1CNS. 

0.02817 

6.24 

23.01 

0.03021 

89 

0.31 



5.77 

43.25 

0.03195 

87 

0.31 



6.19 

64.12 

0 03343 

82 

0.29 

T1C1. 

0.02552 

6.16 

20.33 

0 02670 

58 

0.23 




43.30 

0.02835 

65 

1 0.26 



6.09 

64.12 

0.02902 

54 

0.21 

TLSO 4 ... 

0.1504 

5.46 

21.71 

0.1511 

32 

0.02 



5.38 

45.88 

0.1525 

46 

0.03 



5.82 

65.16 

0.1543 

60 

0.04 
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Also (except for the sulfate) the electrical condition of the gelatin is relatively 
unimportant in determining the solubility effect. 

SUMMARY 

1. The addition of gelatin increases the solvent power of water for thallous 
salts. 

2. The percentage increase depends primarily on the concentration of the 
gelatin and the position of the saturating salt in the lyotropic series. 

3. The electrical condition of the gelatin seems to be of secondary importance 
in determining the solubility effect. 
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THE MECHANISM OF THE MUTUAL COAGULATION PROCESS. Ill 
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In two earlier communications dealing with the mutual coagulation of hydro- 
phobic sols (13, 14), it was concluded that the precipitating power of positive 
sols for negative sols is not determined exclusively by the magnitude of the 
{“-potential of the particles in the respective sols. Other factors which may 
influence the process are: (a) mutual adsorption of particles that may be inde¬ 
pendent of the potential which results from the electrical double layer; ( b ) the 
presence of precipitating ions as impurities in the sols; and (c) the interaction 
between stabilizing ions in the sols (7, 9). 

In a series of papers on the coagulation of hydrophobic sols by electrolytes 
(11,12,15,16,17,18,19), it was demonstrated that the lowering of the {“-poten¬ 
tial (or mobility) necessary for coagulation by electrolytes with strongly adsorbed 
precipitating ions results from the simultaneous adsorption of precipitating ions 
and displacement of counter ions in the outer portion of the electrical double 
layer surrounding the particles. This exchange adsorption reduces the {“-poten¬ 
tial (or mobility) by decreasing the distance between the two layers of opposite 
charge. 

From mobility measurements on mixtures of positive and negative sols with 
and without the addition of electrolytes, Hazel and McQueen (4, 5) deduced 
that the mutual coagulation is due primarily to mutual adsorption of oppositely 
charged particles, with a consequent unequal redistribution of the total charge 
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around the particles. The addition to a given sol of electrolytes with strongly 
adsorbed precipitating ions or the addition of another sol of opposite sign of 
charge reduces the f-potential (or mobility) to a critical value necessary for 
coagulation to take place. The authors have studied, by potentiometric 
analysis, the change in composition of the double layer which is responsible for 
the reduced f-potential (or mobility) upon the addition of electrolytes to sols. 
This paper is concerned with an analytical investigation of changes in the com¬ 
position of the electrical double layer when two sols of opposite sign of charge 
are mixed. 


EXPERIMENTAL 

A . General procedures 

Preparation of sols: The positive sols employed were ferric oxide sols prepared 
in different ways. The stabilizing ions in these sols were hydrogen and ferric 
ions and the counter ions were chloride ions. The negative sols employed were 
cupric ferrocyanide, stannic oxide, Congo red acid, and arsenic trisulfi.de. In 
the negative sols, ions common to the salt were the stabilizing ions and hydrogen 
ions were the counter ions, except for cupric ferrocyanide sol 3 in which potassium 
was the counter ion. 

Graham (3) ferric oxide sols were prepared by adding ammonium hydroxide 
to ferric chloride solution short of precipitation and dialyzing the resulting sols 
in the hot in a Neidle dialvzer. After standing for several months the prepara¬ 
tions were centrifuged in an angle centrifuge to remove suspended ferric oxide 
and the resulting sols were analyzed and diluted to a concentration of 5 g. ferric 
oxide per liter. Samples of the sols coagulated with dilute sodium sulfate gave 
a supernatant solution which showed no test for ferric ion with potassium ferro¬ 
cyanide. On the other hand, addition of ferrocyanide directly to the sols re¬ 
vealed the presence of a small amount of ferric ion adsorbed on the oxide particles. 

A Sorum (8) ferric oxide sol was prepared by adding 30 ml. of molar ferric 
chloride solution to 4 liters of boiling water at the rate of approximately two 
drops per minute, replacing the water as it evaporated with boiling water. The 
resulting sol was evaporated on a hot plate during dialysis in a Neidle dialyzer, 
to the concentration given in table 1. The sol gave no indication whatsoever 
of the presence of ferric ions on adding potassium ferrocyanide solution and 
allowing to stand several days. 

Cupric ferrocyanide sols 1, 2, and 4 were prepared by peptizing the gel with 
sufficient hydroferrocyanic acid to give a sol of the desired pH value (18). The 
gel was prepared by adding 200 ml. of cupric nitrate corresponding to 2 g. of 
cupric ferrocyanide to an equivalent amount of potassium ferrocyanide in 200 
ml. The resulting gel was washed by means of a centrifuge until considerable 
peptization resulted. The residual gel was then suspended in water and some¬ 
what less than enough hydroferrocyanic acid was added to give a sol of the de¬ 
sired pH value. After standing overnight the pH value of the resulting sol was 
adjusted by the dropwise addition of dilute hydroferrocyanic acid solution. In 
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preparing sol 3, potassium ferrocyanide was substituted for hydroferroeyanic 
acid as the peptizing agent. 

In the preparation of Zsigmondy’s (21) stannic oxide sol, a highly dilute solu- 
.tion of stannic chloride was allowed to stand several days and the resulting 
stannic oxide gel was washed by the aid of a centrifuge until it started to peptize. 
The gel was then peptized in dilute ammonia and the excess ammonia removed 
by boiling, followed by dialysis in the hot for several days. 

Congo red acid sol (20) was obtained by precipitating a dilute solution of the 
sodium salt with nitric acid, followed by washing by the aid of a centrifuge. 
After several washings, the gel peptized to a sol which was highly stable when the 
pH value was above 4. 

Arsenic trisulfide sol was prepared by the nuclear method of Freundlich and 
Nathansohn (2). 


TABLE 1 


Composition of sols 


SOLS 

TYPE 

CONCENTRATION 

pH 

« H X 

10* 

pCl 

“Cl* 

10* 



millimoles per liter 





Positive: 







FejOj 1. 

Graham (3) 

FejOj = 31.3; Cl - 6.35 

3.34 

4.57 

2.88 

1.32 

Fe*0, 2. 

Graham (3) 

FetOs - 31.3; Cl - 4.47 

3.94 

1.15 

3.05 

0.89 

Fe,0, 3. 

Sorum (8) 

Fe s O, - 30.6; Cl - 1.12 

3.80 

1.59 

3.47 

0.34 

Negative: 







Cu 2 Fe(CN) e 1 . 

Weiser (18) 

Cu 2 Fe(CN) 6 « 47.2 

3.34 

4.57 



Cu 2 Fe(CN)«2 .... 

Weiser (18). 

Cu 2 Fe(CN) 6 « 41.3 

3.94 

1.15 



Cu 2 Fe(CN)» 3.... 

Weiser (18) 

Cu a Fe(CN) e - 42.4 

6.820.0015 



Cu 2 Fe(CN)« 4. 

Weiser (18) 

Cu 2 Fe(CN) 6 - 43.8 

3.70 2.00 



Sn0 2 . 

Zsigmondy (20) 

Sn0 2 — 70.3 

6.320.0048 



As 2 S 3 ... 

Freundlich (2) 

As 2 S 3 * 16.5 

3.23 5.89 



Congo red acid.... 

Weiser (20) 

Congo red acid *■ 3.8 

4.100.79 




The composition of the several sols is given in table 1. The total chloride 
content of the ferric oxide sols was estimated as silver chloride by adding silver 
nitrate to a definite volume of sol, followed by adding nitric acid and digesting 
until the oxide was dissolved; the resulting solution was diluted, filtered on a 
Gooch crucible, and dried at 130°C. The pH and pCl values of the sols were 
determined as described below. 

Mixing of sols and examination of mixtures: To 9 ml. of a sol in one test tube 
was poured 1 ml. of another sol of opposite sign of charge contained in a second 
test tube, and the mixture was poured back and forth a half dozen times. The 
same procedure was followed with the two sols in the ratios 8 ml. : 2 ml., 7 ml. : 
3 ml., etc., giving a series of nine mixtures of the two sols. The several mixtures 
were allowed to stand for 4 hr. at a temperature of 25°C. and were shaken at 
30-min. intervals for the first hour and hourly thereafter until they were exam¬ 
ined for completeness of mutual coagulation and for the hydrogen-ion and 
chloride-ion activities. 
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The hydrogen-ion activities of the mixtures were determined at 25°C. using a 
Beckman model G pH meter and glass electrode. Special precaution was taken 
to keep the electrode free from an adsorbed film of sol particles. 

The mean activity of the chloride ion solution was determined potentio- 
metrically with the same apparatus, using a silver-silver chloride electrode 
prepared by the electrolytic chloridizing of reduced silver oxide paste (1, 6), a 
standard saturated calomel half-cell as reference electrode, and a salt bridge of 
saturated potassium chloride. 

Analogous to the expression used for the calculation of pH, the experimental 
value, pCl, is calculated by the expression: 


pCl = 


E + (0.242 - 0.222) 
0.059 


(at 25°C.) 


in which pCl is the negative logarithm of the mean activity of the chloride solu¬ 
tion and E is the observed electromotive force in volts. No correction was made 
for junction potentials. 

Since the solubility of silver ferrocyanide and of the silver salt of Congo 
red acid may be sufficiently low r to interfere with the potentiometric estimation 
of chloride, the determinations in which these sols were involved were made only 
on the supernatant solutions in the zone of complete mutual coagulation. No 
determinations were attempted on mixtures containing arsenic trisulfide. 


B. Observations on sol mixtures 

I. Ferric oxide sol 1 and cupric ferrocyanide sol 1: Observations were made of 
the change in hydrogen-ion activity 2 hr. and 4 hr. after mixing these two sols. 
The change in chloride-ion activity was determined 4 hr. after mixing. The 
results of all observations arc given in table 2 and show r n graphically in figure 1. 
Since the change in hydrogen-ion activity is relatively small between 2 and 4 hr. 
after mixing the two sols, all subsequent observations were made approximately 
4 hr. after mixing. 

The mutual interaction of the two sols gives mixtures possessing a lower hy¬ 
drogen-ion activity than either of the sols alone. Moreover, the decrease in 
hydrogen-ion activity is much greater throughout most of the range of sol 
concentrations than one would predict from the curves showing the decrease in 
hydrogen-ion activity on diluting the respective sols with water. This may be 
explained as follows: The highly dispersed ferric oxide adsorbs hydrogen ions 
so strongly that these ions, together with a small amount of ferric ions, constitute 
the inner portion of the double layer surrounding the particles; the diffuse outer 
portion of this double layer consists of chloride ions. Hydrogen (and ferric) 
ions are thus the stabilizing ions of the sol giving the particles a positive charge, 
and chloride ions are the counter ions. In the cupric ferrocyanide sol, the 
strongly adsorbed ferrocyanide ions are the stabilizing ions giving the particles 
a negative charge, and hydrogen ions are the counter ions. On adding nega¬ 
tively charged cupric ferrocyanide sol to positively charged ferric oxide sol, the 
mutual adsorption lowers the f-potential on both kinds of particles. To oppose 
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this lowering of the {'-potential on the ferric oxide particles, hydrogen ions are 
adsorbed from solution with a consequent lowering of the hydrogen-ion activity 

TABLE 2 


Observations on mixtures of ferric oxide sol 1 and cupric ferrocyanide sol 1 


SOLS MIXED 

« H X 10* 

a c 1 x 10 S 

4 hr. 


FcjOi 

j CuaFe(CN). 

2 hr. 

4 hr. 

ml. 

ml. 





10 

0 

4.57 

4.57 

1.32 


9 

1 

3.31 

3.23 


Excess Fe 2 Oj 

8 

2 

3.02 

2.82 


Excess Fe 2 Oa 

7 

3 

2.51 

2.46 


Slight excess Fe 2 0* 

6 

4 

1.82 

1.74 

1.90 

Complete coagulation 

5 

5 

1.05 

0.98 


Complete coagulation 

4 

6 

0.56 

0.41 

1.94 

Complete coagulation 

3 

7 1 

0.30 

0.20 


Slight excess Cu 2 Fe(CN)» 

2 

8 

0.28 

0.17 


Excess Cu 2 Fe(CN)« 

1 

9 

0.66 

0.25 


Excess CujFe(CN)e 

0 

10 

4.57 

4.57 

I 




SOLS M i XED , ML. 

Fig, 1. Potentiometric analysis of sol mixtures 


of the sol mixture. This effect predominates through the higher and medium 
concentrations of ferric oxide, the hydrogen-ion activity increasing again only in 
mixtures rich in cupric ferrocyanide. 
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The mutual adsorption of cupric ferrocyanide and ferric oxide particles results 
in a displacement of counter chloride ions from the outer portion of the double 
layer of the ferric oxide sol in much the same way that strongly adsorbed negative 
ions, such as sulfate, displace chloride ions from the outer portion of the double 
layer of this sol. Similarly, the mutual adsorption causes a displacement of the 
counter hydrogen ions from the cupric ferrocyanide sol. But hydrogen ions are 
strongly adsorbed by ferric oxide particles, whereas chloride ions are very weakly 
adsorbed by cupric ferrocyanide particles (10). The net result is an increase in 
the chloride-ion activity of the mixture at the same time that the hydrogen-ion 
activity falls off. 

Complete mutual coagulation results when the f-potential (or mobility) of 
the mixture of colloidal particles is reduced below a critical value necessary for 
stability. Since hydrogen ions are the stabilizing ions of ferric oxide sol and the 
counter ions of cupric ferrocyanide sol, it is theoretically possible for the zone 



- 1 - 1 - 
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O 

8 

Ol 
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A = Fe 2 0 3 SOL 2 
B = Cu 2 Fe(CN) 6 SOL 2 
—— COMPLETE COAGULATION 



SOLS MIXES, ML 

Fig. 2. Potentiometric analysis of sol mixtures 


of complete mutual coagulation to come before, at, or after the minimum in the 
a H ^-composition curve for mixtures of these two sols. When the data are 
plotted as in figure 1, the complete mutual coagulation zone comes before the 
minimum is reached in the hydrogen-ion activity. 

27. Ferric oxide sol 2 and cupric ferrocyanide sol 2: The experiments described 
above were repeated with sols in which the hydrogen-ion activity was only one- 
fourth that in the 1-sols. A comparison of the observations represented graphi¬ 
cally in figure 2 with those in figure 1 shows that the mutual coagulation phenom¬ 
ena are essentially the same with the relatively impure 1-sols and with the 
relatively pure 2-sols. With the 2-sols, the zone of complete mutual coagulation 
is found near the minimum in the ^-composition curve, but it extends over 
only about one-half of the minimum portion of the curve. 

III. Ferric oxide sol 1 and cupric ferrocyanide sol 8: In figure 3 are given the 
hydrogen-ion and chloride-ion activities of various mixtures of these tw r o sols. 
Potassium ferrocyanide is substituted for hydrofcrrocvanic acid as the peptizing 
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agent in cupric ferrocyanide sol 3 and the sol has a pH value of 6.8. On dilution 
of this neutral sol with pure water, the pH value undergoes no appreciable change, 
whereas dilution of ferric oxide sol 1 causes an appreciable rise in the pH value. 
It is apparent, however, that the marked falling off in hydrogen-ion activity of 
the ferric oxide sol on treating it with neutral cupric ferrocyanide sol results in 
large measure from increased adsorption of hydrogen ion by ferric oxide particles 
in order to compensate in part for the reduction in f-potential which accompanies 
the mutual adsorption of the oppositely charged particles. In this combination 
of sols, as in the previous ones, adsorption of ferrocyanide particles by ferric 



a 10 e e 4 2 o 

BO 2 4 6 8 10 


SOLS MIXLO, ML 

Fig. 3*. Potentiometric analysis of sol mixtures 

oxide particles displaces chloride from the diffuse outer later on the oxide 
particles, as evidenced by the increased chloride-ion activity of the mixture. 

IV. Ferric oxide sols 1 and 2 and stannic oxide sol: Experiment III was repeated 
with the same ferric oxide sol 1, but the nearly neutral cupric ferrocyanide sol 3 
was replaced by the nearly neutral stannic oxide sol. Although the observations 
shown graphically in figure 4 are similar to those in figure 3, it is apparent that 
they differ in two respects: In the first place, the precipitating power of stannic 
oxide sol for ferric oxide sol 1 is less than that of cupric ferrocyanide sol 3. 
Accordingly the region of marked lowering of the f-potential, accompanied by 
adsorption of hydrogen ions, and the zone of complete mutual coagulation are 
displaced further to the right with stannic oxide sol than with cupric ferrocyanide 
sol. In the second place, unlike cupric ferrocyanide, stannic oxide adsorbs 
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chloride sufficiently strongly that there is no marked rise in chloride-ion activity 
in the ferric oxide-stannic oxide sol mixtures. 



Fig. 4. Potentionietrie analysis of sol mixtures 


m 

o 



A 10 
B 0 


6 

2 


6 4 2 0 

4 6 8 10 

SOLS MIXED, ML 


Fig. 5. Potentiometric analysis of sol mixtures 


The results are very much the same w hen the more highly purified ferric oxide 
sol 2 is substituted for ferric oxide sol 1, as shown in figure 5. 

V. Ferric oxide sol S and cupric ferrocyanide sol 4: It will be recalled that the 
Graham sols used in this investigation contain some adsorbed ferric ions, whereas 
the Sorum ferric oxide sol 3 contains no detectable amount of these ions. More- 
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over, the Graham sols contain chloride from ammonium chloride as well as from 
hydrochloric acid, whereas the Sorum sol contains no ammonium ions. Ac¬ 
cordingly, the chloride-ion activity of Sorum sols is much lower than that of 
corresponding Graham sols of the same pH value. The observations on mixing 
the Sorum ferric oxide sol 3 and cupric ferrocyanide sol 4 are given in figure 6. 
With this combination also, there is a simultaneous adsorption of hydrogen ions 
and displacement of chloride ions as the narrow zone of complete mutual coagu¬ 
lation is approached. It is apparent that the small amount of adsorbed ferric 
ions on the ferric oxide particles in Graham sols plays no significant rdle in the 
mutual coagulation process involving cupric ferrocyanide particles stabilized 
in the sol state by adsorbed ferrocyanide ions. 

VI. Ferric oxide sol 3 and arsenic trisulfide sol: The Sorum ferric oxide sol 3 
was mixed with the much more acidic arsenic trisulfide sol and observations were 



SOLS MIXED, ML 


Fig. 6. Potentiometrie analysis of sol mixtures 

made of the change in hydrogen-ion activity as given in figure 7. Here again 
there is an initial drop in the hydrogen-ion activity in the presence of excess 
ferric oxide sol, followed by a gradual rise as the concentration of arsenic sulfide 
sol increases. In this instance, the zone of complete mutual coagulation is at 
the right of the minimum in hydrogen-ion activity. 

VII. Ferric oxide sol 3 and Congo red acid sol: Congo red acid sol is a colloidal 
electrolyte consisting of hydrogen ions in equilibrium with colloidal ionic micelles 
made up of groups of Congo red anions together w r it,h some of the undissociated 
acid. Observations with mixtures of the colloidal electrolyte and ferric oxide 
sol 3 are shown graphically in figure 8. In striking contrast to the behavior of 
other combinations of sols previously described, it will be noted that the hydro- 
gen-ion activity rises to a maximum value instead of falling to a minimum. 
Since the hydrogen-ion activity of Congo red acid sol, like that of ferric oxide sol, 
falls off on dilution with water, the observed increase is not a dilution effect. 
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The most probable explanation of this behavior is that the Congo red ionic mi¬ 
celle is so strongly adsorbed by ferric oxide that it displaces not only the inner- 



SOLS MIXED, ML 


Fig. 8. Potentiometric analysis of sol mixtures 


most portion of the outer layer of chloride ions but also the inner layer of hydro¬ 
gen ions, so that both the chloride-ion and the hydrogen-ion activities of the 
mixtures increase up to a certain point. In line with this, it is known that cer- 
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tain dye anions are so strongly adsorbed by positive hydrous oxide sols that they 
will reverse the sign of charge on the sols. In the mixture under consideration 
this strong mutual adsorption manifests itself in instantaneous coagulation of a 
portion of the mixture. For example, if one starts with 5 ml. of the ferric oxide 
sol and adds a drop of the Congo red acid sol, an immediate coagulum results 
which may be centrifuged out leaving pure ferric oxide sol. This instantaneous 
stepwise precipitation on the dropwise addition of Congo red acid sol continues 
until all the ferric oxide is in the coagulum. Conversely, if one starts with 5 ml. 
of Congo red acid sol and adds the ferric oxide sol dropwise, stepwise precipita¬ 
tion takes place until all the dye is in the coagulum. In contrast, if cupric 
ferrocyanide sol is added dropwise to ferric oxide sol, no precipitate is formed 
untD a certain concentration is reached and the sol consists of mixed particles 
possessing a lower f-potential than that of the original sols. 

DISCUSSION 

On mixing two hydrophobic sols of opposite sign of charge, mutual adsorption 
of the oppositely charged particles takes place with lowering of the f-potential 
(or mobility) of the mixed particles. In general, this mutual adsorption is ac¬ 
companied by displacement of counter ions of the double layer which surround 
the particles of the respective sols. The displaced counter ions may remain in 
the intermicellar solution and so may be estimated potentiometrically, or the 
displaced counter ions from the particles of one sol may be adsorbed so strongly 
by the particles of the second sol that they are removed in part from the inter¬ 
micellar solution. 

In the positive ferric oxide sols used in the investigation, hydrogen ions and 
ferric ions in the Graham sols are the stabilizing ions of the inner layer and 
chloride the counter ions of the diffuse outer layer surrounding the dispersed 
particles. In the acidoid salt sols, the common negative ions are the stabilizing 
ions and hydrogen the counter ions. In the weakly acidic negative stannic oxide 
sol, stannate ions are the stabilizing ions and ammonium and hydrogen the 
counter ions. With mixtures of positive ferric oxide sols and negative sols, the 
mutual adsorption with lowering of the f-potential of the mixed particles is 
accompanied by displacement of counter chloride ions from the ferric oxide 
particles and of counter hydrogen ions from the negatively charged particles 
Because of strong adsorption of hydrogen ion by ferric oxide, the lowering of the 
f-potential of the mixture is compensated in part by adsorption of displaced 
hydrogen ions or of hydrogen ions present in the original intermicellar solutions. 
The net result is that the hydrogen-ion activity of the sol mixtures decreases to 
a minimum value well below that of either sol alone. At the same time that the 
hydrogen-ion activity falls off, the chloride-ion activity of the mixtures increases. 
This rise is marked with the negative sols of cupric ferrocyanide and Congo red 
acid which do not adsorb chloride appreciably (10), but is quite small with the 
sol of stannic oxide which adsorbs chloride more strongly. 

The behavior of mixtures of Sorum ferric oxide sol and the colloidal electrolyte, 
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Congo red acid, differs from that of the other combinations investigated. With 
this mixture, the mutual adsorption of ferric oxide and the colloidal anion is 
sufficiently great to displace hydrogen ion from the inner layer of the ferric oxide 
particles or, in any event, to cut down the adsorption of these ions displaced from 
the dye sol. Accordingly, with stepwise variation in the composition of this 
mixture of sols, the hydrogen-ion activity as well as the chloride-ion activity 
increases to a maximum well above that of either sol alone. 

The zone of complete mutual coagulation extends over the range of composi¬ 
tions where the f-potential (or mobility) of the mixed particles is below a mini¬ 
mum value. Since the counter hydrogen ions of the negative sols are the 
stabilizing ions in the ferric oxide sols, the zone of complete mutual coagulation 
may fall before, at, or after the minimum (or maximum) in the a H +-composition 
curves for the several mixtures. 


SUMMARY 

The following is a brief summary of the results of this investigation: 

1. Changes in the composition of the electrical double layer on the sol particles 
of hydrophobic sols have been followed by potentiometric analysis when two 
sols of opposite sign of charge are mixed systematically in varying ratios. The 
positive sols used were two Graham ferric oxide sols of different degrees of purity 
and a Sorum ferric oxide sol; the negative sols used were four cupric ferrocyanide 
sols, arsenic trisulfide sol, stannic oxide sol, and Congo red acid sol, a colloidal 
electrolyte. 

2*. The mutual adsorption of oppositely charged particles results in a lowering 
of the f-potential (or mobility) of the mixed particles. In general, this mutual 
adsorption is accompanied by displacement of the counter ions of the double 
layer. The displaced counter ions may remain in the intermicellar solution or 
the displaced counter ions of one sol may be adsorbed by the particles of the 
second, thereby opposing the lowering of the f-potential. 

3. In most combinations employed, hydrogen ions were the chief stabilizing 
ions of the positive sols and the counter ions of the negative sols. In these 
combinations, the hydrogen-ion activity of the mixtures decreased to a minimum 
value because of strong adsorption of this ion by hydrous ferric oxide. At the 
same time, the chloride-ion activity of the mixtures rose to a maximum. 

4. With ferric oxide-stannic oxide mixtures the hvdrogen-ion activity showed 
a marked decrease, whereas the chloride-ion activity showed very little increase 
because of adsorption of chloride ion by stannic oxide. With Sorum ferric oxide 
sol and Congo red acid sol, the adsorption of the ionic micelle of the colloidal 
electrolyte is sufficiently strong that both hydrogen ions and chloride ions are 
displaced, both the a H +-composition and <* c i—composition curves showing a 
maximum. 

5. Since counter hydrogen ions in the negative sols employed are stabilizing 
ions of the ferric oxide sols, the zone of complete mutual coagulation may fall 
before, at, or after the minimum (or maximurh) in the a H +~composition curves 
for the several mixtures. 
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I. INTRODUCTION 

It will not be necessary to explain to readers of this journal that rubber is 
made up of long-chain molecules in “knauel” 2 form. However, in recent times 
a few more perfections have come to light, which will be examined more closely 
in this paper. 


II. THE “KNAUEL” STRUCTURE 

After Staudinger’s well-known conception of the rubber molecule in the form 
of rigid rods had gradually been pushed into the background (6; c/. also 1), 
the assumption, especially of Kuhn (13) and of Guth and Mark (5; c/. also the 
more recent publications mentioned in references 2, 3, 4, 11, and 15), of the 

1 Communication No. 27 from The Rubber Foundation, Delft, Netherlands. 

* The German word “Kn&uel” has no exact equivalent in the English language; the near¬ 
est translation is “clew” or “skein. ” These words, however, do not give the exact meaning 
of the German. A “Knauel” is a loose irregular coiling of thread or yarn. In this paper 
the German word will therefore be used. 



STRUCTURE OF RUBBER 


437 


so-called statistical “knauel” of flexible threads, found an increasing number of 
adherents. The most productive refinement of Kuhn is probably that in a 
highly elastical state the macro-Brownian movement 3 is considered restricted 
while the micro-Brownian 4 movement is free (14; cf. particularly 15). 

Starting from this conception of Kuhn, we are confronted by three important 
questions: (a) Does such a long-chain molecule show branchings from the start, 
or does the “knauel” consist of unbranched long chains coiled through each 
other? ( b ) Do there develop in the “knauel” of the unvulcanized-rubber, on 
its being kept, bridges which cross-link the long chains to each other and in 
that way produce a certain coherence in the “knauel”? (r) Which other causes 
govern a more or less compact structure of the “knauel”? ( d) What is the 
further perfected structure of the “knauel”? 

III. THE BRANCHINGS 

In the later work of Staudinger (1(3) it is clearly stated that chain molecules 
are assumed to show' branchings, as approximately indicated in figure 1. Staud- 
inger concludes, on the grounds that the degree of polymerization determined 
osmotieally—which is considered the correct method—is about two to five 


Fig. 1. Branchings according to Staudinger and Fischer 

times as large as the one determined viscosimetricallv, that the molecules must 
be long but that they show branchings of an unknown nature (compare figure 1). 
The relation 


y __ osmotic degree of polymerization 
viscosimetric degree of polymerization 

being from 2 to 5, is called the degree of hr and ting. In our opinion this relation— 
as long as the existence of the branchings has not been proved as certain or as 
the only complication—might better be called the degree of compactness of the 
“fcnawei,” thereby leaving it undecided as to w hether there is branching or 
cross-linking, or whether perhaps the degree of compactness of the “knauel” is 
governed by polar groups. The expression “degree of knaueling” is more gen¬ 
eral and embraces all the possibilities mentioned. A higher value for V would 
mean thus a more compact “knauel.” 

Starting with Kuhn's (13) formula 1, the waiter has calculated (9), from 
measurements by Staudinger and Warth (17), 

n B p = AV;i/?eal (!) 


8 Viz. the Brownian movement of complete molecules. 
4 Viz. the Brownian movement of molecule groups. 
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where n, p = specific viscosity, 
c = concentration, 
n * a constant, 

Xi « a constant, and 

Jlfreai =* the real molecular weight determined osmotically, 
that for certain polyesters n = 0.6 in this formula. 

The exponent n may be taken as a measurement for the compactness of the 
“knauel.” For the statistically ideal “knauel” according to Kuhn, n = 0.86. 
A smaller n would indicate a greater compactness; in the case of poly esters this 
might be due to the polar groups. From recent determinations by Staudinger 6 
it may be derived that for rubber n = 1.6, which therefore should indicate a 
very loose “kn&uel,” a finding which in any case agrees with the lack of polar 
groups in unvulcanized rubber. 

IV. CHAIN OR NET STRUCTURE OF RUBBER 


There are indications that in commercially available rubber the molecules are 
for the greater part present in the form of nets instead of in the form of chains. 
Whether or not the netted molecules are present in the latex is left out of dis¬ 
cussion. It is known, however, that on keeping, rubber becomes more and more 
insoluble; especially an investigation of Kemp (12) and collaborators has thrown 
a sharp light on this subject. According to the writer’s opinion (10), very 
probably a cyclization has occurred here, for example, as indicated below r : 

H 2 H ch 3 h 2 H 2 H ch 3 h 2 

—C—C==C-C— —C—C—C-C— 

—c—c=c—c— * — c—A—c—c— 

H 2 H CH 3 H 2 H 2 H CH* H 2 

Only when rubber in the presence of oxygen is being plasticized (as happens, 
e.g., on the plantations, on rollers, and in washing mills) does the greater part 
become soluble. This end may be reached also by having oxygen act in a differ¬ 
ent way, e.g., by heating thin sheets in air, or by sunlight in the presence of 
oxygen. This is shown in figure 2. 

If one supposes that the molecules are split by oxygen according to one of 
the two schemes indicated below, it becomes clear that if nets are present they 
will be split into pieces. 


Scheme a: 


Scheme b: 


h 2 h ch 3 h 2 h 2 h ch 8 h 2 

: C—C=C : -C—C—C=C-C— + 30 _> 

S Ri R* 

0 o 

✓ s 

RiC + CR, + H,0 
\ H X 

O CH* 

H 2 H CH, H, H 2 I H, 

—C—C—C-C— + 20 > —C—C + O—C—C— 

\ 

H 


* See tkble 37 in reference 16. 
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Such net fragments will show the same structure as “knauel” in which here 
and there the molecules are bridged by cross-links (the cross-links B in figure 5). 
Along this line of reasoning, therefore, one should come to the conclusion that 
in sol rubber, at least to some extent, there are present loose three-dimensional 
structures (namely, the cross-linked “knauels”) as they are in gel rubber. Sol 
and gel rubber should therefore differ from each other only in that the net 
fragments are smaller in the sol variety, and that perhaps in the sol a larger 
number of free chain molecules are present. Kemp and Peters (12) find that 
there occurs a continuous change in molecular weight from sol to gel; the frac¬ 
tion with a molecular weight = 210,000 (calculated according to Staudinger) 
is almost insoluble, which means therefore the beginning of the gelling. 



Fig. 2. Increase in the soluble part o i rubber as a result of different treatments in the 

presence of oxygen 


According to the opinion of the writer this net structure of raw rubber is very 
acceptable (10). This would mean, however, that one never meets single chain 
molecules in investigations, as up to now was generally supposed to be the case. 

V. THE CHANGE OF STRUCTURE DURING VULCANIZATION 

There still exists a difference of opinion as to whether there are intramolecular 
or intermolecular sulfur bridges being formed during vulcanization. Figure 3 
presents the various possibilities, according to Hauser (7). 

To the writer it appears very probable that these molecular sulfur bridges are 
present; they will be considered here as certain. In case intramolecular ones 
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should occur, they will cause polar groups, which will be taken into further 
consideration in figure 5. 

VI. FURTHER PERFECTION OF THE STRUCTURE SCHEME 

Using the above considerations as a basis, it is now possible to outline a 
structure scheme which explains approximately the mechanical properties (8). 
With respect to electrical properties, however, it is desired to perfect the scheme 
still more; we therefore start with Wildschut’s (18) considerations. He has 
especially emphasized that in natural raw rubber there are always certain polar 
groups, ions, and spots with high dielectric constant present, which must be 
ascribed to impurities. For most practical uses this is of no importance, but 
especially in an electrical alternating current field they cannot be ignored, since 
they may influence the electrical properties to a high degree. 

If one adds to the above the dipoles 6 which develop due to the sulfur bridges 
during vulcanization, and which are represented in figure 4, the structure indi¬ 
cated in figure 5 is obtained. 

It is especially emphasized here that it is proved to be possible to eliminate 
the non-rubber constituents by a special purification, which results in a much 
simpler structural scheme. In cases where such a painfully exact purification 
has not been applied—in practice, always—the structural scheme as indicated 
in figure 5 will be the one to be considered. 

SUMMARY 

The present-day ideas on the structure of raw rubber and of vulcanized rubber 
are discussed. The exponent n of equation 1 is indicated as a measure for the 
degree of compactness of the “knauels” in solution. # This measure is a more 
general one than that introduced by Staudinger for the degree of branching. 
Emphasis is laid on the opinion that probably already in unvulcanized raw 
rubber the chains in the “knauel” are partly cross-linked by bridges (due to 
cyclization?). A more precise idea of the structure, with attention to the build¬ 
ing of sulfur bridges during vulcanization, polar groups, ions, etc., is given in 
figure 5. 
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THE SYSTEM n-HEXANE-METHYLCYCLOPENTANE-ANILINE 
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The system n-heptane-methylcyclohexane-aniline has been investigated re¬ 
cently at 25.0°C. and the following relations proposed (4): 

(a) The ratio of heptane to methylcyclohexane in the solvent layer bears a 
constant relation to the same ratio in the hydrocarbon layer. This relation may 
be expressed as 


h = fi- 

Ve *p 

where y n — weight fraction of the naphthene in the solvent layer, 
y v = weight fraction of the paraffin in the solvent layer, 
x a , x p — similar fractions to the above but in the hydrocarbon layer, and 
0 = constant. 

(i b ) The percentage of either of the hydrocarbons in the solvent layer is a 
definite function of its percentage in the hydrocarbon layer at equilibrium. The 
following equations were proposed; 


Vn = 


QnSn 

1 “ 1 “ bpXn 


Vp 


OpXp 

1 4 * bpXp 


where the x and y terms are the same as above and a and b are constants. 

(c) Linear relationship between the percentage of methylcyclohexane and of 
n-heptane in either of the layers: 


Xp = m a x n + &H 


Ve - m$y B + b s 


the symbols having the same significance as before with m and b constants. 
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The data obtained for the system n-heptane-methylcyclohexane-aniline at 
25.0°C. have been found (1) to give straight consolute lines by applying the 
method of Sherwood (3) or that given in the International Critical Tables (2). 

In the present study the system n-hexane-methylcyclopentane-aniline has 
been investigated at 25.0°, 34.5°, and 45.0°C. to determine whether the above 
relations, and methods for obtaining straight consolute lines, were applicable 
generally to systems of this type, independent of temperature. 

EXPERIMENTAL 

n-Hexane was prepared from n-hexyl alcohol by dehydration over activated 
alumina at 400°C., after which the resulting mixture of hexenes was dried and 
hydrogenated over copper chromoxide or Raney’s nickel in a high-pressure auto¬ 
clave at 180°C l . The hexane obtained was washed repeatedly with concentrated 
sulfuric acid until free from olefins, dried, and fractionated in a column having an 
efficiency of twenty to twenty-four theoretical plates. The distillate boiling 
between 68° and 69°C., depending on the atmospheric pressure, and of refractive 
index = 1.3751 was bulked as pure ?i-hexane. 

Methylcyclopentane was prepared by refluxing cyclohexane with aluminum 
chloride and a trace of water. The resulting mixture was washed with concen¬ 
trated sulfuric acid, dried, and distilled in a column which had an efficiency of 
seventy-four theoretical plates at total reflux. The portion taken as pure 
methylcyclopentane boiled at 71.7-72.5°C., the refractive index of successive 
small portions of distillate being constant at nf* = 1.4099. 

Aniline was purified by distillation, and dried over anhydrous sodium sulfate. 

The solubilities of mixtures of the two hydrocarbons in aniline were determined 
by noting the miscibility temperatures of mixtures of known composition. 
Aniline was pipetted into a test tube, a measured volume of the hydrocarbon 
added from a buret, and the miscibility temperature noted. Precautions were 
taken to avoid local overheating, loss by evaporation, and contamination by the 
atmosphere. 

Tie lines were determined by shaking mixtures of known composition at con¬ 
stant temperature for 6 to 8 hr., allowing the layers to separate at the same 
temperature, and removing the top layer. The ratio of the two hydrocarbons in 
the top layer (solvent-free) was determined from the refractive index of the 
mixture after removal of the aniline by washing with dilute sulfuric acid. 

RESULTS AND DISCUSSION 

The solubility-temperature relations of mixtures of n-hexane and methylcy- 
clopentane in aniline are given in table 1 and shown in figure 1. From figure 1 a 
linear relation was obtained between the composition of the hydrocarbon mixture 
and the temperature necessary to obtain a given degree of miscibility. This 
relation is shown in figure 2. 

Using the relations shown in figures 1 and 2, the phase-boundary curves for the 

1 The authors are indebted to Dr. L. Cooke of the Department of Industrial and Cellulose 
Chemistry, McGill University, for carrying out the hydrogenation reactions for them. 
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system at 25.0°, 34.5°, and 45.0°C. were drawn. These curves are shown in 
figures 3,4, and 5 and the experimental data are given in table 2. 

TABLE 1 

The solubility-temperature relations of mixtures of n-hexane and methylcyclopentane in aniline 


MOLE EXACTION OP W-HEXANE IN HYDIOCAXBON MXXTUBS 


1.000 

0.883 

0.750 

0.674 

T* 

H.C.t 

T 

H.C. 

T 

H.C. 

r 

| H.C. 

°C. 


9 C. 


°C. 


°c. 


7.4 

0.048 

10.0 

0.056 

6.7 

0.058 

7.2 

0.063 

33.8 

0.103 

28.9 

0.096 

25.4 

0.102 

25.2 

0.104 

41.2 

0.140 

43.2 

0.142 

40.4 

0.156 

36.1 

0.144 

55.1 

0.203 

54.4 

0.199 

53.3 

0.241 

46.7 

0.201 

62.4 

0.259 

61.5 

0.284 

59.0 

0.315 

54.3 

0.292 

65.0 

0.309 

64.7 

0.389 

61.1 

0.390 

57.7 

0.394 

67.4 

0.361 

64.8 

0.420 

61.3 

0.402 

57.6 

1 0.394 

67.5 

0.369 

65.1 

0.474 

61.6 

0.421 

58.0 

0.441 

68.3 

0.402 

65.0 

0.511 

61.0 

0.605 

57.8 

0.552 

68.6 

0.429 

64.3 

0.619 

56.8 

0.730 

56.7 

0.651 

68.8 

0.534 

61.0 

0.715 

45.1 

0.824 

53.4 

0.742 

66.0 

0.675 

54.5 

0.801 

28.4 

0.911 

45.8 

0.824 

59.8 

0.773 

43.0 

0.861 

12.8 

0.957 

32.1 

0.898 

49.1 

0.841 

26.8 

0.918 



7.6 

0.952 

30.9 

0.913 

11.0 

0.965 





0.467 

0.266 

0.083 

0.000 

T 

H.C. 

T 

H.C. 

T 

H.C. 

T 

H.C. 

13.4 

0.086 

11.0 

0.108 

5.7 

0.114 

8.3 

0.137 

27.0 

0.132 

22.2 

0.149 

15.6 

0.153 

15.7 

0.177 

35.1 

0.173 

32.3 

0.209 

24.4 

0.204 

21.7 

0.214 

40.1 

0.205 

40.4 

0.298 

31.7 

0.269 | 

25.7 

0.251 

44.0 

0.240 

43.8 

0.409 

35.1 

0.332 

29.8 

0.306 

47.5 

0.287 

43.7 

0.411 ! 

36.6 

0.396 

32.4 

0.364 

49.5 

0.337 

44.0 

0.489 

37.3 

0.471 

33.6 

0.419 

50.8 

0.416 

43.6 

0.626 

37.4 

0.579 

33.8 

0.427 

51.0 

0.431 

40.0 

0.746 

36.6 

0.684 

34.0 

0.464 

51.0 

0.529 

31.1 

0.854 

33.4 

0.756 

34.4 

0.516 

50.3 

0.634 

16.3 

0.922 

25.7 

0.864 

34.5 

6.533 

48.2 

0.715 



11.9 

0.930 

34.2 

0.626 

43.6 

0.789 





33.6 

0.690 

36.7 

0.846 





31.5 

0.766 

27.8 

0.892 





25.8 

0.874 

8.5 

0.949 


: 



11.0 j 

0.926 


* T «* temperature of miscibility. 

fH.C. * mole fraction of hydrocarbon mixture dissolved in aniline. 


The data from which the tic lines were drawn are given in table 3 and the tie 
lines shown in figures 3,4, and 5. One extremity of the tie line was taken as the 



MOLE FRACTION OF HYDROCARBON IN MIXTURE 
Fig. 1 . The solubility-temperature relations for mixtures of w-hexane and methyl- 
cyclopentane with aniline. Mole per cent n -hexane in hydrocarbon mixture: curve 3, 100; 
curve 2, 90; curve 3, 78; curve 4, 71; curve 5, 50; curve 6, 30; curve 7, 8; curve 8, 0. 



MOLE FRACTION OFirHEXANE IN HYDROCARBON 
MIXTURE 

Fig. 2. The relation between the composition of the hydrocarbon mixture and the 
temperature required to obtain a given degree of miscibility with aniline. Curve A, 50 per 
cent miscibility with aniline; curve B, 30 per cent miscibility with aniline; curve C, 80 
per cent miscibility with aniline; curve D, 15 per cent miscibility with aniline; curve E, 
90 per cent miscibility with aniline. 
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point where the line joining the apex (solvent) to the point on the naphthene- 
paraffin axis representing the composition of the solvent-free hydrocarbon layer 
intersects the hydrocarbon portion of the phase-boundary curve. The tie line 
was drawn from this point of intersection to the point representing the total com¬ 
position of the original mixture, the second extremity being obtained by produc¬ 
ing this line to meet the portion of the phase-boundary curve representing the 
solvent layer. 

The methods (2, 3) that were found to yield straight consolute lines for the 
system n-heptane-methylcyclohexane-aniline at 25.8°C. (1) have been applied 

TABLE 2 


System, n-hexane-methylcyclopentane-aniline: data for phase-boundary curves 





TEMPERATURE OF MISCIBILITY (°C.) 









HYDROCARBON 

MIXTURE 

25.0°C. 

34.5®C. 

45.0°C. 

H.C.* 

Pt 

H.C. 

P 

H.C. 

P 

mole fraction 
of n-kcxane 







1.000 

0.079 

0.079 

0.104 

0.104 

0.142 

0.142 

0.883 

0.084 

0.074 

0.109 

0.096 

0.152 

0.134 

0.750 

0.084 

0.076 

0.133 

0.100 

0.181 

0.136 

0.674 

0.106 

0.071 

0.144 

0.097 

0.197 

0.133 

0.467 

0.122 

0.057 

0.167 

0.078 

0.250 

0.117 

0.266 

0.166 

0.035 

0.226 

0.049 



0.083 

0.208 

0.017 

0.303 

0.025 



0.000 

0.242 

0.000 

0.540 

0.000 



0.000 

0.857 

0.000 

0.540 

0.000 



0.083 

0.868 

0.072 

0.750 

0.062 



0.266 

0.889 

0.191 

0.824 

0.178 



0.467 

0.900 

0.421 

0.861 

0.402 

0.771 

0.361 

0.674 

0.919 

0.619 

0.883 

0.595 

0.828 

0.558 

0.750 

0.921 

0.691 

0.886 

0.663 

0.833 

0.625 

0.883 

0.929 

0.820 

0.901 

0.796 

0.855 

0.755 

1.000 

0.933 

0.933 

0.905 

0.905 

0.865 

! 0.865 


* H.C. = mole fraction of hydrocarbon (paraffin + naphthene) in the aniline solution, 
t P.*» mole fraction of paraffin in the aniline solution. 


to the present system with the results shown in figures 3, 4, and 5. From -these 
graphs it is seen that both methods give reasonably straight lines for mixtures 
which contain large amounts of paraffin and which are far removed from the 
plait point. For mixtures near the plait point, however, or for mixtures contain¬ 
ing only a small concentration of paraffin, the consolute line is markedly curved, 
as shown clearly in figures 4 and 5. 

Values of 0 (table 4) were calculated from the relation (4) 













SYSTEM HEXANE—METHYLCYCLOPENTANE—ANILINE 


447 


N 



Fjg. 3. System n-hexane-methylcyclopcntanc-aniline at 25.0°C. Phase-boundary 
curves and tie-line relations. Curve A, conjugate line (Sherwood (3)); curve B, conjugate 
line {International Critical Tables (2)). 


the symbols having the significance given previously, except that here the units 
are mole fractions instead of weight fractions, a change which cannot alter the 
numerical value of the constant. 



Fig. 4. System n-hexane-methylcyclpentane-aniline at 34.5°C. Phase-boundary 
curves and tie-line relations. Curve A, conjugate line (Sherwood (3)); curve B, conjugate 
line (International Critical Table s (2)). 
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line (International Critical Tables (2)). 
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Reasonable constancy of /? prevails, not only for tie lines at each temperature, 
but also over the temperature range in this investigation. Hence 0 appears to be 
a general constant for the system and to be temperature-independent. 

The relation between the mole fractions of either of the hydrocarbons in the 
solvent phase and the mole fraction of the same hydrocarbon in the hydrocarbon 

TABLE 3 


System n-hexane-methylcyclopentane-aniline: data for drawing tie lines 


EQUILIBRIUM 

TOTAL MIXTURE 

HYDROCARBON LAYER (SOLVENT-FREE) 

TEMPERA TUBE 

P* 

Nt 

*0* 

W D 

pt 

°c. 

25.0 

0.416 

i 

0.048 ! 

1.3780 

0.902 


0.371 

0.096 

1.3812 

0.798 


0.332 

0.192 

1.3861 

0.646 


0.242 

0.235 

1.3901 

0.528 


0.161 

0.375 

1.3978 

0.310 


0.079 

0.441 

1.4037 

0.154 


0.039 

0.456 

1.4063 

0,088 

34.5 

0.700 

0.076 

1.3780 

0.902 


0.631 

0.157 

1.3811 

0.801 


0.633 

0.155 

1.3810 

0.803 


0.499 

0.311 

1.3871 

0.616 


0.434 

0.385 

1.3900 

0.530 


0.391 

0.436 

1.3920 

0.473 


0.263 

0.584 

1.3978 

0.311 


0.150 

0.716 

1.4030 

0.173 


0.150 

0.716 

1.4030 

0.173 


0.077 

0.801 

1.4063 

0.088 

45.0 

0.731 

0.040 

1.3766 

0.948 


0.654 

0.129 

1.3801 

0.835 


0.511* 

0.295 

1.3865 

0.634 


0.343 

0.492 

1.3942 

0.411 


0.336 

0.500 

1.3945 

0.402 


* P « mole fraction of paraffin in the total mixture, 
t N * mole fraction of naphthene in the total mixture. 

t p « mole fraction of paraffin in the solvent-free hydrocarbon layer (equilibrium con¬ 
ditions). 

phase is shown in figures 6 and 7. The curves for the system n-heptane-methyl 
cyclohexane-aniline (4), converted to a mole fraction basis, are given for com¬ 
parison. It is seen that at 25.0°C. the curves for the system n-hexane-methvlcy- 
clopentane-aniline and for the system n-heptane-methylcyclohexane-aniline are 
very similar in shape and that the former system is relatively nearer the critical 
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TABLE 4 


System n-hexane-methylcyclopentane-anilinc: equilibrium relations 


EQUILIBRIUM 

TEMPERATURE 


LAYER 


SOLVENT LAYER 

0* 

P 

N 

N/P 

N 

P 

N/P 


°c. 

25.0 

0.930 

0.000 


0.082 

0.000 




0.838 

0.090 

0.107 

0.076 

0.016 

0.143 

1.34 


0.736 

0.187 

0.250 

0.073 

0.022 

0.301 

1.19 


0.535 

0.326 

0.604 

0.060 

0 055 

0.917 

1.03 


0.480 

0.430 

0.896 

0.050 

0.080 

1.600 

1.22 


0.278 

0.618 

2.223 

0.037 

0.117 

3.161 

1.42 


0.136 

0.744 

5.468 

0 028 

0.141 

5.018 

0.92 


0.075 

0.795 

10.610 

0.007 

0 209 

29.860 

1.31 


0.000 

0.856 


0.000 

0.244 



Average value of 0. 

1.20 

34.5 

0.906 

0.000 


0.113 

0.000 




0.816 

| 0.087 

0.107 

0 108 

0.017 

0.107 

1.00 


0.718 

0.174 

0.242 | 

0.099 

0 038 

0.394 

1.08 


0.718 

0 174 

0.242 

0.099 

0.038 

0.394 

1.08 


0.537 

0.336 

0 625 

0.082 

0 081 

0.989 

1.08 


0.460 

0.405 

0.881 

0.074 

0.106 

1.431 

1.11 


0.409 

0.451 

1.103 

0 072 

0.111 

1.050 

0.95 


0.262 

0 580 

2.214 

0.056 

0 157 

2.802 

1.27 


0.141 

0.666 

4 720 

0.037 

0.228 

9 041 

1.30 


0.141 

0.666 

4.720 

0.037 

0.228 

9.041 

1.30 


0.066 

0.694 

10.52 

0 021 

0.291 

13.85 

1.32 


0.000 

0.640 


0.000 

0.640 

, 


Average value of 0. . 

1.14 

45.0 

0.860 

0.000 

; 

0.138 

0.000 




0.814 

0.046 

0.056 

0.137 

0.009 

0.066 

1.16 


0.716 

0.140 

0.196 

0.130 

0.056 

0.431 

2.20 


0.525 

0.301 

0.573 

0.128 

0.079 

0.617 

1.08 


0.307 

0.438 

1.437 

0.121 

0.208 

1.72 

1.20 


0.298 

0.440 

1.477 

0.120 

0.211 

1.76 

1.19 

AvArnovt vaIiia nf R 






1.37 









* N/P in solvent layer 
p N/P in hydrocarbon layer 


solution temperature of the naphthene concerned than is the latter system at the 
same.temperature. The equations proposed (4) to express these relations are: 

QnXn 

yn 1 + b n x n 


Vp 


flpSp 

1 I' bp Xp 
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It has been found possible to evaluate the constants to obtain close agreement at 
25°C. with the curve for the system n-heptane-methylcyclohexaneraniline, but 
for higher temperatures the equations for the curves become increasingly inac¬ 
curate. 

The linear function proposed (4) for the relation between the concentrations of 
paraffin and naphthene in either of the liquid phases is shown in figure 8 to hold 



MOLE FRACTION OF NAPHTHENE IN HYDROCARBON 
LAYER 

Fig. 6. The relation between the concentrations of the naphthene component in two 
layers at equilibrium. Curve A, system n-hexane-methylcyclopentane-aniline at 45.0°C.; 
curve B, system n-hexane-methylcyclopentane-aniline at 34.5°C.; curve C, system n- 
hexane~methylcyclopentane-aniline at 25.0°C.; curve D, system n-heptane-methylcyclo- 
hexane-aniline at 25.0°C. 

well at low temperatures, but at higher temperatures pronounced deviations 
from linearity are evident. From this it may be concluded that, for the present 
system, this relation is only approximate even at low temperatures. The simi¬ 
larity in shape of the curves shown in figure 8 to the corresponding phase-boun¬ 
dary diagrams has been noticed. Although no rigid mathematical connection 
has, been obtained between the shapes of these curves, there is a probability that 
linearity in one case presupposes a similar relation in the other. From figure 8 
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Fig. 7. The relations between the concentrations of the paraffin component in two 
layers at equilibrium. Curve A, system ?i-he\ane-methyleyclopentane-aniIine at 45.0°C.; 
eurve|B, system n-hexane-methylcyclopentanc-aniline at 34.5°C.; curve C, system n-hexane- 
methylcyclopentanc-aniline at 25 0°C\; curve D, system n-hcptane-methylcyclohexane- 
aniline at 25.0°C. 



Fig. 8. The relations between the concentrations of paraffin and naphthene components 
in the same layer. Curve A, 45.0°(\; curve B, 34.5°C.; curve C, 25.0°C. 

it is evident that, except at 25.0°C., the curve for the above relation in one of the 
phases is a continuation of that representing the same relation in the other phase. 
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Two separate and distinct curves, approximating linearity, are obtained only at 
low temperatures when the miscibility diagram is such that the phase-boundary 
lines do not form a continuous curve and are approximately linear in form. 

By suitable mathematical manipulation of the three equations proposed (4) 
to describe the system n-heptane-methylcyclohexane-aniline at 25.0°C., the 
following relation may be derived: 

Xn « _«>«_ (t . 

P 

in which all of the symbols on the right-hand side of the equation are constant. 
As x n is one of the variables, the above result is anomalous. This anomaly is 
probably due to the inadequacy of the relations proposed to account accurately 
for the system. 

This research was made possible through the kind cooperation of Messrs. 
Trinidad Leaseholds Limited, who have retained one of us (B. de B. Darwent) 
in their employ. We acknowledge gratefully their permission to publish these 
results. 
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KINETICS OF THE THERMAL DECOMPOSITION OF n-PROPYL 
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The vapor-phase decomposition of simple aliphatic esters has been studied by 
many workers, but a large share of the work has been upon catalytic decomposi¬ 
tion. The decomposition of esters in the absence of catalysts, other than the 
glass flasks used as containers, had not been thoroughly studied until recently. 
Bilger and Hibbert (2) decomposed a number of esters by flowing their vapors 
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through a quartz tube at temperatures from 470° to 500°C. In each case the 
principal reaction was the formation of olefin and acid. Esters of primary 
alcohols were found to be more stable than esters of secondary alcohols: e.g., 
at 470°C., n-propyl acetate was 49.5 per cent decomposed, whereas isopropyl 
acetate was 97.4 per cent decomposed at the same temperature and contact time. 

Hurd and Blunck (10) studied the role of the /3-hydrogen atoms in the alkoxy 
group in the decomposition of esters. Several esters containing /3-hvdrogen 
atoms were decomposed, and it was found that esters containing a primary alkyl 
group are the most stable toward heat, those with a secondary alkyl group less 
stable, and those with a tertiary alkyl group the least stable. Hurd and Blunck 
proposed the formation of a chelate-ring structure as an intermediate compound. 

Choppin, Frediana, and Kirby (4) found the decomposition of ethyl chloro- 
formate into ethyl chloride and carbon dioxide to be a homogeneous first-order 
reaction. The experimental activation energy was 29,400 cal. Compere (6) 
studied the thermal decomposition of isopropyl chloroformate. The reaction 
was heterogeneous and of the first order. The primary reaction was the de¬ 
composition to carbon dioxide and n-propyl chloride, which subsequently 
partially dissociated to propene and hydrogen chloride. 

Steacie (14) studied the decomposition of methyl formate in a silica flask 
from 400° to 500°C. The reaction was entirely heterogeneous. The primary 
reaction was shown to be the decomposition into methyl alcohol and carbon 
monoxide, followed by the decomposition of the methyl alcohol to formaldehyde 
and hydrogen, and these products decompose into carbon monoxide and hydro¬ 
gen. The activation energy was 48,700 cal., and it was found to be independent 
of the surface of the reaction flask. 

Makens and Eversolc (12) studied the kinetics of the pyrolysis of ethyl formate 
in a Pyrex flask by a static method. The principal primary reaction was the 
decomposition into ethene and formic acid, which subsequently decomposed 
into carbon dioxide, carbon monoxide, hydrogen, water, and formaldehyde. 
The principal reaction was of the first order, and the experimental activation 
energy was 40,010 cal. At the temperatures studied (375°, 400°, 425°C.), the 
reaction was fairly slow. The present paper is an extension of the work of 
Makens and Eversole to the propyl formates. 

EXPERIMENTAL 

Materials: n-Propyl formate (Eastman Kodak Co.) was dried and fractionally 
distilled. The sample used in the decomposition was collected from the middle 
of the boiling range: 81.00-81.15°C. (corr.). The density, d^ , was 0.8980, and 
the refractive index, n»\ was 1.3771. Isopropyl formate (Eastman Kodak Co.) 
was purified in a similar manner. The physical constants of the product were: 
b.p. = 68.80-G8.90°C. (corr.), d^ 0 = 0.8785, = 1.3(381. Methyl formate 

(Eastman Kodak Co.) was used without further purification. 

Apparatus: The apparatus was a modification of the general type used for 
studying decomposition by a static method (1, 15). The reaction vessel was a 
280-cc. Pyrex flask. For rapid removal of the reaction products a large Toepler 
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pump was provided. Liquid products were condensed in an ice trap, and ana¬ 
lyzed by micro methods. The evacuating equipment was a large mercury- 
vapor pump backed by a Hyvac oil pump, and the pressure was reduced to less 
than 0,5 micron before each run. During the run the pressures were read upon 
an ordinary mercury manometer, which in turn was connected by a heated 
capillary manometer to the reaction flask. 

The temperature of the furnace was controlled to =fc0.3°C. by a circuit devised 
by Zabel and Hancox (16). To insure even distribution of the temperature the 
reaction flask was immersed in a bath of molten tin (1). The gaseous products 
were analyzed with a modified Orsat apparatus, propene being absorbed in 83 
per cent sulfuric acid and ethene in fuming sulfuric acid ( 11 ). For each analysis 
the entire contents of the reaction flask were removed by the Toepler pump and 
transferred to the Orsat apparatus. 

THE DECOMPOSITION OF ft-PROPYL FORMATE 

Preliminary runs were made at temperatures varying from 360° to 425°C. 
It was found that the pressure changes were gradual, that the compound did not 
char during the decomposition, and that gaseous products formed were similar. 
From the preliminary runs the temperatures 360°, 380°, and 400°C. were chosen 
for study. The initial pressure for each run was determined by fitting a parabola 
to the first five pressure readings by the method of least squares, and calculat¬ 
ing the pressure at zero time. In table 1 are presented data for analyses 
of duplicate runs at 360°, 380°, and 400°C., which were made without disturbing 
the reaction flask. The initial pressures were always approximately 250 mm., 
and the data reported are corrected to this pressure. After a long period of 
time the pressure remained constant. This will be referred to as “total decom¬ 
position,” and P" and F* are pressures and volumes referred to this state. 

Table 2 gives the per cent of the volume of each gas formed upon total de¬ 
composition for propene, carbon dioxide, and hydrogen at 380°C. At the start 
of the run the percentage of propene was greater than that of carbon dioxide or 
hydrogen, but as the run. progressed, the differences became less. The data may 
be explained by the reaction: 

C 3 H 7 OOCH -+ CsIIe + HCOOH (1) 

which is followed by the decomposition of the formic acid according to the fol¬ 
lowing equations (9, 12, 13): 

HCOOH -» C0 2 + H 2 ( 2 ) 

HCOOH CO + H 2 0 (3) 

2 HCOOH -» C0 2 + HCHO + H 2 0 (4) 

The primary reaction was independent of minor changes of the surface of the 
reaction flask produced by cleaning, but the rate and mode of decomposition 
of the formic acid varied widely with changes of the surface. To secure fairly 
reproducible results from the decomposition of the formic acid, the reaction 
flask was not cleaned during a series of runs. 
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TABLE 1 

Gaseous products formed in the decomposition of n-propyl formate 


Corrected to an initial pressure of 250 mm. 


TEMPERA¬ 
TURE j 

TIME IN MINUTES 

30 

60 

110 

180 

210 

1365 

360°C. 

C,He, ml. 

1.30 

3.75 

7.55 

10.90 

13.55 1 

24.10 


C0 2 , ml. 

1.50 

4.75 

8.75 

13.55 

18.05 

32.05 


CO, ml. . . . 

0.80 

1.05 

1.70 

1.90 

2.15 

2.90 


lit, ml. 

2.15 

3.25 

6. GO 

12.30 

13.70 

32.25 


CIl 4 , ml. . 

1.50 

1.45 

1.25 

1.45 

1.45 

4.10 


(E« - V,) . . 

I 

22.80 

20.35 

16.55 

13.20 

10.55 





PjPa = 

= 2.2 




TEMPERA¬ 

TURE 

TIME IN MINUTES 

■ 

15 

' 

30 

45 

60 

1 

75 

480 

380°C. 

C 8 H,, ml. .. 

3.95 

6 50 

9.30 

12.05 

14.65 

28.45 


C0 2 , ml. ... 

3.55 

G 80 

9 05 

12.85 

17.45 

35.90 


CO, ml. .. 

0.55 

1.25 ! 

1.45 

1.65 

2.30 

3.65 


JJ 2 , ml. . 

1.50 

2.70 

6.36 

8.60 

9.80 

27.50 


CH 4} ml. 

0.50 

0 70 

1.55 

1.60 

2.80 

4.25 


- Vi) • 

24.50 

21.95 

| 19.15 

16.40 

13.80 

■ 




PJVo = 

= 2.5 




TEMPERA¬ 

TURE 

TIME IN MINU1ES 

15 

22 5 

1 

37 5 

45 

270 

400°0. 

C 3 IL, ml. . 

! 8.05 

12.30 

15.15 ! 

17.65 

20. (K) 

30.55 

' 

CO«, ml, . 

j 7.50 

10 GO 

12 20 

18 00 

19 90 

31 05 


CO, ml. . 

i 1.30 

1.80 

1.90 | 

1.50 

2 80 

6 30 


II 2 , ml. . 

4.55 

8.35 

5.80 | 

10.10 

11.10 

25.45 


CH 4 , ml... 

0 20 

0.55 ! 

0.00 j 

0.65 

0.65 

1.14 


(V m - Fi) . . 

21 GO 

18.25 

15.40 1 

12.90 

10.55 





pjpo = 

- 2.4 





TABLE 2 

n-Propyl formate at 880°C. 

Per cent of the volume of each gas formed at total decomposition 


TIME IN MINUTES . 

15 

30 

45 

60 

75 

480 

C 8 He, per cent. 

13.9 

22.8 

32.7 

41.3 

51.5 

100 

C0 2 , per cent. 

9.9 

18.9 

25.2 

35.7 

48.5 

100 

Hj, per cent. 

5.5 

9.8 

19.4 

31.2 

35.6 

100 


Small amounts of liquid products wore collected from runs continued only 
partially to completion. Fractional distillation by micro methods showed 
that almost all of the liquid was n-propyl formate. The liquid gave a fuchsin 
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test, indicating the presence of an aldehyde. Solid magnesium oxide was 
added to the liquid, and the volatile compounds distilled off. Formic acid was 
identified by preparing a characteristic derivative, cerous formate, according 
to tiie methods of Emich and Schneider (7). 

Possible reactions of propene were studied in the reaction flask at 380°C. and 
pressures equal to those found in the ester decomposition. Propene did not 
polymerize under these conditions, as indicated by no changes of composition or 
pressure in a run of 75 min. Mixtures of propene and hydrogen were introduced 
into the flask at 380°C. No pressure change was observed in runs of 240 min., 
but the analyses showed slight amounts of ethene and methane present in equal 
quantities. This indicated that a reaction described by Burnham and Pease 
(3) at 500°C. may occur at these temperatures: 

CaH« + Ha -» C 2 H« + CH« (5) 

In the ester decomposition at 400°C. the volume of ethene was approximately 
equal to the volume of methane, but at lower temperatures methane was 
usually present in greater amounts. On the basis of equation 5, the volume of 
propene formed was take as the volumes of propene plus ethene. 

From the volume of propene the order of the reaction and the velocity con¬ 
stants of the principal primary reaction may be determined. The reaction is of 
the first order, since log (F„ — F,) plotted against time gives a straight line, 
where F M is the volume of propene formed upon total decomposition and F, 
is the volume formed at time t. The specific velocity constants were determined 
by the method of least squares: 

km- = 0.608 X 10 4 ; k . m • = 1.58 X 10 4 ; k m • = 3.96 X 10 4 sec.' 1 

The logarithms of the velocity constant plotted against the reciprocal of the 
absolute temperature give a straight line, and the experimental activation energy 
was calculated to be 39,660 cal. 

THE DECOMPOSITION OF ISOPROPYL FORMATE 

The decomposition of isopropyl formate is considerably faster than that of its 
isomer. Experimentally convenient temperatures were found to be 310°, 
322.5°, and 335°C., and at these temperatures the rates are comparable with the 
rates of the decomposition of n-propyl formate at 360°, 380°, and 400°C., re¬ 
spectively. Since the gaseous products were similar to those obtained in the 
decomposition of n-propyl formate, the same postulates regarding the volume 
of propene were made. The initial pressure was determined in the manner pre¬ 
viously described. In table 3 are given the analyses of duplicate runs at the 
temperatures 310°, 322.5°, and 335°C.; these runs were also made without 
disturbing the reaction flask. 

In table 4 are given the percentages of the volume of each gas formed upon 
total decomposition for propene, carbon dioxide, and hydrogen at 322.5°C. 
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This shows that the rate of formation of propenc is very much greater than the 
rate of formation of carbon dioxide and hydrogen at the beginning of the reac¬ 
tion, but the latter products are formed at a greater rate later in the decomposi¬ 
tion. This may be explained by a primary reaction forming propene and formic 
acid, which is followed by the decomposition of the formic acid. The liquid 

TABLE 3 

Gaseous products formed in the decomposition of isopropyl formate 


Corrected to an initial pressure of 250 mm. 


TEMPERA - 
TURK 

TIME IN MINUTES . 

00 

90 

120 

150 

180 

j 2160 

310°C. 

C*H 6 , ml. .. 

6.80 

9.85 

13.30 

16.30 

19.75 

j 40.90 


C0 2 , ml. . . 

2.65 

3.80 

5.50 

7.75 

7.75 

30.50 


CO, ml. 

0.55 

0.75 

1.00 

1.15 

1.45 

8.05 


H 2 , ml. 

1.00 

0.40 

1.50 

1.90 

2.25 

25.05 


CH 4 , ml. 

0.50 

1.10 

| 0.75 

1.90 

1.90 | 

3.80 


(Vm ~ V ,) . 

34.10 

31.05 

| 27.60 

24.60 

21.15 

i 




pjpo =2.6 




TEMPERA¬ 

TURE 

TIME IN MINUTES 

30 1 

| 

i 

45 

00 ! 

1 

1 

7s ; 

i 

90 

f 

1 1630 

322.5°C. 

| C*Hi, ml. 

8.20 

12.50 

15 10 

19.40 j 

21.50 

39.90 


i C0 2 , ml. . 

2.00 

3.20 

4.50 ; 

5.25 : 

6.50 

| 37.85 


CO, ml. 

| 0.25 

0.60 

0.80 ; 

1.10 

1.35 

7.65 


H 2 , ml. 

| 0.30 

0 35 ■' 

0.55 : 

0.(50 j 

1.15 

25.45 


CH« f ml. . 

! 0.90 

2.50 

2 55 l 

4 20 

2.40 | 

2.80 


(v. - r.) 

1 31.70 

27.40 

24.80 j 

20 50 ; 

18.40 

; 

; 




pJl>» = 

= 2.6 




TEMPERA¬ 

TURE 

TIME IN MINUTES 

15 j 

1 

22 5 

,0 

37.5 j 

l 

45 

370 

335°C. 

C,Hfl, ml. .. 

9.75 

14 20 

16.70 

20.45 

22.90 

39.65 


C0 2 , ml. ... 

5.85 1 

C 30 

9.95 

10.70 ' 

13.70 

38.25 


CO, ml. . 

0 65 

1 20 

1 25 

1 90 

2.50 

5.30 


H 2 , mi. 

2.15 

1 65 

3.40 

3 65 s 

5.55 

30.10 


CH 4 , ml. . 

2.30 

2 55 | 

2.45 | 

4.10 

2.90 1 

4.50 


- V t ) . 

29.90 

25.45 j 

22.95 | 

19.20 ; 

i 

16.75 





pJPo = 

* 2.7 





products from runs that were continued only partially to completion contained 
isopropyl formate, formic acid, and an aldehyde. Table 1 shows that the 
decomposition of the formic acid is very much slower at the lower temperatures 
used for the decomposition of isopropyl formate. As in the decomposition of 
?i-propyl formate, the reaction forming propene was independent of changes of 
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the surface of the reaction flask, but the decomposition of the formic acid was 
not* Hence the reaction flask was not cleaned during a series of experiments. 

The amount of propene formed (propene plus ethene) was used to determine 
the order of reaction and the velocity constants. The reaction was found to be 
of the first order, and the specific velocity constants were calculated by the 
method of least squares: 

fcuo» = 0.666 X 10~ 4 ; k m .v = 1.53 X 1(T 4 ; k m * = 3.20 X 1(T 4 sec." 1 

The logarithms of the velocity constant plotted against the reciprocal of the 
absolute temperature produce a straight line, and the experimental activation 
energy was calculated to be 44,230 cal. 

THE DECOMPOSITION OF METHYL FORMATE 

Several runs were made with methyl formate at 380° and 400°C., and the 
reaction was found to be very slow at these temperatures. The rate of decom¬ 
position of methyl formate is very much slower at 400°C. than the rate of 
decomposition of n-propyl formate at 360°C. The liquid products condensed in 
an acetone-dry ice trap gave a positive fuchsin test indicating the presence of 
an aldehyde, presumably formaldehyde. 


TABLK 4 

Isopropyl formate at 822.6°C. 

Per cent of the volume of each gas formed at total decomposition 


TIME IN MINUTES . 

30 

45 

60 

75 

90 

1630 

CjHe, per cent . 

20.5 

31.3 

37.8 

48.5 

53.9 

100 

CO*, per cent. 

5.3 

S.5 

11.9 

13.9 

17.2 

100 

H*, percent. 

1.2 

1.4 

2.2 

2.4 

4.5 

100 


DISCUSSION 

As a mechanism for the pyrolysis of simple esters Hurd and Blunck (10) and 
others have postulated the formation of a cyclic intermediate complex contain¬ 
ing a hydrogen bridge between the oxygen atom of the carbonyl group and a 
0 -hydrogen atom of the alkoxy group. The formation of this six-membered 
ring is possible, and the complex may be of the type postulated in the theory of 
absolute reaction rates of Eyring (8). 

According to this theory for a first-order reaction 3 

k = e ~ Ar,sr = XT e T + Y BIBT (6) 

n n 

where k is the specific velocity constant, K is the Boltzmann constant, T is the 
absolute temperature, h is Planck’s constant, R is the gas constant, A F and AS 
are the free energy and entropy of activation, and E is the experimental activa¬ 
tion energy. 

•Transmission coefficient is assumed to be 1. 
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The velocity constants of the primary reactions which form the olefin may be 
expressed by the Arrhenius equation: 


Ethyl formate (12): 

k = 2.52 X ioV" ,MWSr 

(7) 

n-Propyl formate: 

k = 2.94 X 10V 39,< “ 0/sr 

(8) 

Isopropyl formate: 

k = 2.47 X lOV 44 ’” 

(9) 


The entropy and free energy of activation were evaluated at 350°C.: 



AS 

A F 


E.U. 

cal. 

Ethyl formate. 

— 19.0 

50,610 

n-Propyl formate . . . 

-18.7 

50,070 

Isopropyl formate. ... 

-5.35 

46,330 


The high entropy of activation indicates that the formation of the activated 
complex is not very probable. Two factors are postulated which may influence 
the magnitude of this entropy change. First to be considered is the probability 
of formation of the activated complex, due to the average proximity of the 0- 
carbon atoms and the number of 0-hvdrogen atoms available for forming the 
hydrogen bridge; the greater the probability, the less negative the entropy 
change. A second factor is the amount of restriction that the activated complex 
places upon the internal rotational degrees of freedom of the normal molecule; 
the greater the restriction, the more negative the entropy change. 

In all the esters the amount of restriction of internal rotation is the same, and 
its contribution to the entropy change should be almost equal for all of them. 
Ethyl and n-propyl formates have only one 0-carbon atom with three and two 
0-hydrogen atoms, respectively. Thus the entropy change should be slightly 
lower for ethyl formate, but perhaps differences in translational, vibrational, 
and other rotational degrees of freedom for the two esters cause the entropies to 
be almost equal. Tn comparing n-propyl and isopropyl formates all of the 
degrees of freedom should be nearly equal, but the two 0-methyl groups in the 
isopropyl ester should increase the probability of hydrogen-bridge formation 
greatly, thus making the entropy change less negative. However, the dif¬ 
ference between the entropies of activation of the normal and the iso esters 
is perhaps too great to be entirely accounted for in this manner. 

The velocity constant for the decomposition of ethyl chloroformate (4) may 
be expressed as 

k = 5.5 X lO 1 ^- 29 * 400 ^ 7, (10) 

The entropy of activation, evaluated at 172°C., is —12.2 e.u. A cyclic com¬ 
plex may be assumed involving a hydrogen bridge from a 0-hydrogen atom to 
the chlorine atom, the complex decomposing to carbon dioxide and a radical 
which rearranges to ethyl chloride. This type of mechanism would lead to a 
high negative entropy of activation. 
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Coffin (5) studied the decomposition of a series of ethylidene diacetates from 
300° to 400°C. A mechanism involving a cyclic activated complex has been 
postulated, and in these compounds the entropy of activation varied from 
— 10 to —18 e.o. Glasstone, Laidler, and Eyring (8) state that high negative 
entropies of activation are usually found in decompositions in which the acti¬ 
vated complex has more bonds than the normal molecule. For simple molecules 
the entropy of activation is usually small and positive. 

Esters possessing no 0-hydrogen atoms should decompose by different mechan¬ 
isms, and are usually very stable. It was found that methyl formate decom¬ 
poses very slowly at 400°C. Steacie (14) found that this decomposition in a 
silica flask from 400° to 500°C. was heterogeneous, and that the reaction was 
different from the reaction of esters containing 0-hydrogen atoms. 

According to the reactions proposed for the pyrolysis of the propyl formates, 
the ratio of the final to initial pressures should be 3, but in all cases the ratio was 
about 2.5. This may be attributed to primary or secondary reactions which do 
not go to completion and to other primary reactions. The occurrence of other 
primary reactions is indicated by the fact that the volume of carbon dioxide plus 
carbon monoxide exceeds the volume of propene. Reactions of the type postu¬ 
lated by Makens (12), in which carbon dioxide or carbon monoxide is formed but 
no propene, would account for most of the differences. 

SUMMARY 

The thermal decomposition of n-propyl and isopropyl formates was studied at 
360°, 380°, 400°C., and at 310°, 322.5°, and 335°C., respectively. In both cases 
the principal primary reactions were the decomposition to propene and formic 
acid. This reaction is followed by a rather complex decomposition of the formic 
acid, which may be expressed by the equations: 

HCOOH ->H 2 + C0 2 

HOOOII H 2 () + CO 

2HOOOH H 2 0 + C0 2 + HCHO 

The results indicate that other primary reactions must occur to a slight extent. 

The rate of propene formation was of the first order, and the experimental 
activation energies for this step were calculated to be 39,660 cal. for n-propyl 
formate and 44,230 cal. for isopropyl formate. The velocity constants for these 
reactions can be expressed by the following equations: 

n-Propyl formate: k = 2.94 X 10V~ 39,680/ * r 

Isopropyl formate: k = 2.47 X 10 1 V~ 44 ’ MO/ * T 
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COMMUNICATION TO THE EDITOR 

THE DEFINITION OF SURFACE TENSION 1 

According to the classical definition, surface tension is a force per unit length, 
tangential to the surface and is expressed in dynes per centimeter. It can also 
be defined as a work per unit area, in which case its dimensions are 

dynes ^ cm. __ erg 
cm. cm. cm . 2 

Both expressions are obviously identical. Thus it is quite legitimate to use 
either of these definitions and express surface tension in terms either of dynes 
per centimeter or ergs per square centimeter. 

In the literature, however, substantial departures from the above definitions 
are unfortunately very frequent. For example, in French literature, it happens 
very often that the surface tension is stated as a tangential force per unit area. 
Although it has been pointed out that it is wrong, this practice is still in force. 
The author had an amusing experience in this matter. Having sent a paper to a 
French journal some years ago, he received the proofs with dimensions changed 
to dynes/cm 2 , throughout the paper. Having corrected it, the author received 
the second proofs in which the squares were reinstated. The editorial staff 
yielded, but only after a lengthy dispute. 

Similar difficulty has been experienced in this country by the author. In 
lecturing on these subjects for a number of years, the author has always given 
his students the classical definitions as above, but he has noticed that the students 
have great difficulty in assimilating them. In support of their attitude, some of 
them brought a number of books in which the definition was at variance with the 


1 Received March 1, 1943. 
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classical one. Some of these definitions are either fantastic or altogether in¬ 
correct. In the United States, the surface tension is often expressed as a force 
per unit length at right angle to the surface. It is thus confused with the in¬ 
ward or molecular pressure, but even then, it is not correct because this pressure 
is defined as a force per unit area, i.e., per centimeter squared, and as such it is 
of quite a different order of magnitude from surface tension. This has been 
made clear by the author in a number of papers (J. Phys. Chem. 36 , 2406-36 
(1932)). If one assumes that the field of force is uniform, the relation between 
the surface tension, y , and the inward pressure, P, can be expressed as 

P - 7 n 1/8 


where n is the number of molecules per unit volume. Thus, under no circum¬ 
stances can the surface tension be defined as a force per unit length at right 
angle to the surface. The considerations stated in this paper apply equally 
to the interfacial tension. 

G. Antonoff. 

Department of Chemistry 
Fordham University 
New York, New York 
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The Methodology of Pierre Duhem. By Armand Lowinger. 5J x 8f in.; 184 pp. New York: 

Columbia University Press, 1941. Price: $2.25. 

In this small book, Dr. Lowinger gives a detailed exposition of Duhem’s views on physical 
experiments, the significance of physical laws, and the nature of physical hypotheses and 
theories. Although the views of a distinguished physicist should receive respectful con¬ 
sideration, the reviewer iB convinced that Duhem’s philosophy of science is quite inade¬ 
quate; it assuredly is not in harmony with the prevailing views of twentieth-century scien¬ 
tists. Duhem claimed that he was a physicist, not a philosopher, but his methodology 
shows that he is a metaphysician malqr'e lui. Even Dr. Lowinger, who interprets Duhem’s 
views so sympathetically in the present book, admits in the final chapter that these views 
are far from satisfactory. Students who are concerned at all with the philosophical basis 
of physical science will find in this book much that will be of interest. 

F. H. MacDougall. 

Cellulose Chemistry. By Mark Plunguian, 6 x 9 in.; vii + 97 pp.; 13 figures. Brooklyn, 

New York: The Chemical Publishing Co., Inc., 1943. Price: $2.25. 

This little book “designed primarily as a brief and up-to-date introduction to the chem¬ 
istry of cellulose for non-cellulose chemists,” as stated in the author’s preface, fulfills its 
aim admirably. It will also be of value to highly specialized workers who wish brief reviews 
of the recent developments in other parts of the cellulose field. 

The chapter on derivatives of cellulose is not very modern, and contains a number of 
errors. The method described for making guncotton is antiquated, and this substance is 
not a “high explosive.” Moisture-proof cellophane is made from cellulose acetate rather 
than the nitrate, and flax is “hackled.” There are a few grammatical errors, and one 
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hydrogen atom is omitted from the structural formula for pentose on page 65. The printing 
and make-up of the book are excellent. 

The author is to be commended for the clarity and conciseness of his final chapter on the 
micellar structure of cellulose. This difficult subject is excellently presented in the light 
of modem colloidal theory. Here is a book which should be in the library of all those 
interested in this important industrial raw material. 

Ralph E. Montonna. 

Abridged Scientific Publications from the Kodak Research Laboratories , Volume XXIII. 

6J x 9J in.; 290 pp. Rochester, New York: Eastman Kodak Company, 1942. 

Abridged accounts of thirty-five publications (Nos. 754 to 820 not continuous) are pre¬ 
sented in this volume, which includes many papers of unusual scientific interest. 

S. C. Lind. 

Mass-Spectra and Isotopes. By F. W. Aston. Second edition. 5| x 9 in.; xii + 276 pp.; 

12 plates; 20 tables; 48 figures. London: Longmans, Green and Company, 1942. Price: 

$7.00. 

The first edition under this title appeared in 1933, replacing the two earlier editions of 
Isotopes. The present is not greatly changed from the first edition. A few sections have 
been added, three in the chapter on “Measurements of Abundance,” including descriptions 
of the Smythe and Mattauch and of the Nier mass spectrometers and a section on chemical 
analysis by the mass spectrometer. 

Part III, on “The Elements and their Isotopes,” has been extended to embrace all the 
elements in their natural order. It presents the whole of the evidence on which the first 
International Table of Stable Isotopes was drawn up in 1936 and the later work. 

Rarely does one have the opportunity of having a complete survey of a field so fundamen¬ 
tal to both chemistry and physics by the investigator most responsible for its initiation 
and completion. The work remains classic and indispensable. Unfortunately, the in¬ 
fluence of the War is reflected in the quality of paper and the price of the present edition. 

S. C. Lind. 

Elementary Physical Chemistry. By Merle Randall and Leona Esther Young. 6 x 9 in.; 

xiv -f 455 pp.; 279 illustrations. Berkeley, California: Randall and Sons, 1942. Price 

$4.50. 

This survey of classical physical chemistry is intended primarily as a text for second¬ 
er third-year college students, especially in preparation for the study of thermodynamics. 
It is also recommended to graduate students who wish to review the field of physical chemis¬ 
try and as a reference text. 

The book is a photolithic reproduction from the Stanford University Press. It is replete 
with tables and figures well reproduced. It treats the usual topics covered in elementary 
texts in a very refreshing and vivid manner, and with the inclusion of an unusually large 
amount of thermodynamics. 

S. C. Lind. 

Manual of Explosives , Military Pyrotechnics and Chemical Warfare Agents. By Jules 

Bebie. 6x9 in.; xiii + 171 pp. New York: The MacMillan Company, 1943. Price $2.50. 

This handy little volume will fill a long-felt need for all those people who deal with 
explosives or with the literature of explosives. The use of trade names and unscientific 
nomenclature in explosives literature and advertising, and the fact that most commercial 
and military explosives as used are mixtures of several different chemical species have 
resulted in a good deal of confusion which this book will do much to clarify. It will also 
serve as a handy manual for quickly finding the principal properties of given explosives. 

The work is fairly complete and up-to-date with the exception of a very few of the newer 
explosive mixtures used in World War II which have not yet appeared in the literature. It 
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appears to be carefully and accurately compiled. Dr. Bebie is to be congratulated on both 
the excellence and the timeliness of his little volume. The mechanics of the book, its 
format and printing, are of high quality. 

Ralph £. Montonna. 

General Metallography. By Ralph L. Dowdell, Henry S. Jerabek, Arthur C. Forsyte, 

and Carrie H. Green. First edition. 6x9} in.; x -f 292 pp.; 123 figures; 34 tables. 

New York: John Wiley and Sons, Inc., 1943. Price: $3.25. 

As stated by the authors in the Introduction, this book is intended for beginning students 
in metallography. It is, therefore, an addition to the group of excellent textbooks on this 
subject which have appeared during the past few years. It will meet stiff competition in 
this field, but the newcomer can hold its head high in the distinguished company in which 
it finds itself. The book is the outgrowth of many years of classroom work in metallography 
at the University of Minnesota. 

Of the ten chapters, the first one may be passed over quickly, as it is essentially a tabular 
r£sum£ of data on the physical constants of metals. The subjects of crystal structure, 
alloy systems, and constitutional diagrams constitute the subject matter of the next three 
chapters, the presentation of which, though following the conventional method, has a 
freshness and spontaneity which is so often lacking. 

To some general readers, the introduction of Chapter V on pyrometry may seem to break 
the continuity. However, this should serve a useful purpose at this point in laboratory 
work which accompanies the text. Chapter VI on “Mechanical Properties” is an excellent 
brief r6sum6 of the fundamental properties which underlie the useful application of metals. 

Chapter VI, “Metallographic Control,” was somewhat disappointing to the reviewer. 
Too much is attempted in the span of forty-five pages,— macroscopic examination, prepara¬ 
tion of metallographic specimens, and their etching, and the optical principles of the metal- 
lographic microscope. A short chapter devoted to macroscopic examination in more detail 
than is possible in the space of five pages devoted to it would have pleased the reviewer and 
possibly certain classes of students. Those interested in the engineering aspects would 
have found it distinctly to their advantage. 

In the remaining four chapters, the subjects of deformation of metals, iron and steel, 
non-ferrous alloys, and corrosion are discussed. Of necessity the presentation in many 
cases is brief. The inclusion of tabular reference data from other sources, such as the table 
on etching solutions, the classification and properties of alloy steels, etc., is very commend¬ 
able and certainly will be appreciated by students as well as general readers of the book. 

Any reviewer could doubtless mention a number of topics whose omission he deplores. 
However, to keep within the confines laid down by the authors in this textbook for begin¬ 
ners, such omissions are necessary. A choice must be made and the reviewer considers 
that the authors have done a good job in their selection of essentials which will constitute 
a firm foundation in the subject. 

It is a pleasure to commend the publishers on the excellence of the mechanical prepara¬ 
tion of the book. By a wise choice of high-grade semi-gloss paper, it has been possible to 
reproduce the micrographs with no loss, whatsoever, in detail of the structural features 
they are intended to convey. 

H. S. Rawdon. 

The Mathematics of Physics and Chemistry. By Henry Morgenau and George Moseley 

Murphy. 6x9} in.; xii 4- 580 pp.; 49 figures; 31 tables. New York: D. Van Nostrand 

Company, Inc., 1943. Price: $6.50. 

Let me quote from the preface: “The authors’ aim has been to present, between the cov¬ 
ers of a single book, those parts of mathematics which form the tools of the modern worker 
in theoretical physics and chemistry. They have endeavored to do this by steering a 
middle course between the mere recording of facts and formulas which is characteristic 
of handbook treatments, and the ponderous development which characterises treatises in 



NEW BOOKS 


467 


special fields. . . , The degree of difficulty of the treatment is such that a Senior majoring 
in physics or chemistry would be able to read most parts of the book with understand¬ 
ing. . . . The degree of rigor to which we have aspired is that customary in careful scientific 
demonstrations, not the lofty heights accessible to the pure mathematician.” 

A list of chapter headings will give the prospective reader some idea of the extent and 
variety of the mathematical menu set before him. The titles of the chapters are “The 
Mathematics of Thermodynamics,” “Ordinary Differential Equations,” “Special Func¬ 
tions” (for example, Gamma, Bessel, Hankel, Hermite Functions), “Vector Analysis,” 
“Vectors and Curvilinear Coordinates,” “Calculus of Variations,” “Partial Differential 
Equations of Classical Physics,” “Eigenvalues and Eigenfunctions,” “Mechanics of Mole¬ 
cules,” ‘Matrices and Matrix Algebra,” “Quantum Mechanics,” “Statistical Mechanics,” 
“Numerical Calculations” (including the Euler-Maclaurin Formula, Gauss’ Method, Nu¬ 
merical Solution of Differential Equations, Solution of Secular Determinants, Principle of 
Least Squares), “Linear Integral Equations,” “Group Theory” (including the Crystallo¬ 
graphic Point Groups). 

This book (to quote again from the preface) “would serve as a foundation for courses 
in applied mathematics on the senior and first year graduate level. A thorough introduc¬ 
tory course in quantum mechanics could be based on chapter 2, parts of 3, 8, and 10, and 
chapter 11. Chapters 1, 10, and parts of 11 may be used in a short course which reviews 
thermodynamics and then treats statistical mechanics. Reading of chapters 4, 9, and 15 
would prepare for an understanding of special treatments dealing with polyatomic mole¬ 
cules, and the liquid and solid state.” 

From what has been said or quoted, it will be evident that the authors have been able to 
include in one volume all the mathematics essential to the study of theoretical chemistry 
and physics. I think they have accomplished their task in a highly satisfactory and ade¬ 
quate manner. I predict confidently that this book will be heartily welcomed by all teach¬ 
ers of modern physics and chemistry. 


F. H. MacDougall. 




MEASUREMENT OF THE ACTIVITY OF RADIOSULFUR IN 
BARIUM SULFATE 
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O. IVIE 

Tieparhnent of Agricultural Research, American Smelting and Refining Company , Salt Lake 
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* * Received March 8 , 1943 

In dealing with weak radiation, such as that emitted by radiosulfur 2 (0.120 
MJE.V.), it is necessary to consider such factors as the extent of dilution of the 
active material with the inactive carrier, the nature of the carrier, and the geome¬ 
try of the deposit. Barium sulfate is in general the most convenient carrier, 
but it absorbs a considerable amount of the radiation. Cooley ? Yost, and 
McMillan (1, 2) have suggested the use of lithium sulfate or elemental sulfur to 
minimize this effect. Further, they placed the deposits on metal surfaces. 
Libby (4) and Libby and Lee (5) have described a “screen wall” counter into 
which they introduced samples of radioactive barium sulfate before evacuating. 
Rather large amounts of material have generally been used for these measure¬ 
ments, since about 15 mg. per cm. 2 of lithium (1) or barium sulfate (7) is needed 
to make the measured activity independent of the thickness of deposit. When 
the amount of active material available is small, this is a serious handicap. 

At the beginning of a study of the sulfur nutrition of plants, using radiosulfur, 
considerable difficulty was encountered in measuring the activity of barium 
sulfate precipitates. For this work a University of California Geiger-Miiller 
counter assembly (6) was used. The ionization chamber was a 25-mm. brass 
tube, having a mica window 10 microns thick at the bottom and a central 
nichrome wire 0.12 mm. in diameter. The chamber was filled with argon 
(90 mm.) and alcohol (10 mm.). Absorption of the sulfur radiation by a mica 
window weighing 3 mg. per cm. 2 is said to be about 50 per cent. 3 The active 
precipitates were filtered on small paper disks, which were then mounted in a 
holder and brought to a fixed position close to the mica window. The results 
were extremely variable, particularly with small amounts of precipitate. For 
example, when identical preparations of active barium sulfate (2 mg. per cm. 2 ) 
were filtered on disks cut from a single piece of high-grade paper, the counts 
varied over a range of 100 per cent from the lowest values. This was presumably 
due to the variable texture of the paper. The differences were especially evi¬ 
dent in a comparison of the two sides of the paper. 

This variability was largely eliminated when the barium sulfate was spread 
out on a polished brass disk and brought to the counter window on a suitable 

1 Assistant Professor of Chemistry, Brigham Young University. 

2 The authors are indebted to Dr. J. G. Hamilton of the Radiation Laboratory, Berkeley, 
California, for the radiosulfur used in this work. 

3 Information from Department of Chemistry, University of California. 
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support. Figure 1 is a diagram of the disk. The cylinder A was screwed into 
the seat B of the disk C, forming a liquid-tight cup. A weighed amount of 
barium sulfate was placed in the cup, the lumps were broken up by the flattened 
end of a stirring rod, 1 ml. of ethyl alcohol was added, and the solid was uni¬ 
formly suspended in the liquid. When the solid had settled and the alcohol had 
evaporated (under a lamp), a uniform deposit was obtained on the disk. The 
cylinder was removed and replaced with a brass ring D before counting. The 
precipitate showed no tendency to “creep” with alcohol or to stick to the cylinder. 
With water, creeping and sticking were troublesome. 

When variable amounts of radiosulfur were precipitated in a constant total 
amount of barium sulfate, the activity of the deposit was directly proportional 
to the amount of radiosulfur precipitated (figure 2, curve A). When increasing 
amounts of a uniformly active preparation of barium sulfate were added to the 
disk, curve B, figure 2, was obtained, which illustrates the absorption by the 
solid and indicates that maximum activity is reached at about 15 mg. per cm. 2 




Fig. 1. Brass disk and detachable cup for preparation of barium sulfate for activity 
measurements. 

When a constant amount of radiosulfur was thrown down with variable amounts 
of inactive barium sulfate, the activity of the deposit decreased with increasing 
weight of precipitate, as shown in curve A, figure 3. 

By extrapolating this curve to the zero abscissa, it is evident that very little 
activity is unavailable to the counter, if all the radiosulfur is present in a small 
amount of precipitate. For example, a given amount of radiosulfur showed 
about 88 per cent of its total activity when it was dispersed on the 25-mm. disk 
in 10 mg. of barium sulfate. The total activity of the heavier precipitates could 
be readily determined by counting a 10-mg. aliquot (curve B, figure 3), multi¬ 
plying by one-tenth the weight in milligrams, and adding 12 per cent (curve C, 
figure 3). The standard deviation of the values in curve C is 3.5 per cent. This 
variability could be reduced somewhat by close attention to the voltage of the 
counter and frequent readings on the background and on a standard preparation. 
When the sulfate content of a sample is low, it is advisable to add enough sulfuric 
acid to yield a precipitate of at least 5-10 mg. Inactive barium sulfate could 
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not be mixed with an active preparation to give a quantitative lowering of 
the count. 




Fig. 2, Activity of barium sulfate precipitates. Curve A, different amounts of radio¬ 
sulfur precipitated in a constant amount of barium sulfate; curve B, different amounts 
of a uniform mixture of radiosulfur in barium sulfate. 

In the course of a series of measurements of samples derived from plant 
material, the activity of a reference deposit was determined at frequent inter- 
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vals. Over' a period of 6 months there were accumulated one hundred and 
eighty-nine of these values, starting at 3.1 counts and ending at 0.7 count, above 
a background of about 0.5 count per second. A plot of these data against the 
time gave a typical decay curve and the half-life calculated by the method of 
least squares was 87.1 days, with a standard deviation of 1.2 days. This value 
agrees well with the half-life of 88 3 days reported by Kamen (3). In spite 
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Fic. 3. Activity of radiosulfur in barium sulfate. Curve A, a constant amount of radio¬ 
sulfur precipitated in different amounts of barium sulfate; curve B, activity of 10-mg. 
aliquots of the corresponding samples in curve A; curve C, values in curve B times one- 
tenth the weight in curve A plus 12 per cent. 

of the low activity of this sample, the correlation coefficient of the best-fit curve 
was 0.969, and the standard deviation of the count data from this curve was 
6 per cent. 

In another series of measurements, pieces of mica of seven different thick¬ 
nesses were placed between an active deposit and the counter window. A smooth 
typical absorption curve was obtained with a correlation coefficient of 0.99. 
Extrapolation by the method of least squares to zero thickness of mica indicated 
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that the absorption by the mica window (3.0 mg. per cm. 2 ) of the ionization 
chamber was 49.5 per cent, with a standard deviation of 4.2 per cent. This 
confirms the value mentioned earlier. 

SUMMARY 

The measurement of the activity of radiosulfur in barium sulfate precipitates 
can be carried out quantitatively when a definite weight of the solid is deposited 
uniformly on a polished brass disk and brought to a fixed position with respect 
to a thin counter window. A convenient arrangement is described for accom¬ 
plishing this purpose, and the variability of the results is defined. 

The half-life of radiosulfur is observed to be 87.1 d= 1.2 days, and the absorp¬ 
tion by the mica window (3.0 mg. per cm. 2 ) is 49.5 db 4.2 per cent. 
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DISTRIBUTION EQUILIBRIA BETWEEN MOLTEN METALS AND 
MOLTEN SALTS, WITH REFERENCE TO THE STABILITY OF 
INTERMETALLIC COMPOUNDS IN THE MOLTEN STATE 

E. HEYMANN, R. J. L. MARTIN, and M. F. R. MULCAHY 
Chemistry Department , University of Melbourne, Melbourne, Australia 
Received August 27, 1942 

Distribution equilibria of a metallic element between a molten metal phase 
and a molten salt phase have been used to investigate the nature of solutions 
of metals in molten salts (previously called “pyrosols”). The result of these 
investigations is clearly in favor of an atomic (and not a colloidal) solution 
(11, 12). In the case of solutions of cadmium in cadmium chloride, measure¬ 
ments of the magnetic susceptibility have shown that cadmium atoms may 
unite with cadmium ions to form Cd(“subchloride”; see reference 6). 

By investigating the deviations of such distribution equilibria from ideality 
it is possible to obtain qualitative information about the activities in binary 
metallic mixtures and about the existence of intermetallic compounds in the 
molten state. 

The variety of systems is rather restricted, because metals are generally 
soluble only in their own salts (except silicates), and because pure distribution 
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equilibria only exist when there is no chemical reaction between the metallic 
solvent and the molten salt, i.e., when the metallic solvent is much less basic 
than the metallic solute. 


I, EXPERIMENTAL 

The paper of Heymann and Weber (12) should be consulted with regard to 
details of the experimental procedure of establishing equilibrium, quenching, 
etc. The constituents of the respective systems were sealed in tubes of Supremax 
glass (Jena), and the distribution equilibrium was established in an electric 
furnace mounted on a rocking apparatus. The tubes were quenched by a blast 
of air in the case of systems containing sodium; other systems were quenched in 
carbon tetrachloride. 

The analytical procedure in systems containing sodium was that described by 
Heymann and Weber. 

In the system cadmium-antimony-cadmium chloride, antimony was deter¬ 
mined by titration with potassium permanganate (14). The cadmium content 
of the metal phase was determined by difference. The content of cadmium 
metal in the salt phase was calculated from a chloride determination, making 
due allowance for the amount of metallic antimony in that phase. For the 
chloride determination 0.2 g. of the salt phase was weighed into a beaker and 
10 ml. of water was added; then the solution was heated almost to boiling, and 
20 ml. of standardized silver nitrate added, so that there was an excess of silver 
nitrate after precipitation of the chloride. Nitric acid was then added and 
the system heated gently to dissolve the metal, convert the antimony into 
Sb 2 0 4 , and liberate any occluded cadmium chloride. When the precipitate had 
coagulated, the solution was cooled and filtered and the filtrate back-titrated 
"with ammonium thiocyanate in the usual manner. 

In the system cadmium-bismuth-cadmium chloride (or cadmium bromide), 
bismuth was determined by precipitation and weighing as bismuth oxychloride 
(14) and the cadmium in the metal phase determined by difference. The cad¬ 
mium in the salt phase was calculated from the chloride content, making al¬ 
lowance for the small amount of metallic bismuth in the salt phase. The salt 
phase was boiled with 40 ml. of water to effect complete solution of cadmium 
chloride. After cooling to room temperature, 10 ml. of 15 N nitric acid was 
added. The solution, now 3 N with respect to nitric acid, was left for several 
hours until the metallic residue had completely dissolved. It was then diluted 
to 500 ml. with 3 N nitric acid and aliquots taken for the chloride determination. 
It was found that the concentration of nitric acid could not be safely brought 
much below 2 N without incurring the risk of formation of a precipitate. On 
the other hand, J. B. Bingley (3) in this department showed that a concentration 
of 3 N nitric acid is without effect on the chloride in the cold. The chloride 
determination itself followed substantially the Volhard method as modified by 
Caldwell and Moyer (5): After precipitation of the chloride by silver nitrate, 
the solution was boiled for 3 min. to expel lower oxides of nitrogen and nitrous 
acid formed in the process of solution of cadmium, and the precipitate w'as 
shaken after addition of nitrobenzene. 
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In all experiments the bottom and top parts of the salt phase were discarded 
in order to eliminate mechanically dispersed metal, and also cadmium which 
may have condensed from the vapor phase on the surface of the salt phase 
during quenching. 

The metals and alkali-metal salts employed in this investigation were of 
A.R. quality (B.D.H., Kahlbaum, and Electrolytic Zinc Co., Tasmania). Cad¬ 
mium chloride was prepared from purest electrolytic cadmium and subsequently 
fused whilst a stream of hydrogen chloride was passed through to remove the 
products of hydrolysis. Cadmium bromide (pure, May and Baker) was fused 
and then dissolved in water; a precipitate of organic matter was filtered off, 



Atomic Fraction of Na in Metal Phase 
Fig. 1 . Distribution equilibrium of sodium between molten sodium bromide and molten 
cadmium at 780°C. and of sodium between molten sodium bromide and molten lead at 
780°C. 

the solution was evaporated to dryness, and the solid was fused whilst a mixture 
of hydrogen bromide and bromine was passed through it. 

II. DISTRIBUTION EQUILIBRIA INVOLVING SODIUM 

Figure 1 (curve I) shows the distribution equilibrium of sodium between 
molten sodium bromide and molten cadmium at 780°C. (experiments by M. I. 
Homewood in this laboratory (15)). The molar fraction of sodium in the salt 
phase (AT Na ) is plotted against the atomic fraction of sodum in the metal phase 
(A^Na). In spite of considerable scattering of the experimental points, owing 
to experimental difficulties (see reference 12), it is obvious that the distribution 
curve shows positive deviations from Raoult’s law. This is surprising, as the 
phase diagram cadmium-sodium reveals compound formation (NaCdg, NaCd 5 ) 
in the solid state. If these compounds were stable in the liquid state, a negative 
deviation from Raoult’s law would be expected. Hence it is probable that 
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the compounds are not stable in the liquid state at 780°C., which is about 
400°C. above the melting point. 

Conditions are different in the distribution equilibrium of sodium between 
molten sodium bromide and molten lead as a metal phase (figure 1, curve II). 
Strong negative deviations from Raoult’s law are found (12). This is most 
probably due to the presence of stable intermetallic compounds in the liquid 
state; the phase diagram indicates NasPbs, NaaPb, NaPb, and Na 2 Pbg. Act¬ 
ually, at compositions of the metal phase below N ntt = 0.15, no sodium passes 
into the salt phase. If it be justifiable to apply classical reasoning, it may be 
concluded that, at these compositions, the dissociation of the respective com¬ 
pound is completely repressed by the excess of lead, thus rendering the activity 
of sodium zero. Similar conditions are found when molten sodium iodide is 
used instead of molten sodium bromide. 

The concentration of sodium in molten sodium halides is small at the experi¬ 
mental temperature, and the distribution curves may therefore, at first sight, be 
regarded as activity curves. However, the shape of these curves differs some¬ 
what from that generally experienced with partial vapor pressure curves (no 
asymptotic approach to the Raoult curve at high atomic fraction of the dis¬ 
tribution component), and caution should be exercised in interpretation. The 
curves probably give a qualitative representation of the activity of sodium. 

Negative deviations from Raoult\s law are generally explained by dipole forces 
or by the formation of compounds between the two components. Metallic 
systems do not contain dipoles. However, whether or not negative deviations 
from RaoultAs law are indicative of an intermetallic compound would seem to be 
largely a matter of definition of the “compound”. We probably have to assume 
an attraction between the two species of atom which is stronger than ordinary 
van der Waals attraction, though our knowledge of the metallic bond does not 
admit of close characterization of such forces. A survey of the literature has 
shown that in most cases in which negative deviations from Raoult’s law have 
been observed in metallic systems, there is independent evidence for the existence 
of intermetallic compounds in the liquid (maxima in the electric resistance curves, 
minima in the curves of its temperature coefficient; discontinuities of the mag¬ 
netic susceptibility curves; intermediate phases with congruent melting points 
in the phase diagrams). 

Heymann and Weber (12) have carried out a number of experiments with 
molten tin, bismuth, antimony, and gold as metal phases. These metals are 
not soluble in molten sodium bromide, yet, when alloyed with sodium, will pass 
into the salt phase together with the sodium. This is most probably due to the 
solubility of the respective intermetallic compounds of sodium with tin, bismuth, 
antimony, and gold in molten sodium bromide. The question arises: why do 
other intermetallic compounds of sodium (e.g., with lead, thallium) not exhibit 
solubility in molten sodium bromide? The explanation probably lies in the 
different nature of various types of intermetallic compounds (16). In the case 
of the compounds of sodium with gold, tin, and especially bismuth and antimony, 
we are dealing with normal valency compounds, possessing very high melting 
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points and high heats of formation, of ionic or semi-conducting character 1 ; 
little is known about their x-ray structure. These “salt-like” compounds may be 
expected to be soluble in ionic melts. On the other hand, most of the inter- 
metallic compounds of sodium with lead, cadmium, and thallium, which are not 
soluble in molten sodium bromide, are not normal valency compounds and 
probably involve metallic bonds. 

It is not surprising that the distinction between these two groups does not 
exactly coincide with the two groups (“polyionic” and “metallic”) which were 
distinguished by Zintl and coworkers (32, 33, 34) with regard to solubility in 
liquid ammonia. There is, firstly, a great difference between the temperature 
of the action of liquid ammonia and that of an ionic melt. Moreover, ionic com¬ 
plexes, stabilized by ammonia, may be formed in cases in which the intcrmetallic 
compound is not ionic in character. At first sight, the solubility of an intermetal- 
lic compound in an ionic melt would appear to be a more suitable criterion for its 
“salt-like” nature than its solubility in liquid ammonia. On the other hand, it 
should be borne in mind that the* solubility of intermetallic compounds in ionic 
melts is highly specific, as they are, with the exception of silicates, soluble only 
in a salt with which they have one radical in common. 

III. THE SYSTEM CADMIUM—HISMUTH—CADMIIJM CHLORIDE (CADMIUM BROMIDE) 

Heymann and Friedlaender (11), who investigated the system cadmium- 
cadmium chloride previously, overlooked the fact that small amounts of bis¬ 
muth passed into the salt phase together with the cadmium. Moreover, their 
distribution curve, especially for systems rich in cadmium, was found to be in 
error because of their unsatisfactory method of determining cadmium in the 
salt phase. The system was therefore reinvestigated. Figure 2 (curve I) 
shows the molar fraction of cadmium (A r cd) 2 and curve II shows the molar 
fraction of bismuth (N bO in the salt phase in relation to the composition of the 
metal phase, expressed as atomic fraction of cadmium (N c a) and bismuth (A r B i). 
It is evident that the solubility of pure bismuth in cadmium chloride is zero and 
that, in the equilibria l>etween molten cadmium-bismuth alloys and cadmium 
chloride, the bismuth concentration in the salt phase rises to a maximum at 
A cd = AT Bi = 0.5. 

The variation with temperature of A r cd and A r B i in equilibrium with a metal 
phase of A* C d = AT B i = 0.5 has also been investigated (table 1). It is interesting 
to note that Nm/Nct is virtually independent of the temperature. 

1 There are other indications in favor of this assumption. The normal valency compound 
CuaSb has an electric resistivity 58.3 times as great as that of copper and 9 times as great 
as that of the metallic compound CuaSb (28). Since CuaSb, a compound of antimony with 
a subgroup element, has such a high resistance, the assumption that Na*Sb is of an ionic or 
semiconductor type does not appear to be too hypothetical. 

2 It is seen from figure 2 that the solubility of pure cadmium in cadmium chloride at 
690°C. is 15.6 mole per cent. Somewhat higher values were obtained by Aten (2) and by 
Hedger and Terrey (10). This may have been due to not rejecting the bottom part of the 
salt phase, thus including in the salt phase some suspended cadmium, or to failure to elim¬ 
inate the sources of error which have been found (section I) to be inherent in the determina¬ 
tion of chloride ions in these systems (vide 3). 
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There are two explanations for the solubility of bismuth, alloyed with cad¬ 
mium, in molten cadmium chloride: 

(A) The solubility of bismuth (expressed as JV Bi ) in the melt may possibly 
be due to the presence of a subchloride Cd 2 Cl 2 (vide reference 6). In this case 
we would expect: 

' Nsi =* K X clb i X acd,ci, (1) 

where a B i is the activity of bismuth in the metal phase and aod a ci* the activity 
of Cd 2 Cl 2 in the salt phase. It is fortunate that the activity of bismuth in 
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Atomic Fraction of Cadmium in Metal Phase 
Fig. 2. The system cadmium-bismuth-cadmium chloride at 690°C. 

TABLE 1 


TEMPEBATUBE 

100 n' 

Cd 

100 N 

Bi 

100—r- 1 

•c. 




590 

9.6 

0.40 

4.17 

690 

12.2 

0.51 

4.18 

770 

13.5 

0.57 

4.23 


cadmium-bismuth alloys has been measured by Taylor (31) by the e.m.f. 
method between 431° and 533°C.; we have obtained a B i at 690°C. by extra¬ 
polating Taylor’s values, acd 2 ci 2 is not known. If it is assumed to be equal 
to N cd, we obtain 

iV^Bi = K X a Bi X Ned (2) 

However, the last-mentioned assumption is open to criticism. 

(B) It may be that small amounts of a compound CdBi exist in the metal 



DISTRIBUTION EQUILIBRIA BETWEEN MOLTEN METALS AND MOLTEN SALTS 479 

phase and that this compound is soluble in molten cadmium chloride (similar to 
CdSb; vide section IV). Since the solubility is small and since the phase diagram 
shows no indication of the compound in the solid state, the concentration of the 
compound in the liquid metal phase is probably very low. Moreover, the 
straight part of the distribution curve of bismuth (at low N Bi ) between metal 
and salt phase (figure 2) indicates that the hypothetical compound is in the 
same molecular state in both phases. Hence we obtain 

UcdBi = const. X OcdBi (3) 

and 

«Bi = con8t ( 4 ) 

OCdBi 



Fig. 3. N Bl plotted arc or ding to assumptions A, B, and B' 


where the quantities a are the activities in the metal phase, and the quantities 
a' those in the salt phase. From equations 3 and 4 we obtain 

= c()ngt 

OCdBi 

or 

N Bi = const. X o^dBi = K' X a B1 X acd (5) 

Equations 2 and 5 differ only by the terms a c a and A~cd* For low concen¬ 
trations V C d should be proportional to a c a, and equations 2 and 5 identical. 
That this does not hold over a very large range is shown by the discrepancy be¬ 
tween the distribution curve and the activity curve determined by Taylor (31). 
Figure 3 shows N Bl plotted according to assumption A (crosses in figure 3), 
assumption B (circles), and assumption B' (points). In the latter case (B'), 
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it is assumed that the compound is not CdBi, but CdjBij (by analogy to ZniSba, 
as suggested by Taylor), leading to a relation 

#Bi - K* X a 2 Bi X aSd (6) 

It is seen that assumptions A and B fit the experimental data (broken line) only 
moderately well, but B much better than A. It should, however, be borne in 
mind that in order to test hypothesis A, Nbi should be calculated from equation 
1 rather than 2. If it is assumed that Ocd 2 ci 2 is proportional to a C d, which is 
not unreasonable, equations 1 and 5 become identical, and assumptions A and B 
equally probable, as far as the formal analysis is concerned. On the other hand, 
assumption B' must be discarded on the evidence of figure 3. 

The weakness of assumption A lies in the fact that there is no special reason 
to be seen why bismuth should be soluble in Cd 2 Cl 2 . However, the fact that 
the ratio N'm/Ncd is independent of the temperature is compatible with as¬ 
sumption A. It implies that the amount of bismuth dissolved varies with the 
amount of Cd 2 Cl 2 in the melt. On the other hand, there are serious objections 
against assumption B. A survey of the literature has shown that there is no 
convincing piece of evidence suggesting the existence of a compound between 
cadmium and bismuth either in the liquid or the solid state (phase diagram and 
thermal analysis (7, 17, 24, 29); thermoelectric power (4, 27); specific heat (8); 
temperature coefficient of electric resistance (8); x-ray analysis (30); density of 
liquid alloys (22)). The only experiments which might be regarded as being in 
favor of, or compatible with, compound formation are the slightly positive heat 
of mixing (13,18) and the rather small activity coefficient (e.m.f.) of cadmium in 
molten cadmium-bismuth alloys which, contrary to expectations, decreases 
with increasing temperature (31); moreover, a slight break in the freezing-point 
curve, observed by Taylor (31), may be mentioned in this connection. Although 
the evidence in favor of the existence of a cadmium-bismuth compound is very 
slight, the possibility of a compound existing in the liquid which is not found in 
the solid state cannot be discarded, particularly in view of the fact that the lat¬ 
tice type of bismuth changes on fusion (19, 25, 26). 

The distribution curve (at 690°C.) of cadmium between molten cadmium 
chloride (figure 2, curve I) and bismuth and that of cadmium between molten 
cadmium bromide 3 (figure 4, curve I) and bismuth are very similar. Whatever 
the influence of the nature of the salt phase on the equilibrium may be, there 
appears to be very little difference in that respect between cadmium chloride 
and cadmium bromide. However, both distribution equilibria present a serious 
anomaly: The curves show maxima, which do not disappear even when Nca 
is corrected for that amount of cadmium which may be present in the salt phase 
as CdBi, according to assumption B; these corrected values may be regarded as 
the “free cadmium” in the salt phase, shown by the broken lines in figures 2 
and 4. The distribution curves (between two immiscible phases) correspond to 

* This system has also been investigated at 590°C. The distribution curve is very similar 
to that shown in figure 4, but the positive deviation from Raoult's law is less marked than 
at 09O°C. 
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partial vapor pressure of binary liquid systems. Maxima in partial vapor pres¬ 
sure curves have been found only in rare cases, e.g., the systems lead chloride- 
lead iodide and cadmium chloride-cadmium bromide (B. Greiner and K. Jel- 
lineck (9)). These authors assume that the maxima are due to the formation of 
molecular compounds in the vapor phase, although there seems to be no other 
evidence in favor of the existence of such compounds in the vapor. In our sys¬ 
tems the concentration of cadmium in the salt phase is fairly high, so that the 
distribution curve is probably not an accurate representation of the activity of 
cadmium at all concentrations. However, it may be readily shown that no 
combination of two activity-concentration curves for cadmium in both phases 
can give rise to a maximum in the distribution curve, provided the slope of the 
activity curve da/dn is always positive. For the metal phase the positive slope 



Atomic Fraction of Cd m Metal Phase 


o 

2 


Fig. 4. The system cadmium-bismuth-cadmium bromide at 690°C. 


at, all atomic fractions has been verified by the e.m.f. measurements of Taylor 
(31). It appears, therefore, that the anomaly of the distribution curve is due 
to some property of the salt phase. However, the plausible assumption of a low 
activity coefficient of cadmium in the salt phase, as a consequence of solvation of 
cadmium ions or subchloride (Cd 2 ++ ) formation, for which there is satisfactory 
evidence (6), is hardly sufficient to explain the anomaly of the distribution curve. 

IV. THE SYSTEM CADMIUM-ANTIMONY-CADMIUM CHLORIDE 

The distribution curve (at 690°C.) of cadmium between molten cadmium 
chloride and molten antimony (as a metal phase) is shown in figure 5. It is seen 
that, whilst antimony is insoluble in molten cadmium chloride, it shows high 
solubility when alloyed with cadmium (curve II). The solubility maximum 
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(N' Bb = 0.14) occurs at N C d — 0.65 in the metal phase. The obvious explana¬ 
tion of this high solubility is that an intermetallic compound (probably CdSb) 
is stable in the molten state and is soluble in the molten salt. The existence of 
this compound in the solid state is well established by the phase diagram. Its 
stability in the molten state is indicated by measurements of the electric con¬ 
ductivity and its temperature coefficient (21) and, though less conclusively, by 
the fact that the heterogeneous equilibrium 

Cd + PbCl 2 - Pb + CdCl* 

in the molten state is displaced to the left by addition of antimony (20). The 
solubility of antimony, when alloyed with cadmium, in molten cadmium chloride 
may be regarded as another piece of evidence for the existence of the compound 



Fig. 5. The system cadmium-antimony-cadmium chloride at 690°C. 

in the molten state. On the basis of the discussion in section II, we might be 
inclined to regard a normal valency compound (CdjSb 2 ) as mainly responsible 
for the solubility of antimony in cadmium chloride; on the other hand, the phase 
diagram indicates only a metastable compound CdsSbj, whereas CdSb is stable. 
The decisive evidence for the assumption of a compound CdSb, rather than 
Cd s Sbs, in the molten state emerges, however, from the investigation of the 
electrical resistivity and its temperature coefficient (27) of molten cadmium- 
antimony alloys. The curves of these properties, plotted against composition, 
show sharp discontinuities (sharp maximum of the curve of electrical resistivity) 
at the composition CdSb, but not at that of Cd*Sb 2 . 

The experimental distribution curve of cadmium (curve I) is really due to two 
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distribution equilibria superimposed on one another, that of the free cadmium 
and that of the compound CdSb. It is possible to construct a distribution curve 
of free cadmium by subtracting from the total cadmium dissolved in the salt 
phase the amount present as CdSb. In this way curve III in figure 5 has been 
obtained, showing positive deviation from ltaoult’s law and a rather unfamiliar 
“dip” at medium atomic fractions. It is doubtful whether curve III has much 
significance with respect to the activity of cadmium in the molten metal mixture, 
as a high concentration of CdSb in the salt phase must alter the solvent properties 
of the latter considerably. 

The specificity of solutions of intermetallic compounds in molten salts is also 
shown in this system. CdSb is soluble in molten cadmium chloride, but not in 
molten sodium halides. CdSb (orthorhombic (1); interpreted as distorted cubic 
(23)) appears to belong to a transition group between the salt-like and the metal¬ 
lic compounds. Its solubility in molten cadmium chloride is at first sight 
surprising in view of the results of section II. It remains to be shown, however, 
whether explanations valid for intermetallic compounds of the highly electro¬ 
positive alkali metals may be extended to those of other metals. Moreover, as 
the discussion of the subsequent paper will show, molten cadmium chloride is a 
rather complicated system and not a purely ionic melt. 

SUMMARY 

1. The distribution curves of a number of metals between a molten metallic 
phase and a molten salt phase have been investigated. Deviations of these 
curves from Raoult’s law have been discussed. 

2. The distribution curve of sodium between molten cadmium and molten 
sodium bromide shows positive deviations from Raoult’s law, presumably in¬ 
dicating that the compounds between sodium and cadmium are decomposed at 
the experimental temperature. 

3. The distribution curve of sodium between molten lead and molten sodium 
bromide shows strong negative deviations from Raoult/s law, indicating that 
intermetallic compounds between sodium and lead are stable in the liquid state 
at the experimental temperature. The solubility of intermetallic compounds of 
sodium with tin, antimony, and bismuth in molten sodium halides is discussed. 

4. The distribution curve of cadmium between molten bismuth and molten 
cadmium chloride shows an anomalous maximum, suggesting that this curve 
does not represent the activity of cadmium in the metallic mixture. The pos¬ 
sible reasons for this anomaly are discussed. Moreover, bismuth, in the pres¬ 
ence of cadmium, is slightly soluble in the molten salt, the maximum solubility 
being at atomic fraction 0.5. The probable causes of this effect are carefully 
analyzed. 

5. The distribution curve of cadmium between molten antimony and molten 
cadmium chloride is the result of superposition of two equilibria, that of the 
free cadmium and that of the compound CdSb bet ween the metal phase and the 
salt phase. The compound is stable at the experimental temperature and soluble 
in molten cadmium chloride. 
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I 

Discussions on equilibria between molten metals and molten salts are ham¬ 
pered by lack of precise information about the constitution of the molten salt 
phase. Early investigators (18, 25) were puzzled by the fact that the good con¬ 
ductivity of these systems pointed to strong dissociation, whilst the anomalous 
(too small) Eotvos constant appeared to be an argument in favor of “associa¬ 
tion”; nowadays, however, the interpretation of Eotvos’ rule is different. There 
is no doubt that well-conducting systems, such as molten alkali chlorides, may 
be completely dissociated, but strong forces exist between the ions at very short 
distances. These forces must be very much greater than those in solution. 

Pauling (19), in his theoretical discussions on the nature of the bond in crystals 
of alkali chlorides, considers the bond to be essentially ionic. According to this 
author, crystalline sodium chloride has about 5 per cent and even lithium chloride 
only about 10 per cent covalent character. Of the investigations of the classical 
period, those of Sackur (20) on the freezing-point depression of molten salts by 
addition of others, with and without a common ion, and the determination of 

1 Communication to the Editor: 

The authors of this and the* preceding paper have undertaken to investigate a little- 
known but nevertheless important branch of chemistry which concerns borderline systems 
of molten metals and salts where neither typically metallic nor typically ionic properties 
are evident. The writer finds their experimental data of real interest, but he questions 
some points in the theoretical treatment. 

In the discussion of figure 1 (of Paper I), the authors state “it is obvious that the dis¬ 
tribution curve shows positive deviations from Raoult’s law.” The writer disagrees with 
this conclusion, since this is not a plot of vapor pressure (nor of activity) vs. atomic frac¬ 
tion of sodium in the metal phase, but rather a plot of mole fraction of sodium in the salt 
phase vs. atomic fraction of sodium in the metal phase, i.e., it is a distribution experiment 
between two immiscible phases. One can not calculate the activity curve for sodium in 
the salt phase from the given data without the additional information of the vapor pressure 
or activity of sodium in the metal phase, information which the authors do not supply. 
Only in the case where it was definitely known that sodium in molten sodium-cadmium 
or sodium-lead alloys obeyed Raoult’s law, would it be permissible to state that curve I 
represents a positive and curve II a negative deviation from Raoult's law. This point is 
important because the authors conclude on the erroneous basis that although solid sodium- 
cadmium compounds are known they are not stable in the liquid state at 780°C. Similar 
criticism may be applied to the authors’ treatment of figure 2 and of subsequent figures 
where deviations from Raoult’s law are mentioned. These criticisms also have a bearing 
on the summary. 

Nelson W. Taylor. 

Department of Ceramics 
Pennsylvania State College 
State College, Pennsylvania 
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the electrical conductivity of molten salts furnish very convincing evidence for 
the essentially ionic nature of many molten salts (1). 

Biltz and Klemm (1) have observed that the conductivity of alkali-metal 
chlorides increases with decreasing cation radius. Actually, the radius ratio 
(cation to anion) may be expected to have an important influence on the ionic 
mobility. Regarding the series of alkali chlorides, the small lithium ion (alone 
of all alkali ions) will not fill the space between the much larger chloride ions 
completely (viz. Pauling (19)), and its mobility may be expected to be greater 
than that of Na+, K+, etc., where the radius ratio is greater. An increase in 
radius ratio will also ultimately produce an increase in the coordination number 
of the cation (V. M. Goldschmidt (5)), which is evidenced by the well-known 
change in the structure of the solid when we proceed from rubidium chloride to 
cesium chloride. If the melt is visualized as a distorted crystal lattice, a similar 
increase of codrdination with increasing cation radius may be expected. This 
will lead to a decrease of mobility with increasing cation radius, if salts of the 
same valency type with the same anion are considered. The coordination 
number in an ionic melt should, however, be regarded as a statistical average 
which need not be an integral number. 

Besides space and coordination, the influence of the electric forces between 
the ions has to be considered. It is doubtful whether the resistance against 
migration in an ionic melt can be described in terms of Stokes’ law. It is true 
that Walden (25) has found experimentally that the conductivities of alkyl- 
substituted ammonium picrates (in the molten state) follow a relation which 
partially implies the validity of Stokes' law. However, these electrolytes possess 
very large ions and the interionic forces will be smaller than with alkali halides. 
Walden's relation cannot be tested for alkali and alkaline-earth chlorides, since 
the viscosities are only incompletely known. As during migration there is a 
continuous breaking down and rebuilding of the coordination of an ion by ions of 
opposite polarity (26), it may be assumed that the resistance against migration 
is, in part at any rate, a function of the strength of the electric forces between 
the ions. These forces will increase with increasing valency and decreasing aver¬ 
age distance between the ionic centers, 2 i.e., with decreasing equivalent volume. 
This effect is similar to the ionic strength effect in solutions. 

Increasing electric forces will decrease the mobility of spherical ions; moreover, 
they may produce deformation (polarization) if the ionic sizes are sufficiently 
different. Deformation will give rise to an additional decrease of mobility, 
since it may be regarded as equivalent to introducing a partially covalent char¬ 
acter of the bond. Hence the height of the potential barriers which have to be 
overcome during migration will be increased. 

In table 1 a number of data about the chlorides of the first and second main 
groups of the Periodic Table are recorded. The equivalent conductivities 

* The free surface energy, which is related to the forces in an ionic melt, varies in the 
same way.' This is shown by the increase of surface tension in going from Rb+ to Li+ 
and from I" to Cl~; moreover, the alkaline-earth chlorides have surface tensions higher 
than that of lithium chloride (vide Freundlich, Kapillarchemie , Vol. I). 



MOLTEN SALTS AND THEIR MIXTURES 


487 


(specific conductivities multiplied by equivalent volumes) are those at cor¬ 
responding temperatures 3 (three-fourths of the boiling point), interpolated 
from the values tabulated by Biltz and Klemm (1), the ionic radii are the crystal 
radii calculated by Pauling (19), and the equivalent volumes (at three-fourths of 
the boiling point) are taken from Klemm’s paper (12). 

It is seen that the alkaline-earth chlorides have a considerably lower con¬ 
ductivity than the corresponding alkali chlorides. For instance, the equivalent 
conductivity of barium chloride is about 35 per cent smaller than that of po¬ 
tassium chloride, although the ionic radii of Ba++ and K + are approximately the 
same. This may be due not to a lesser extent of dissociation, but to the stronger 
electrical forces as a consequence of bivalency and smaller equivalent volume. 

Among the alkali chlorides the equivalent conductivity increases strongly 
from cesium to lithium, i.e., with decreasing ionic radius. Obviously the in¬ 
fluence of the simultaneously increasing electric forces (decreasing equivalent 


TABLE 1 


CHLORIDE 

EQUIVALENT CONDUC¬ 
TIVITY AT THREE- 
FOURTHS OF THE BOIL¬ 
ING POINT 

RADIU8 OF CATION 

EQUIVALENT VOLUME 
AT THREE-FOURTHS OF 
THE BOILING POINT 



A. 


LiCl. 

227 

0.60 

31.6 

NaCl. 

165 

0.95 

41.3 

KC1 . 

137 

1.33 

53.5 

RbCl. 

119 

1.48 

59.5 

CsCl. 

112 

1.69 

67.2 

MgClj .. . 

33 

0.65 

29.5 

CaClj . 

79 

0.99 

27.0 

SrCl,. 

71 

1.13 

29.4 

BaCl,. 

76 ; 

1.35 

33.1 


volume) does not outweigh the (mobility-increasing) effect of decreasing atomic 
radii. The equivalent conductivity (X) at corresponding temperatures (three- 
fourths of the boiling point) may be expressed semiquantitatively by the 
equation 

X =105(1+ I) 
vc rj 

where r c and r A are the radii of the cation and anion, respectively 4 (table 2). 

It is interesting to note that lithium chloride does not show irregular behavior 
with regard to conductivity. Lithium chloride is irregular among alkali chlorides 
with regard to melting and boiling points (besides chemical behavior), a fact 

* Regarding the applicability of the theorem of corresponding states to molten salts, 
the papers of Lorenz and Herz (17) and of Walden (25) should be consulted. 

4 P. Walden (25) finds approximate validity of the relation X X y/M — const., where M 
is the molecular weight. 
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which was put down by Fajans (3) to deformation. Pauling, however, concludes 
that the irregularities are mainly due to the very small radius ratio, as a conse¬ 
quence of which anion contact occurs, and not to deformation. The very high 
conductivity of lithium chloride may be regarded as an argument in favor of 
Pauling’s conclusion. 5 

Among the alkaline-earth chlorides there is no strong gradation of the equiva¬ 
lent conductivity; the figures are, however, less reliable here because of the ex¬ 
perimental uncertainty regarding the boiling points. Going from barium to 
calcium the (conductivity-increasing) effect of decreasing radii is roughly com¬ 
pensated by the (conductivity-decreasing) effect of increasing electric field. 

The behavior of magnesium chloride is extreme. Its conductivity is only 
one-half of that of calcium chloride, a fact which is due either to strong anion 
deformation (as a consequence of the small cation radius) or to actual molecule 
formation (“incomplete dissociation”). This is compatible with the anomalously 
high equivalent volume, the comparatively low boiling point, and the general 


TABLE 2 


CHLORIDE 

BOILING POINT 

r C 

'A 

> 

Calculated 

Observed 

A 


°C. 

A. 

A. 



per cent 

LiCl. 

1382 

0.60 

1.81 

233 

227 

+2.6 

NaCl. 

1440 

0.95 

1.81 

169 

165 

+2.4 

NaBr. 

1396 

0.95 

1.95 

164 

166 

-1.2 

Nal. 

1300 

0.95 

2.16 

159 

171 

-7.0 

KC1. 

1415 

1.33 

1.81 

137 

137 

0 

KBr. 

1380 

1.33 

1.95 

132 

128 

+3.1 

KI. 

1320 

1.33 

2.16 

127 

130 

-2.3 

RbCl. 

1385 

1.48 

1.81 

129 

1 119 

+8.3 

CsCl. 

1300 

1.69 

1.81 

119 

112 

+6.3 


chemical behavior of the magnesium salts. Moreover, it is noteworthy that solid 
magnesium chloride has a layer lattice (19), whilst calcium chloride has an essen¬ 
tially ionic lattice (12). The molecules in molten magnesium chloride may have 
to be regarded as statistical rather than permanent units. On the other hand, 
beryllium chloride, which is a poor conductor, is essentially a molecular melt. 

Of the normal chlorides of the second subgroup, cadmium chloride is the only 
good conductor. Its equivalent conductivity at three-fourths of the boiling 
point [59] is about 25 per cent smaller than that of calcium chloride. It is 
interesting to note that Cd++ has about the same radius [0.97] as Ca ++ [0.99]. 
Hence the radius ratio is the same with both salts. It appears that cadmium 

5 It is conceivable that the deductions of Pauling and of Fajans do not exclude each other. 
The radius ratio in lithium chloride is such that the lithium ions do not fill the space be¬ 
tween the anions completely, and a still higher conductivity than that found experimentally 
might be expected. This space effect may, however, be compensated by strong anion 
deformation, which is also due to the rather extreme radius ratio. 
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chloride is not much less dissociated than calcium chloride, and formation of a 
covalent auto-complex does not seem to take place to the same extent as in 
aqueous solution; this is understandable in the absence of a complex-protecting 
sheath of water molecules. The fact that its volatility is higher than that of 
calcium chloride (at the same radius ratio) may be due to greater polarizability 
of Cd++, which appears probable for reasons of electronic structure and because 
of its greater tendency towards complex formation; the fact that cadmium 
chloride forms a layer lattice points in the same direction. The somewhat 
smaller conductivity of molten cadmium chloride may be explained by a higher 
degree of deformation 6 of C(l++ or by auto-complex formation to a moderate 
extent. 


II 

The behavior of mixtures of molten salts is interesting. In a simple system 
with a common ion, such as potassium chloride-sodium chloride, a change in 
composition amounts to a replacement of K + by Na+ and vice versa. As a con¬ 
sequence of the differences in ionic radius and equivalent volume, the interionic 
forces will change as the composition alters, and deviations from Raoult’s law 
may be expected. Such effects should make themselves felt to a greater extent 
in systems of the type Me I Cl-Me II Cl 2 , in which two univalent ions are replaced 
by one bivalent one. Large deviations may be expected when complex forma¬ 
tion takes place in the mixture. 

Activities in a number of such mixtures have been determined either by vapor- 
pressure measurements by Greiner and Jellineck (7), or from free-energy calcula¬ 
tions on suitable electromotive cells by Hildebrand and Salstrom (22). The 
latter method appears to give more reliable results than the former, since, in a 
number of cases, the partial vapor pressure curves do not represent activities, 
probably because of the formation of association complexes in the vapor phase. 
The systems potassium chloride-sodium chloride and, perhaps to a smaller 
extent, silver chloride-lead chloride and silver bromide-lead bromide show con¬ 
formity with Raoult’s law. On the other hand, the systems lithium bromide- 
silver bromide, sodium bromide-silver bromide, potassium bromide-silver 
bromide, rubidium bromide-silver bromide, and lead chloride-lead bromide 
show deviations from Raoult’s law. It may be mentioned that none of these 
systems (except perhaps the system silver bromide-lead bromide, which shows 
an intermediate phase with an incongruent melting point) gives evidence for the 
existence of intermediate phases in the solid. With all systems, except the 
system sodium chloride-potassium chloride, the fact that one component, such 
as silver bromide or lead bromide, may not be completely ionized in the pure state 
may considerably influence the activity coefficient (Salstrom (23)). 

It is interesting to compare the activities with the equivalent conductivities 
in such mixtures. These have been calculated from measurements of specific 
conductivity by Sandonnini (21) and by Tubant and Schaefer (24) and the 

• The equivalent volume of cadmium chloride is slightly greater than that of calcium 
chloride. 
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densities determined by Sandonnini, Lorenz, and Adler (14) and Salstrom (22, 
23). Even in the systems sodium chloride-potassium chloride and silver 
chloride-lead chloride, which are ideal mixtures according to activity deter¬ 
minations, the equivalent conductivity shows negative deviations from additivity 
(figures 1 and 2). On the other hand, the system lead bromide-lead chloride, 



Molar Fraction of NaCI 

Fio. 1. Equivalent conductivity of the potassium chloride-sodium chloride system at 

860°C. 



Molar Fraction of PbCI 2 

Fio. 2. Equivalent conductivity of the silver chloride-lead chloride system at 600 S C. 

which deviates from ideality to an appreciable extent, reveals only small negative 
deviations from additivity of the equivalent conductivity (figure 3). 

It is not possible to give a satisfactory explanation for the shape of the con¬ 
ductivity curves. They imply that, for instance, in the system potassium 
chloride-sodium chloride, both substitution of K + by Na + as well as that of Na + 
by K+ causes a negative deviation from additivity of the equivalent conductivity. 
However, the change in strength of the electric forces (and of deformation) in 
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the first case should be opposite to that in the second case and an S-shaped curve 
rather than a concave lens may be expected. Hence it must be concluded that 
the change in electric field with change in composition does not suffice for the 
understanding of the negative deviation from additivity of the conductivity. 
The effect may be related to the change in coordination when the smaller sodium 
ions are gradually replaced by the larger potassium ions (cf. section I). As may 
be seen from Pauling’s diagrammatic representations (19), this change will 
affect the distances, closeness of packing, and deformation of cation and anion. 
Although it is impossible to foresee in detail what influence these various factors 
may exert on the ionic mobility, it may be inferred from the experimental evi¬ 
dence that their effect on this property is very different from that on the fugacity 
and electromotive activity. 7 

The shape of the conductivity curves might appear plausible, if the viscosity- 
composition curve showed a positive deviation from additivity. However, no 
experimental data on the viscosities of the above-mentioned mixtures are avail- 



Fig. 3. Equivalent conductivity of the lead bromide-lead chloride system at 500°C. 

able. In the system potassium nitrate-sodium nitrate, which also shows a nega¬ 
tive deviation from additivity of the equivalent conductivity, the viscosities 
show negative deviations from additivity also (6), which is contrary to expecta¬ 
tions. Similar observations have been made in the system potassium chloride- 
lithium chloride (11). 

So far we have dealt with deviations from additivity of equivalent conductivity 
which are relatively small. Large deviations with minima are, however, found 
in the systems cadmium chloride-potassium chloride (figure 4), calcium chloride- 
potassium chloride (figure 5), and calcium chloride-sodium chloride (2). It is 
significant that the phase diagrams of these systems give evidence for compound 
formation. 

The system cadmium chloride-potassium chloride (figure 4) is particularly 

7 It may be mentioned that no effect similar to the common-ion effect in solution is 
likely to exist in concentrated melts where substitution of a component by another one 
having a common ion need not lead to an increase of the activity of the common ion. 
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Fig. 4. Equivalent conductivity of the potassium chloride-cadmium chloride system 

at S00°C. 


CaCI 2 -KCI 800° C. 



Fig. 5. Equivalent conductivity of the calcium chloride-potassium chloride system at 

800°C. 
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interesting. Substitution of CdCl 2 by 2KC1, i.e., substitution of Cd++ by 2K+, 
does not lead to an increase in equivalent conductivity (as might be expected 
since that of potassium chloride is much greater than that of cadmium chloride), 
but to a slight decrease; and a minimum is found at a composition of about 60 
mole per cent potassium chloride. From that composition onwards the equiva¬ 
lent conductivity rises sharply. The phase diagram shows a compound 
CdCl 2 • 2KC1 (33 mole per cent CdCl 2 ) with a congruent melting point. Actually 
the maximum deviation of the equivalent conductivity from additivity occurs 
at this composition. The most plausible explanation is that, on substitution of 
cadmium chloride by potassium chloride, complex ions, probably [CMC 'U] , are 

formed and that the mobility of these large ions is small. Further evidence for 
the formation of covalent complex ions may be seen in the rather unusual strong 
positive deviation from additivity of the molar volume in cadmium chloride- 
potassium chloride mixtures (calculated from the values given in reference 14). 
This effect would not be expected if merely a breaking down of the “layer lattice 
structure” of molten cadmium chloride on addition of potassium chloride 
occurred. 

The maximum deviation of the equivalent conductivity from additivity in the 
system calcium chloride-potassium chloride (figure 5) occurs at the composition 
of the congruently melting compound CaCVKCl. This might suggest the 
existence of a complex [CaCl 3 ]~, which has, however, no counterpart in aqueous 
solution and is doubtful on general chemical considerations. A strong negative 
deviation from additivity, but no minimum, is found in the system magnesium 
chloride-potassium chloride (11), yet Guskov (8) concludes from e.m.f. measure¬ 
ments that the molten mixtures of this system probably do not contain com¬ 
plexes. On the other hand, Karpatschoff and Stromberg (11) have found a 
viscosity maximum at the composition 2KCl-MgCl 2 , which is interpreted as 
being due to the presence of complex ions. Since the relations between viscosity 
and constitution of a melt are very incompletely known, the question must be 
regarded as open. 

Although the complex theory may be too simplified and have to be amplified 
by a modified cage theory, further evidence for the existence of complex ions in 
molten salt mixtures is not lacking: Lorenz and Fausti (15) found in transference 
experiments in the system lead chloride-potassium chloride that the amount of 
lead in the cathode cell decreased by a larger quantity than was deposited at the 
cathode. In the absence of solubility of metal in the salt phase containing much 
potassium chloride, this result can only be explained on the assumption of an 
anionic complex containing lead. The phase diagram lead chloride-potassium 
chloride shows the existence of several compounds stable at the melting point. 
It is very significant that Hildebrand and Ruble (10), from determinations of the 
decomposition potentials in this system, support the assumption of the existence 
of complexes on the basis of low activity coefficients of lead chloride. 8 Unfortu- 

8 We do not follow the reasoning of Hildebrand and Ruble, who assume that the molten 
lead chloride is un-ionized; this appears very improbable in view of the good conductivity 
of this salt. 
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natey, no activity determinations or transference experiments are available in 
the system cadmium chloride-potassium chloride. 

More indirect evidence in favor of a decrease of activity in the molten state of 
ions such as Sn++, Pb++, and T1+ by addition of potassium chloride or sodium 
chloride emerges from the investigations of Lorenz, Fraenkel, and coworkers (16) 
on chemical two-phase equilibria, viz .: 

SnCl 2 + Pb - PbCl* + Sn 
CdCl* + Pb - PbCl* + Cd 
CdCl 2 + 2T1 - 2T1C1 + Cd 

It was found that addition of alkali salts will displace such equilibria. On the 
whole, the experimental evidence is consistent with the concept that the activity 
of a salt in the molten state is diminished more by addition of an alkali salt with 
which it forms a compound in the solid (and presumably complexes in the melt) 
than by addition of one with which it does not. In order to understand these 
displacements more fully, it would be necessary to extend the investigations on 
activities in molten salt mixtures to the systems involved in the equilibria 
mentioned above. 

The influence of complex formation is also shown by the solubility-decreasing 
effect of the addition of salts to solutions of cadmium in molten cadmium chlo¬ 
ride. Addition of potassium chloride represses the solubility to such an extent 
that in a mixture containing 22.3 mole per cent cadmium chloride the solubility 
(at 690°C.) is only very slight. We cannot, however, substantiate the result of 
Lorenz and Adler (14), who believe that they obtained a threshold value at 36 to 
39 mole per cent. The most plausible explanation is that, in mixtures rich in 
potassium chloride, almost the whole cadmium chloride is contained in a complex, 
[CdCU]—, and that the concentration of cadmium ion or cadmium chloride is so 
low that the powqf of the melt to dissolve cadmium virtually ceases. The non¬ 
existence of a sharp threshold value of the solubility is easily explained on the 
assumption of a small amount of dissociation of the complex. 

Addition of salt containing multivalent ions is generally more effective in sup¬ 
pressing the solubility of cadmium in cadmium chloride than addition of uni¬ 
univalent electrolytes. Hevesy and Lowenstein (9), who have determined the 
solubility of cadmium in cadmium chloride to which constant amounts (10 mole 
per cent) of salt are added, find the efficiency series: 

CaCl 2 > MgCl 2 > KC1 

In the system lead-lead chloride, Lorenz (13), using measurements of the current 
yield, finds the efficiency series: 

BaCl 2 > KC1 > NaCl 

On the other hand, we have determined the amount of added salt necessary to 
suppress the solubility of cadmium in cadmium chloride to a (colorimetrically 
determined) very low value and find the series: 

KC1 > NaCl » BaCl 2 
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Actually, we have obtained indications that the solubility in cadmium chloride- 
potassium chloride mixtures reaches a lower value than that in cadmium chlo¬ 
ride-barium chloride mixtures, suggesting that the series varies with the concen¬ 
tration of the added salt. 

The fact that the action of potassium chloride is stronger than that of sodium 
chloride may be due to greater stability of complexes in the system cadmium 
chloride-potassium chloride (maximum in phase diagram at the composition 
CdCl 2 -2KCl, minimum in the conductivity curve) than in the system cadmium 
chloride-sodium chloride (incongruent melting point of CdCV2NaCl). On the 
other hand, the greater effectiveness of salts containing bivalent cations is not 
explained by complex formation, as there is no evidence for the existence of 
complexes in the respective systems. The effect of bivalent cations might be 
understood if the solubility of cadmium in cadmium chloride were due only to the 
cadmium chloride molecules in the melt and not to the ions. It might then be 
assumed that addition of alkaline-earth chloride will make the melt more ionic in 
character. However, it is not known whether the solubility is due to the ionic 
or to the molecular species: Whilst the fact that cadmium is less soluble in the 
poorly conducting cadmium iodide than in the well-conducting cadmium chloride 
points in the direction of the first assumption, it must be admitted that mercury 
is soluble in the ratio 1 : 1 in molten mercuric chloride, which is a predominantly 
molecular melt. Subchloride formation may occur in both cases (4). 

The discussion on the nature of molten salts and their mixtures remains frag¬ 
mentary, partly because of the incompleteness of the experimental data. A 
discussion is, however, not deferred till all the necessary data are available, since 
a continuation of this investigation in the near future may not be possible. 

SUMMARY 

The equivalent conductivity (at corresponding temperatures) of molten 
chlorides of the first and second groups of the Periodic Table is discussed, assum¬ 
ing that the main factors which influence the mobility are coordination and 
electric forces. 

The conductivity of mixtures of molten salts shows negative deviations from 
additivity, even if activity determinations reveal such mixtures to be ideal. Par¬ 
ticularly strong negative deviations are found when complex formation occurs in 
the molten mixture. Additional evidence for low activity coefficients and 
complex formation is discussed. 

We are greatly indebted to Dr. J. S. Anderson and Dr. F. Eirich for stimulating 
discussions. 
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In 1937 it was reported by Weiser, Milligan, and Appleby (6) that cupric 
sulfide gels prepared by the methods of Kolthoff and Pearson (2) and of Sauer 
and Steiner (4) gave x-ray diffraction patterns identical with that of the mineral 
covellite, CuS. In the course of these observations it was noted that samples 
prepared by the method of Sauer and Steiner and subsequently allowed to age in 
the moist state gave some additional unidentified lines in the x-ray diffraction 
patterns (7). 

This paper gives the results of a more comprehensive x-ray diffraction study 
which has been made with the object (a) of identifying the above-mentioned ad- 

1 Presented before the Division of Colloid Chemistry at the 103rd Meeting of the Ameri¬ 
can Chemical Society, which was held in Memphis, Tennessee, April 20-24,1942. 
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ditional diffraction lines, and (6) of determining the constitution of precipitated 
cuprous and cupric sulfides and coprecipitated mixtures, when freshly prepared 
and when aged under water both at room temperature and at 90°C. 

EXPERIMENTAL 
Preparation of samples 

Gels of cuprous sulfide, cupric sulfide, and coprecipitated mixtures were pre¬ 
pared and aged as follows: A cuprous chloride solution was prepared by dissolv¬ 
ing 100 g. of white reagent-grade cuprous chloride from a previously unopened 
bottle in 550 ml. of 6 M hydrochloric acid and diluting to 21.; an equimolar 
solution of cupric chloride was made by dissolving 85.5 g. of reagent-grade cupric 
chloride hydrate in 550 ml. of 6 M hydrochloric acid and diluting to 21. Varying 
volumes (100 ml., 90 ml., 80 ml., etc.) of the cuprous chloride solution were 
mixed with varying volumes (0 ml., 10 ml., 20 ml., etc.) of the cupric chloride 
solution, such that a series of eleven 100-ml. portions of cuprous and cupric solu¬ 
tions containing 100, 90, 80, etc., mole per cents of cuprous salt were obtained. 
Each mixture was then diluted to 500 ml. and th# sulfides were precipitated by 
passing in hydrogen sulfide for 20 min. The distilled water used in preparing 
and diluting the solutions was freshly boiled and cooled. The resulting copper 
sulfide gels were allowed to stand for 12 hr. in stoppered flasks, after which they 
were washed free from excess hydrogen sulfide, using a centrifuge. The 100 
per cent cuprous sulfide gel was green, the 100 per cent cupric sulfide gel was 
brown, and the various mixtures were intermediate in color. Each copper sulfide 
gel mixture, suspended in water, was divided into three portions. The first set 
of gels was dried at room temperature; the second set was kept in contact with 
water in stoppered flasks for 12 weeks at room temperature; the third set was kept 
in contact with water in stoppered flasks on a hot plate at 90°C. and atmospheric 
pressure. At intervals, samples were withdrawn from the twenty-two flasks 
and the gels were dried in air at room temperature. 

X-ray analysis 

The fresh air-dried gels, and the gels aged under water at room temperature 
and at 90°C., were examined by standard x-ray diffraction methods using CuK a 
x-radiation filtered through nickel foil. The results of the x-ray examination are 
given in table 1; some of the diffraction patterns are given in chart form in figures 
1 and 2. 

It will be noted that the original air-dried gels (table 1, figure 1) consist of 
crystals of cuprous sulfide, cupric sulfide, or mixtures of cuprous sulfide and 
cupric sulfide. At a composition of 30 to 40 mole per cent cuprous sulfide, the 
cupric sulfide spacings appear to be increased slightly, indicating some solid solu¬ 
tion. At compositions between 50 and 80 mole per cent cuprous sulfide, the 
primaiy particle size is somewhat smaller; a similar behavior was observed in the 
ferric oxide-cupric oxide system recently studied (3). 

Aging under water at room temperature (table 1, figure 2) produces little 
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change at the start, but after 12 weeks it is apparent that some lines have become 
sharper, and that some additional lines are obtained from the sample of 100 
mole per cent cuprous sulfide. Referring to the x-radiograms in chart form in 


TABLE 1 

The aging of precipitated cupric and cuprous sulfides 


COMPOS!- 





l 



TION IN 
MOLE PEE 


AGING UNDER WATER 

AT 25°C. 

AGING UNDER WATER AT 90°C. 

CENT 

ORIGINAL GEL 







CuS 

CujS 


1 

3 

12 weeks 

3 days 

7 days 

12 weeks 











0 

CuS pattern 

a* 

a 

a 

bt 

b 

b 

90 

10 

CuS pattern 

a 

a 

a 



b 

HO 

20 

CuS pattern 

a 

a 

a 



b 

70 

30 

CuS pattern and 

a 

a 

a 



Cu 2 S lines 



few Cu*S lines; 
some solid solu¬ 
tion ; CuS spac- 
ings larger 


♦ 




stronger 

60 

40 
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figure 3, it will be noted that these extra lines result from the presence of cupric 
sulfate pentahydrate in the sample. In further experiments it was found that 
simple precautions against the entrance of air will prevent the oxidation which 
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results in the occasional appearance of lines corresponding to cupric sulfate 
pentahydrate. 

Aging the samples at 90°C. has the effect of increasing slightly the primary 
particle size. 
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Fig. 1 . X-ray diffraction patterns 
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In the copper sulfide gels precipitated and aged under water, there was no 
indication of the formation of digenite (1), which has been prepared in the dry 
way at elevated temperature, or of the new diffraction lines reported by Usmani 
(5) in samples prepared by treating copper metal with hydrogen sulfide. 
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Fig. 3. X-ray diffraction patterns 
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SUMMARY 

The following is a brief summary of the results of this investigation: 

1. The reaction of hydrogen sulfide with solutions of cuprous chloride gives 
CU 2 S (chalcocite x-ray diffraction pattern), and the reaction of hydrogen sulfide 
with cupric chloride solutions gives CuS (covellite pattern). This is true whether 
the gels are freshly prepared or are aged under water at room temperature or 
at 90°C. 

2. The extra lines which appear in the x-ray diffraction patterns of some sam¬ 
ples of cuprous sulfide and cupric sulfide which have been exposed to the air 
while moist, have been found to correspond to the stronger lines of the diffraction 
pattern of cupric sulfate pentahydrate. 

3. Samples of the sulfides protected against oxidation, or prepared and ex¬ 
amined rapidly without taking special precautions against oxidation, do not give 
lines corresponding to cupric sulfate pentahydrate. 

4. Coprecipitated gels of cuprous and cupric sulfide gave x-radiograms cor¬ 
responding to mixtures of chalcocite and covellite; some indication of solid solu¬ 
tion was observed, but there was no indication of the formation of digenite. 
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THE VITREOUS STATE: SOME SEMIQUANTITATIVE 
CONSIDERATIONS 1 
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INTRODUCTION 

If a substance possesses a degree of rigidity comparable to that possessed by 
typical crystalline substances, yet lacks the dependence on direction (character¬ 
istic of the crystalline state) of such properties as hardness, rate of growth, and 
solution, and (sometimes) refractive index, it is said to be in the vitreous state. 

From the structural point of view, the vitreous state of matter may be de¬ 
fined, alternatively, as that state in which the arrangement of the component 
atoms, ions, or molecules possesses a permanence similar to that in the crystalline 
state and a randomness similar to that characteristic of liquids. 

The terms vitreous substance , vitreous solid , amorphous solid , supercooled liquid , 
glass, and plastic may be considered to be practically synonymous. The term 
used by a given author at a given time is largely a matter of preference, de¬ 
pending in part on the type of characteristic property (e.g., rigidity, lack of 
directional properties, method of production) which it is desired to emphasize. 

A rigorous definition of a vitreous substance is impossible without the intro¬ 
duction of purely arbitrary quantitative limiting values for the rigidity (or 
viscosity) and the dependence of various properties on direction or for the 
degree of permanence and lack of order in the atomic distribution. Rather than 
to introduce such arbitrariness, it seems better to consider the term vitreous 
merely as a convenient descriptive adjective, realizing that there are many 
borderline cases to which the term may be applied or not, as convenient. 

Looking at the subject from an atomic point of view, the reasons for the 
existence of many borderline cases are obvious. Like atoms (or ions or groups 
of atoms) tend to be surrounded by other atoms (or ions or groups of atoms) in 
a like manner. In any condensed system—crystalline solid, vitreous solid, or 
liquid—there tends to be a regularity in the atomic distribution immediately 
surrounding each atom (or ion or group of atoms). Thus, in all silicate crystals 
of known structure and presumably also in silicate glasses, each silicon atom is 
tetrahedrally surrounded by four oxygen atoms at a distance of about 1.6 A. 
and each oxygen has adjacent to it either two silicon atoms or one silicon and one 
or more atoms of another element or elements. If, in addition to the local regu¬ 
larity, there is also a long-distance regularity, the substance is crystalline; if not, 

1 Communication No. 912 from the Kodak Research Laboratories. Presented before 
the Division of Physical and Inorganic Chemistry at the 105th Meeting of the American 
Chemical Society, which was held in Detroit, Michigan, April, 1943. Except for minor 
changes, this paper is identical with a portion of an article to be published soon, under the 
joint authorship of M. L. Huggins, K.-H. Sun, and A. Silverman, in Volume V of Colloid 
Chemistry: Theoretical and Applied , edited by Jerome Alexander. 



THE VITREOUS STATE 


503 


it is a vitreous solid or a liquid, depending on the degree of permanence of the 
long-distance structure—a function of temperature. 

A crystalline arrangement of atoms or molecules has (nearly always, at least) 
a lower energy than a non-crystalline arrangement, although the difference is 
usually not large. If the interatomic (or interionic or intermolecular) forces 
tending to maintain a momentarily existing long-distance structure are small 
enough, the thermal vibrations of the atoms will cause the structure to change 
rapidly to a different one: the substance is a liquid. If the substance is then 
cooled rapidly to a temperature such that the average kinetic energy tending to 
change the structure is considerably smaller than the energy humps tending 
to prevent rearrangement to a crystalline structure, a vitreous solid results. 
If, on the other hand, the cooling takes place sufficiently slowly, and if the 
energy of a structure having long-distance regularity is enough lower than the 
energy of any other structure, a crystalline substance is produced. The existence 
of vitreous substances is thus closely related to the strengths of the interatomic, 
interionic, and intermolecular forces and to the rate of cooling from the liquid 
state. 

In general, a substance tends to be a solid if interatomic bonds, strong enough 
successfully to resist breaking by thermal collisions, form a three-dimensional 
network structure extending throughout the mass. If a regular network struc¬ 
ture has a considerably lower energy than any irregular structure, the solid 
tends to be crystalline. If, however, different arrangements have practically 
equal energy, it tends to be amorphous. 

SEMIQUANTITATIVE TREATMENT 

Most of the temperature motions of the atoms in any solid or liquid can be 
considered as oscillations (not mutually independent) about equilibrium posi¬ 
tions. In addition to the changes of relative atomic positions resulting from 
these oscillations, larger changes may occur, in which the energy (strictly, the 
free energy (1)) of the system first increases and then decreases; an energy hump 
is passed over. In many instances the change taking place can be (approxi¬ 
mately) described very simply, e.g., as a shift of position of a single atom or a 
shift of position or of orientation of a group of atoms, even though smaller 
displacements of other neighboring atoms must necessarily occur concurrently. 

Each rearrangement of this sort is characterized by two important energy 
quantities: ( 1 ) the difference (A E) between the energy of the system before 
the change and that after the change, and (2) the magnitude of the energy hump 
passed over, i.e., the difference between the energy of the system before the 
change and its maximum energy at any time during the change (see figure 1). 
The latter quantity is called the “activation energy” for the change; we shall 
designate it as E a i for a change from a lower energy state (1) to a higher state 
(2), and as E& for a change from a higher energy state to a lower. Obviously, 

A E = ±(E* - Edf) (1) 

the plus sign applying to the change from state 1 to state 2, the minus sign to the 
reverse change. 
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, Generally speaking, amorphous substanceB are those for which many internal 
changes of this sort are possible, with AE small in magnitude. This statement 
will now be amplified and put on a semiquantitative baas. 

If, for a given atomic shift or rearrangement, states 1 and 2 are in thermo¬ 
dynamic equilibrium with each other (but not with any additional states), it 
can be shown that the probability that the system is in state 1 is 



Fig. 1. Illustrating certain energy relationships pertaining to a structural rearrangement 
in a solid or liquid. 


where 



-(3) 


T being the absolute temperature and k' being a constant depending on the Boltz¬ 
mann constant (k) and also on the number of atoms making the shift and the 
tightness with which these atoms are bound to each other and to neighboring 
atoms, i.e., the independence of their oscillational motion. For the purpose of 
this discussion, k' can be considered to have a uniform, constant value, approxi¬ 
mately equal to k. 

The probability that the system as in state 2 is 

_t__ 

** i -j_ 


Ft *•» 1 — Pi 


(4) 
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Figures 2 and 3 show the variation of Pi and Pt with Ac and with T (for a 
constant A E/k'). The greater the energy difference, at a given temperature, 
the greater is the probability that the system is in the lower energy state. The 



Fig. 2. The probabilities of two states, in equilibrium with each other, as functions of 
Ac. The probability of the simultaneous existence of 1000 independent subsystems (all 
having the same value of Ac) is also shown (dotted line). 



Fig. 3. The probabilities of two states, in equilibrium with each other, as functions of 
the absolute temperature, assuming A E/k' constant (equal to 600 or 2000, as indicated). 
The probabilities of the simultaneous existence in state 1 of 1000 independent subsystems 
are also shown (dotted lines). 

higher the temperature, for a given value of A E/k', the more nearly equal are 
the probabilities for the two states. 

If a given sample of the substance under consideration contains a large num¬ 
ber of small subsystems, each of which can have two or more atomic distributions 
differing in energy by the same amount (or, more precisely, by the same value of 
AE/k’) t the probabilities just discussed and represented in figures 2 and 3 are 
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equal to the fractious of these subsystems which are in the respective states at 
a given instant, provided there is thermodynamic equilibrium. 

A substance of this sort should be considered crystalline only if (practically) 
all of the subsystems throughout relatively large regions, containing many 
thousands of atoms, have the same atomic distribution—normally that (state 1) 
having the lowest energy. Assuming, as a first approximation, that the state 
of each subsystem is independent of the states of its neighbors, the probability 
that a mole of the substance is crystalline is (practically) P f, n being the number 
of subsystems, of the sort just discussed, in the mole. The dotted curves in 
figures 2 and 3 show how Pi varies with Ac and with T, for n = 1000. It is 
obvious that with very large values of n, a crystalline structure is very im¬ 
probable, unless Ac is large. 



Fig. 4. Dependence of the‘free energy of crystallization on the absolute temperature, 
according to equation 7, assuming nAE *» 200 cal. and 1000 cal., with k f « k and n «= Avo- 
gadro’s number in both cases. 


The change of entropy (per mole) accompanying crystallization, for the sort 
of substance being discussed, is 

A S c * S c - S v « k In Pi - k In (1 - Pi) as kn In Pi (5) 

The molal change in heat content—equal to the change in energy if there is no 
volume change—accompanying crystallization is v 

AH e * A Ee — Ec — E v » — uP%AE (6) 

The free-energy change associated with crystallization is therefore 

AFc 9 = iFe *-“• F, 585 AH c — TAS c && — nP*AE — ukT In Pi (7) 

f%ure 4 shows the manner in which the free energy of crystallization varies with 
the temperature, according to this equation and equations 2, 3, and 4. 
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The temperature at which A F e * 0 is that below which the crystalline state 
is more stable than the amorphous, and above which a non-crystalline distribu¬ 
tion is the more stable. This temperature is the melting point of the crystalline 
material, if the viscosity of the non-crystalline substance at that temperature 
is sufficiently low for it to be liquid. 

It should be emphasized that the foregoing discussion applies only to a sub¬ 
stance in a state of thermodynamic equilibrium. The rate at which the equili¬ 
brium state is approached and the viscosity of the amorphous material both 
depend primarily, not on the energy difference ( AE ) between more-or-less stable 
states, but on activation energies (E a i and E&) which may be much larger than 
the AE values. 

Neglecting certain minor considerations, the rate of change from state 1 to 
state 2 (or from 2 to 1) is proportional to the number of subsystems in state 1 
(or state 2) and to e~ tl (or e“' 2 ), where d and €2 are defined by the equations 


€1 


Eal 

k'T 


( 8 ) 


and 


€2 = 


Ea 2 
k'T 


(9) 


If we denote by/ 2 the instantaneous fraction of subsystems in state 2 at time 
by / 2 ,o the fraction in this state at t = 0, and by/ 2,00 that fraction at t = 00 
(i.e., at equilibrium), the net rate of change of / 2 can be shown to be 


^ - fc"(A. - Ao)(e- + e-) 

- /c"(/ 2 .« - /,.„)( 1 + 

A similar relationship holds for dfi/dt . For our present purpose, k " can be con¬ 
sidered merely as another constant. 

If At is not too small, e” Aa can be neglected relative to unity; then 

^ ( 11 ) 

For the actual fraction, / 2 , at time t, the relation (also for Ac not too small) is 

/« - A. + (A# - (12) 

In place of equation 11, we may therefore write 

^ = fc"(A. - /*)«'•* (13) 

Figure 5 shows the dependence of the net rate of change from state 2 to state 1 
on the magnitude of «*, according to equation 13. The scale is arbitrary, de¬ 
pending on the magnitude of k"(J iM — ft) at the time being considered. At 
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constant temperature, like rate is seen to vary greatly with the magnitude of the 
activation energy E<a (or, better, with E#/W). 

Figure 6 chows the very great dependence of the net rate of change from state 
2 to state 1 on the temperature, for a constant value of E*/k\ 

' Figure 7 chows the manner in which the fraction of subsystems in the upper 
energy state varies with time, for various values of k"*i, according to equation 
12. The different curves again illustrate the great dependence on the activation 


-iii 



Fio. 5. Dependence of the net rate of change from state 2 to state 1 on the magnitude of 
«t, according to equation 13. (The units are arbitrary.) 


energy and the temperature of the rate at which the subsystems reach true 
stability (state 1). 

In actual substances, there will, as a rule, be more than one type of structure 
shift, each characterised by two independent constants, 

AE , Em 1 ( Em 1 j Eat A E , Em l\ 

p- ®° d W y* md V or V *“ d F/ 

These constants determine the relative fractions of the appropriate subsystems 
in the two energy states at equilibrium and the rate at which equilibrium is 
iqftnnfMhiad A substance will be amorphous at a given 
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temperature if there are considerable numbers of subsystems in energy states 
other than the lowest—which will be the case (at equilibrium) if Ac is small for 


d £%. 
d+ 



TEMPERATURE 

Fio. 6. Dependence of the net rate of change from state 2 to state 1 on the absolute 
temperature, for a constant value of E a t/k according to equation 13. (The units are 
arbitrary.) 



Fig. 7. Variation with time (in arbitrary units) of the fraction of subsystems in the 
upper energy state (2), for various values of (indicated by the numbers alongside the 
curves), according to equation 12. 

any (not too rare) type of structure shift. The substance will also be amorphous, 
even though equilibrium at the existing temperature would require practically 
all of the subsystems to be in their lowest energy states, if too rapid cooling from 
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a higher temperature (at which many of the subsystems were in higher energy 
states) has so slowed the rates of the structure shifts as to prevent the attain¬ 
ment of equilibrium at the lower temperature. 

Considerations similar to those above apply also to the theoretical treatment 
of viscosity. Without going into details, it may be mentioned that the viscosity 
is determined largely by the magnitudes of the energy humps (or, better, of the 
ratios E a /k'T) which must be passed over as each small region of the substance 
shifts, in a given direction, relative to neighboring regions. 

Let us now consider the state of affairs in a silicate glass of ordinary composi¬ 
tion. The strongest interatomic forces are undoubtedly those between silicon 
and oxygen atoms. At ordinary temperatures, the ensemble of silicon and 
oxygen atoms is an irregular giant network (negatively charged). At sufficiently 
high temperatures, such as those at which the glass was made, the viscosity is 
that of an ordinary liquid; the network is continually being broken and re¬ 
formed, with a change of configuration. This necessitates the breaking and 
re-formation of silicon-oxygen bonds. Both the activation energy and the 
absolute temperature are large; the rate of the break-and-make process is de¬ 
termined chiefly by the ratio of the former quantity to the latter. 

As the temperature is lowered, the rate of breaking of silicon-oxygen bonds 
rapidly becomes smaller and the viscosity greatly increases. Within the tem¬ 
perature range in which the viscosity is rapidly changing (or at any higher 
temperature), the structure existing at any instant is far from regular—because 
the differences in energy between different configurations (different sizes of rings, 
etc.) for each small region of the structure are small relative to the thermal energy 
available. 

On further cooling, practically no silicon-oxygen bonds are broken; in this 
respect the structure remains fixed. Other changes, having smaller activation 
energies, continue to occur at temperatures somewhat below the range of rapid 
viscosity increase. These include the breaking and making of other metal- 
oxygen bonds and changes of orientation of silicon-oxygen bonds in the silicate 
net, insofar as possible without breaking any of these bonds or changing Si-O-Si 
bond angles too greatly from their most stable values. Those changes are 
preferred, over changes in the opposite direction, which result in a decrease in 
(free) energy. 

If the cooling takes place very slowly through each temperature range in which 
the rate of shift, for a given type of structure change, is rapidly decreasing, 
approximate equilibrium, with respect to each of these types of changes, can be 
maintained. In those types of subsystems in which one of two alternative 
distributions is considerably more stable than the other, practically all will have 
the more stable distribution, when the temperature is reached at which the rate 
of shift becomes negligible. Slow cooling over all of these critical regions 
therefore produces a glass at room temperature which approaches the lowest 
possible energy—maximum stability. Rapid cooling through any of the critical 
regions results in the “freezing-in” of some relatively unstable atomic distribu¬ 
tions. This results in strains and inhomogeneities. The tendency to relieve 
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these strains, to give a thermodynamically more stable structure, produces 
slow internal changes persisting over a long period of time. 

Very slow cooling through temperatures only slightly below those at which 
the glass is fluid favors the production and growth of crystalline regions in the 
mass, the importance of this tendency being very greatly dependent on the com¬ 
position, however. Such crystalline regions—especially if the crystal structure 
is quite anisotropic, with strength and other properties varying greatly with 
direction—may be very deletei-ious, producing inhomogeneity and other un¬ 
desirable properties in the final product. 

SUMMARY 

The equilibrium between crystalline and non-crystalline conditions in a solid 
or liquid and the rate at which the equilibrium state is approached are con¬ 
sidered as functions of (1) the net energy changes for small internal structural 
rearrangements (shifts of position of single atoms or of orientation of groups of 
atoms), (2) the activation energies for such rearrangements, and (S) the tempera¬ 
ture. Annealing and devitrification phenomena and the necessary require¬ 
ments for the (practically) permanent existence of a vitreous substance are 
considered from this standpoint. 
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In the former paper (1) the fluidity elevation of the individual ions was calcu¬ 
lated and the additivity of the fluidities demonstrated. It is now proposed to 
study the rheological data of mixtures of electrolytes in order to explain certain 
anomalies. 

The viscosities of mixtures of inert liquids were early erroneously assumed to 
be additive (curve Arj in figure 1): 

V = am + brj 2 (1) 

Only slowly has it become clear that the fluidities <p\ and y >2 must be additive, 
and that the concentrations of the components a and b used must be volume 
fractions of the components. Even then (4, 6) the equation 


<P = cupi + b<p 2 


(2) 
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(the curve N* (normal mixture)) frequently shows well-recognized deviations 
from the observed data, deviations which are of two kinds. In the one case, 
as in that of aniline and pyridine, the components appear to unite to form a 
compound of lower fluidity, curve C<p (combining mixture); in the second, typi¬ 
fied by potassium nitrate dissolved in water (5) and also by certain non-electro¬ 
lytes, there is apparently a breaking down of the association of the water or 
other complexes, resulting in an elevation of the fluidity curve IV (dissociating 



Fig. 1. Diagram showing that the curve of additive fluidities N> gives a normal viscosity 
curve Nn, to be distinguished from the curve (An) which would be obtained were viscosities 
additive. Substances which on mixing give a negative curvature D <p give a viscosity curve 
Dn which is readily distinguished from An, but when there is positive curvature on mixing, 
the viscosity curve Crj approaches more nearly to An. 

mixture). It appears from figure 1—and it may be pro,ved that the conclusion 
is general—that (1) the values on the N rj (normal viscosity) curve 1 are always 
lower than expected if viscosities were additive, A 17 ; (#) that the Dv curve 2 is 
still lower; but (S) that the Crj curve* is not so low as the Dn curve. But these 

1 Obtained by plotting the reciprocal of the fluidity of the N<e curve. 

* Obtained by plotting the reciprocal of the fluidity of the IV curve. 

* Obtained by plotting the reciprocal of the fluidity of the CV curve. 
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predictions are less and less important as the fluidities of the components ap¬ 
proach equality. Thus any pair of liquids which on mixing gives a linear 
fluidity curve should give a viscosity curve which is lower than that calculated 
by equation 1. Moreover, any pair of liquids which expands on mixing, ab¬ 
sorbing heat and exhibiting a fluidity of the D<p type, will show the same effect 
to an even greater degree, i.e., the curve will be still lower, D77. Only when there 
is evidence of chemical reaction between the components, indicated by heat 
evolution and contraction as well as in the C<p curve, will the position of the 
viscosity curve be uncertain, sometimes lower than the calculated but sometimes 
higher. These peculiarities of behavior afford good but heretofore unused 
evidence as to the correct additive function. 

The authors have tested these predictions, using the data of Ruby and Kawai 
(14) and of Bruckner (7). In both cases the deviations between the observed 
and calculated values are reduced one-half by using the fidditive fluidities, and 
the deviations verify the above predictions. A study of the data enables us to 
point out a fact which has heretofore escaped notice. When two solutions 
having a common ion, such as hydrochloric acid and potassium chloride or 
ammonium chloride and potassium chloride, are mixed, the observed fluidity is 
appreciably below the calculated value. The clue to the reason is the fact that 
when two solutions of different concentration of any one of the above salts are 
mixed in equal volumes, the fluidity of the mixture is above the expected linear 
mean value. When, therefore, a solution of potassium chloride, for example, 
is mixed with a solution of some other chloride, the potassium ion is diluted, 
tending to increase the fluidity. If, as in the case of hydrochloric acid and 
ammonium chloride, they both show the same behavior, there will also be an 
increase of fluidity due to the dilution of both ions. This correction is most 
noticeable in the more concentrated solutions, but it amounts to a maximum 
of 1 per cent for mixtures of 4 A hydrochloric acid and 4 N potassium chloride, 
and to 0.8 per cent for mixtures of 4 A hydrochloric acid and 4 N sodium chloride, 
but it is inappreciable for mixtures of 4 A hydrochloric acid and 4 N sodium 
chloride. With 4 N ammonium chloride and 4 N sodium chloride, the correc¬ 
tion rises to a maximum of nearly 6 per cent. 

Neither Ruby and Kawai nor Bruckner have expressed their results as fluidi¬ 
ties. We therefore give table 1 for the most concentrated solutions (4 N) 
measured by Ruby and Kawai at 25°C. with the Ostwald viscometer, with an 
accuracy claimed of 0.05 per cent. The mixtures are so made up that in every 
case the total normality is four. It will be noticed that the deviations are 
regular and probably significant. Most interesting are the changes of sign in 
the deviations, for which we have offered an explanation. These authors worked 
with solutions having a common ion (Cl“), and therefore in dilute solutions the 
conditions are very simple. 

Still simpler, however, are the cases studied most carefully by Bruckner, 
who employed mixtures of equal volumes of solutions of the same salt at different 
equivalent concentrations at 15°C. and 20°C., using an excellent instrument of 
his own design. In tables 2 to 5 we give his data for the viscosities and specific 
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volumes of solutions of sodium chloride, barium chloride, potassium chloride, 
and ammonium chloride at the different concentrations with equivalent fluidi- 

TABLE 1 


Fluidities of mixtures of electrolytes {Ruby and Kawai) 


ELECTROLYTES 

VobtA. 

’foaled. 

PEE 

CENT 

DEVIA¬ 

TION 

V 

Vobed. 

Sealed. 

PEE 

CENT 

DEVIA¬ 

TION 

p 

HC1 

KCl 

NaCl 

4.0 

0 


1.2378 

1.2378 

0.00 


90.41 

90.41 

0.00 


3.2 

0.8 


1.2068 

1.2016 

-0.43 


92.73 

93.50 

+0.83 


2.4 

1.6 


1.1713 

1.1655 

-0.50 


95.54 

96.60 

H-i.ii 

, ft AA fair \ 

1.6 

2.4 


1.1341 

1.1293 

-0.42 

' u.*o ^av.j 

98.68 

99.69 

+1.02 

* u.ou v»v. I 

0.8 

3.2 


1.0964 

1.0932 

-0.20 


102.16 

102.79 

+0.62 


0 

4.0 


1.0670 

1.0570 

0.00 


105.88 

105.88 

0.00 



4.0 

0 


9 

0.00 




0.00 



3.2 

0.8 

1.1309 

1.1483 

+ 1.54 


98.96 

99.49 

+0.54 



2.4 

1.6 

1.2118 

1.2396 

4*2.29 


92.35 

93.10 

+0.81 

► n KA /ntf \ 


1.6 

2.4 

1.3022 

1.3310 

+2.21 

y l. w (av.j 

85.94 

86.72 

+0.91 

* u.ou (av./ 


0.8 

3.2 

1.4030 

1.4223 

+ 1.38 


79.76 

80.33 

+0.71 



0 

4.0 

1.5136 

1.5136 

0.00 


73.94 

73.94 

0.00 


0 

j 

4.0 



0.00 




0.00 


0.8 


3.2 

1.4484 

1.4584 

0.69 


77.26 

77.23 

-0.04 


1.6 


2.4 

1.3877 

1.4033 

+1.12 

y n ftl (n\r \ 

80.64 

80.53 

-0.14 

y n ( Y7 f atr \ 

2.4 


1.6 

1.3329 

1.3481 

+ 1.14 

? u.oi (.av.; 

83.96 

83.82 

-0.17 

* u.u/ vav .) 

3.2 


0.8 

1.2834 

1.2930 

+0.75 


87.20 

87.12 

-0.09 


4.0 


0 

1.2378 

1.2378 

0.00 


90.41 

90.41 

0.00 


General average. 

0.76 




0.39 



TABLE 2 


Viscosities of sodium chloride solutions (BrUckner) 


m 

t>n° 

Vlb* 

(obseeved) 

*i*° 

(obseeved) 

nta° 

(obseeved) 

(obseeved) 

0.0 

1.0008 

0.011439 

87.42 

0.010086 

99.15 

0.5 

0.9808 

0.011826 

84.56 

0.010482 

95.40 

1.0 

0.9617 

0.012355 

81.07 

0.010962 

91.22 

1.5 

0.9441 

0.012951 

77.21 

0.011513 

86.87 

2.0 

0.9266 

0.013651 

73.26 

0.012147 

82.32 

2.5 

0.9112 

0.014475 

69.09 

0.012878 

77.64 

3.0 

0.8621 

0.015435 

64.79 

0.013745 

72.76 

3.5 

0.8816 

0.016518 

60.54 

0.014682 

68.11 

4.0 

0.8678 

0.017833 

56.08 

0.015839 

63.13 

4.5 

0.8544 

0.019315 

51.78 

0.017089 

58.51 

5.0 

0.8420 

0.021178 

47.23 

0.018673 

53.57 


ties. Having these solutions, mixtures of equal volumes were made from them 
and the viscosities determined. These data are given in tables 6 to 22 inclusive, 
together with the calculated values. 
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Bruckner himself did not question the validity of the additive viscosity 
formula, but in 97 per cent of the mixtures studied, the viscosities calculated 

TABLE 3 


Viscosities of barium chloride ( IBaClt ) solutions ( Bruckner ) 


M 

®i«° 

(observed') 

(observed) 

(observed) 

(observed) 

0.0 

1.0008 

0.011439 

87.42 

0.010086 

99.15 

0.5 

0.9572 

0.012018 

83.20 

0.010645 

93.94 

1.0 

0.9182 

0.012687 

78.81 

0.011285 

88.61 

1.5 

0.8823 

0.013413 

74.55 

0.011967 

83.56 

2.0 

0.8500 

0.014238 

70.23 

0.012722 

78.61 

2.5 

0.8189 

0.015203 

65.77 

0.013615 

73.45 

3.0 

0.7902 

0.016383 

61.04 

0.014688 

68.08 


TABLE 4 


Viscosities of potassium chloride solutions ( Bruckner ) 


* 

*!»• 

( 

I vu* 

(observed) 

*16° 

(observed) 

! 

1*0° 

(observed) 

(observed) 

0.0 

1.0008 

0.011439 

87.42 

0.010086 

99.15 

0.5 

0.9780 

0.011247 

88.91 

0.009990 

100.10 

1.0 

0.9562 

0.011140 

89.77 

0.009952 

100.48 

1.5 

0.9363 

0.011065 

90.38 

0.009923 

100.78 

2.0 

0.9175 

; 0.011085 

90.21 

0.009980 

100.30 

2.5 

0.8996 

1 0.011105 

90.05 

0.010045 

99.55 

3.0 

0.8824 

I 0.011212 

89.19 

0.010175 

98.28 

3.5 

0.8666 

j 0.011346 

88.13 

0.010314 

96.95 


TABLE 5 


Viscosities of ammonium chloride solutions ( Bruckner) 


m 

vn a 

Vl6° 

(observed) 

0.0 

1.0008 

0.011439 

0.5 

0.9927 

0.011267 

0.75 

0.9883 

0.011183 

1.0 

0.9849 

0.011129 

1.5 

0.9774 

0.011000 

2.0 

0.9703 

0.010913 

2.5 

0.9637 

0.010862 

3.0 

0.9574 

0.010826 

3.5 

0.9506 

0.010810 

4.0 

0.9450 

0.010861 

4.5 

0.9391 

0.010906 

5.0 

0.9335 

0.011065 


* 16 ° 

(OBSERVED) 

VtO ° 

(observed) 

*ao° 

(observed) 

87.42 

0.010086 

99.15 

88.75 

0.009992 

100.08 

89.42 

0.009940 

100.60 

89.86 

0.009924 

100.77 

90.91 

0.009845 

101.58 

91.63 

0.009806 

101.97 

92.06 

0.009789 

102.15 

92.37 

0.009794 

102.11 

92.51 

0.009813 

101.91 

92.07 

0.009879 

101.22 

91.69 

0.009967 

100.32 

90.38 

0.010108 

98.93 


by his formula are higher than the observed values. This is exactly similar to 
what has been observed with mixtures of non-electrolytes, as noted by several 
observers, notably Wijkander, Hatschek (10), Linebarger (12), Dunstan (8), 
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and Kendall (11), as well as Thorpe and Rodger. These last (15) remark, 
“The viscosity of a mixture is as a rule uniformly lower than the mixture law 

TABLE 6 


Viscosities of equal volumes of solutions of different concentrations (*) of the same salt: 

sodium chloride ( BrUckner) 


X 

Xl 


ms* 

(observed) 

♦u® 

(observes) 

(observed) 

4W 

(observed) 

(calcu¬ 

lated) 

(calcu¬ 

lated) 

1 

2 

0.9441 

0.012951 

77.21 

0.011513 

86.87 

77.16 

—0.05 

86.77 

-0.10 


3 

0.9266 

0.013651 

73.26 

0.012147 

82.32 

72.93 

-0.33 

81.99 

-0.39 


4 

0.9112 

0.014475 

69.09 

0.012878 

77.64 

68.58 

-0.51 

77.18 

-0.46 


5 

0.8961 

0.015435 

64.79 

0.013745 

72.76 

64.15 

-0.64 

72.40 

-0.36 

2 

3 

0.9112 

0.014475 

69.09 

0.012878 

77.64 

69.02 

-0.07 

77.54 

-0.10 

, 

4 

0.8961 

0.015435 

64.79 

0.013745 

72.76 

64.67 

-0.12 

72.72 

-0.04 


5 

0.8816 

0.016518 

60.54 

0.014682 

68.11 

60.24 

-0.30 

67.94 

-0.17 

3 

4 

0.8816 

0.016518 

60.54 

0.014682 

68.11 

60.44 

-0.10 

67.94 

-0.17 


5 

0.8678 

0.017833 

56.08 

0.015839 

63.13 

56.01 

-0.07 

63.16 

+0.03 

4 

5 

0.8546 

0.019315 

51.78 

0.017089 

58.51 

51.66 

-0.12 

58.35 

-0.16 


Mean deviation of calculated fluidity from the observed is 0.3 per cent. 


TABLE 7 


Viscosities of equal volumes of different concentrations of the same salt: J(BaClj) 

t BrUckner ) 


X 

*i 

Vu * 

(observed) 

♦a 0 

(observed) 

w 

(observed) 

♦to® j 

(observed) 

,*!«• 

(calcu¬ 

lated) 

(calcu¬ 

lated) 

1 

2 

0.8823 

0.013413 

74.55 | 

0.011967 

83.55 

74.52 

-0.03 

83.61 

+0.06 


3 

0.8500 

0.014238 

70.23 

0.012722 

78.61 

69.92 

-0.31 

78.38 

-0.23 

2 

3 

0.8189 

0.015203 

65.77 

0.013615 

73.46 

65.64 

-0.13 

73.34 

-0.12 


would indicate.” Bruckner noted this too, and he says in almost the same terms, 
“The viscosity of a mixture of two solutions is always less than the arithmetical 
mean of the viscosities of the components,” and he made the further significant 
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remark, “The difference is the greater as the difference between the molecular 
concentrations of the components is increased.” If the fluidities are additive, 
we have a right to expect the calculated viscosities of Bruckner to be greater 
than his observed values, as is the case, and we may expect the difference to be 
greatest (3) where the difference in concentrations is greatest, because then the 
viscosities would be expected to differ most widely. In fact, by using the addi- 

TABLE 8 


Viscosities of equal volumes of different concentrations of the same salt: KC1 (BrUckner) 


* 

*1 

1 

(observed) 

(observed) 

(observed) 

4>»° 

(observed) 

$U° 

(calcu¬ 

lated) 

*4o° 

(calcu¬ 

lated) 

1 

2 

0.9363 

0.011065 

90.38 

0.009923 

100.78 

90.30 

—0.08 

100.39 

-0.39 


3 

0.9177 

0.011085 

90.21 

0.009980 

100.20 

89.78 

-0.43 

99.38 

-0.82 

2 

3 

0.8996 

0.011105 

1 

89.96 1 

i 1 

i 

0.010045 1 

99.55 

89.70 

-0.26 

99.29 

-0.26 


TABLE 9 

Viscosities of equal volumes of NaCl (m « 4) and NH 4 C1 (m * x) solutions {Bruckner) 


m 

(observed) 

*715° 

(OBSERVED) 

¥>li° 

(observed) 

nto° 

(observed) 

(observed) 

(calculated) 

^30° 

(CALCULATED) 

1.0 

0.9209 

0.013608 

73.49 

0.012152 

82.29 

77.70 

+4.20 

86.76 

+4.47 

2.0 

0.9154 

0.013609 

73.49 

0.012197 

81.98 

78.21 

+4.72 

87.36 

+5.38 

3.0 

0.9098 

0.013642 

: 

73.31 

1 

0.012246 

i 

81.66 

1 

i 

78.58 

+5.27 

87.44 

+5.78 

4.0 

0.9045 

0.013689 ! 

73.06 

0.012332 

81.09 

78.43 

+5.37 

86.99 

+5.90 

5.0 

0.8991 

0.013824 

I 72.34 

0.012487 

80.08 

i 

! 

77.59 

+5.25 

85.84 

+5.76 


TABLE 10 

Viscosities of equal volumes of NaCl (m * 0.5) and NH 4 CI {m ** 0.75) solutions 

( Bruckner) 



v 

(observed) 

Bll* 

(observed) 

(observed) 

(observed) 

(observed) 

(calculated) 

(calculated) 

0.75 

0.9845 

0.011512 

86.88 

0.010213 

97.91 

86.99 

+0.11 

98.00 

+0.09 


tive fluidity hypothesis, the deviation between the calculated and observed 
values is reduced to one-third of its former value; the calculated values are ob¬ 
tained in each case from the fluidities of the components of the mixture without 
the use of any empirical constant, and the deviations are almost equally posi¬ 
tive and negative. These results support the conclusion that the fluidities are 
additive and not the viscosities. 





TABLE 11 

Viscosities of equal volumes of solutions of NaCl (m ■» 1) and i(BaClt) (m ■* x) m 

(Br&ckner) 


* 


(observed) 

(observed) 

♦)0 # 

(observed) 

♦l(° 

(calculated) 

*S0« 

(calculated) 

. 0.0 

0.9808 

0.011826 

+71 

84.56 

95.40 

84.27 

-0.29 

95.19 

-0.21 

0.5 

0.9599 

0.012146 

+41 

82.33 

92.77 

82.14 

-0.19 

92.58 

-0.19 

1.0 

0.9393 

0.012520 

+1 

79.87 

89.89 

79.94 

+0.07 

89.92 

+0.03 

1.5 

0.9201 

0.012863 

+21 

77.74 

87.38 

77.81 

+0.07 

87.44 

+0.06 

2.0 

0.9023 

0.013249 

+53 

75.48 

84.70 

75.65 

+0.17 

84.92 

+0.22 

2.5 

0.8846 

0.013633 

+146 

| 73.35 

82.24 

73.42 

+0.07 

82.34 

+0.10 

3.0 

0.8666 

0.014128 

+241 

70.78 

79.25 

71.06 

+0.28 

79.65 

+0.40 


* Mean probable error ±0.11 per cent. 


TABLE 12 


Viscosities of equal volumes of solutions of NaCl (m — 2) and J(BaCl a ) (m ** x)* 


* 

*i»° 

(observed) 

(observed) 

♦jtf 0 

(observed) 

♦u° 

(calculated) 

*90° 

(calculated) 

0.0 

0.9617 

0.012365 

+190 

80.93 

91.22 

80.34 

-6.59 

90.74 

-0.48 

1.0 

0.9222 

0.013110 

+59 

76.28 

85.72 

76.04 

-0.24 

85.47 

-0.25 

1.5 

0.9046 

0.013475 

+57 

74.21 

83.27 

73.91 

-0.30 

82.94 

-0.33 

2.0 

0.8868 

0.013934 

+16 

71.77 

80.57 

71.74 

-0.03 

80.46 

-0.11 

2.5 

0.8695 

0.014369 

+58 

69.59 

77.91 

69.52 

-0.07 

77.88 

-0.03 

3.0 

0.8525 

0.014942 

+75 

66.92 

74.93 

67.15 

+0.23 

75.20 

+0.27 


* Mean probable error ±0.11 per cent. 


TABLE 13 


Viscosities of equal volumes of solutions of NaCl (m «* 3) and JCBaCL) (m *» x)* 


X 

Vu !» 

(observed) 

*u* 

(observed) 

(observed) 

*11* 

(calculated) 

(calculated) 

0.0 

0.9441 

0.012951 

+486 

77.21 

86.87 

76.09 

-1.12 

85.94 

-0.93 

1.0 

0.9067 

0.013798 

+263 

72.48 

81.32 

71.78 

-0.70 

80.69 

-0.63 

2.0 

0.8725 

0.014756 

+81 

67.77 

75.95 

67.49 

-0.28 

75.69 

-0.26 

3.0 

0.8395 

0.015891 

+18 

62.93 

70.42 

62.90 

-0.03 

70.42 

0.00 


* Mean probable error ±0.11 per cent. 
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TABLE 14 


Viscosities of equal volumes of NaCl (m » 1) and NH4CI (m = x) solutions {Bruckner ) 


X 

v it * 

(OBSERVED) 

(observed) 

(observed) 

. 

(observed) 

*^90° 

(observfd) 

4>u° 

(calculated) 

4»20° 

(calculated) 

0.5 

0.9768 

0.011761 

85.02 

0.010444 

95.75 

84.91 

+0.09 

95.65 

- 0.10 

1.0 

0.9731 

0.011710 

85.40 

0.010418 

95.98 i 

85.83 

+0.83 

96.00 

+ 0.02 

1.5 

0.9691 

0.011648 

85.85 

0.010396 

96.19 | 

85.99 

+0.14 

96.40 

+ 0.21 

2.0 

0.9659 

0.011593 

86.26 

0.010364 

96.49 

86.35 

+0.09 

96.60 

+ 0.11 

3.0 

0.9589 

0.011519 

86.83 

0.010329 

96.81 

86.72 

- 0.11 

96.66 

-0.15 

4.0 

0.9524 

0.011455 

87.33 

0.010313 

96.96 

86.57 

-0.76 

96.22 

-0.74 

5.0 

0.9466 

0.011430 

87.49 

0.010327 

96.83 

85.72 

-1.77 

95.08 

-1.75 


TABLE 15 

Viscosities of equal volumes of NaCl (m «■ 2) and NH 4 CI {m * x) solutions {Bruckner) 


m 

w 

(OBSERVED) 

VU ° 

(OBSERVED) 

*U° 

(observed) 

V 

(observed) 

(observed) 

(calculated) 

(calculated) 

1.0 

0.9545 

0.012228 

81.77 

0.010891 

91.82 

81.93 

+0.16 

91.54 

-0.28 

2.0 

0.9483 

0.012136 

82.40 

0.010858 

92.10 

82.44 

+0.04 

92.14 

+0.04 

3.0 

0.9420 

0.012094 

82.68 

0.010858 

92.10 

82.82 

+0.14 

92.22 

+ 0.12 

4.0 

0.9357 

0.012084 

82.85 

0.010878 

91.93 

82.66 

-0.19 

91.77 

-0.16 

5.0 

0.9299 

0.012077 

1 

82.80 

0.010923 

91.55 

81.82 

-0.98 

90.62 

-0.91 


TABLE 16 


Viscosities of equal volumes of solutions of NaCl (m « 5) and KC1 (m — x) {Bruckner) 


X 

ri6° 

vu ? 

(observed) 

*w° 

(observed) 

4*jo° 

(observed) 

4>u c 

(calculated) 

(calculated) 

0.0 

0.9441 

0.012951 

+486 

77.21 

86.87 



1.0 

0.9247 

0.012943 

+345 

77.26 

86.58 

77.28 

+ 0.02 

86.62 

+0.04 

2.0 

0.9068 

0.012110 

+254 

76.88 

85.88 

77.50 

+0.62 

86.53 

+0.65 

3.0 

0.8895 

0.012311 

+214 

76.28 

84.86 

, 

76.99 

+0.71 

85.52 

+ 0.66 

3.5 

0.8809 

0.012317 

+220 

75.93 

i 

84.39 

76.46 

+0.53 

84.86 

+0.47 



v TABLE 17 

Viscosities of equal volumes of solutions of NaCl (m ■■ 4) and KCI (m ■■ x) (Brilckner) 


X 

*u c 

(OBSERVED) 

♦u* 

(observed) 

(observed) 

♦si® 

(calculated) 

(calculated) 

0.0 

0.9266 

0.013651 

73.26 

82.32 





+985 





1.0 

0.9086 

0.013705 

72.97 

81.74 

72.93 

81.80 



+782 



-0.04 

+0.06 

1.5 

0.9003 

0.013757 

72.69 

81.27 

73.23 

81.96 



+692 



+0.54 

+0.69 

2.0 

0.8910 

0.013842 

72.25 

80.63 

73.15 

81.72 



+617 



+0.90 

+1.09 

2.5 

0.8831 

0.013906 

71.91 

80.20 

73.08 

81.34 



+563 



+1.17 

+0,71 

3.0 

0.8750 

0.0134016 

71.35 

79.58 

72.64 

80.70 



+507 



+1.29 

+1,12 

3.5 

0.8672 

0.0134115 

70.85 

78.72 

72.10 

80.04 



+475 

TABLE 18 


+1.25 

+1.32 

Viscosities of equal volumes of solutions of NaCl (m = 1 ) and KCI (m * x) ( BrCtckner ) 

X 

fl5° 

Vl ? 

(observed) 

*15° 

(observed) 

(observed) 

<J»U® 

(calculated) 

♦jO® 

(calculated) 

0.0 

0.9808 

0.011826 

84.56 

95.40 





+71 





0.5 

0.9698 

0.011768 

84.97 

95.69 

84.99 

95.66 



+33 



+0.02 

-0.03 

1.0 

0.9591 

0.011722 

85.31 

95.79 

85.42 

95.85 



+26 



+0.11 

+0.06 

1.5 

0.9491 

0.011661 

85.75 

96.07 

85.72 

96.00 



+49 



-0.03 

-0.07 

2.0 

0.9389 

0.011658 

85.78 

95.87 

85.64 

95.76 



+62 



-0.14 

-0.11 

3.0 

0.9198 

0.011659 

85.78 

95.50 

85.13 

94.75 



+125 

TABLE 19 

i 

-0.59 


Viscosities of equal volumes of solutions of NaCl (m «* 2) and KCI (m *» x ) 

( BrUckner) 

X 


(observed) 

*!»• 

(observed) 

#x>° 

(observed) 

(calculated) 

♦re¬ 

calculated) 

0.0 

0.9617 

0.012355 

80.94 

91.22 





+190 





1.0 

0.9414 

0.012289 

81.37 

91.21 

81.51 

91.40 



+107 



+0.14 

+0.19 

1.5 

0.9320 

0.012259 

81.57 

91.23 

81.82 

91.55 



+98 



+0.25 

+0.32 

2.0 

0.9224 

0.012275 

81.47 

90.99 

81.78 

91.31 



+93 



+0.31 

+0.32 

2.5 

0.9131 

0.012277 

81.45 

90.82 

81.66 

90.94 



+101 



+0.21 

+0.12 

3.0 

0.9043 

0.012334 

81.07 

90.25 

81.23 

90.30 



+98 



+0.26 

+0.05 

3.5 

0.8955 

0.012351 

80.96 

89.96 

80.70 

89.64 



+148 



—0.26 

-0.32 
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TABLE 20 

Viscosities of solutions of equal volumes of KC1 (m ® 1) and NH 4 C1 (m = a;) ( Bruckner ) 


X 

Vii° 

(observed) 

*u° 

(observed) 

»ho° 

(observed) 

(observed) 

♦u° 

(calculated) 

♦m° 

(calculated) 

1.0 

97.05 

0.011129 

+6 

89.86 

0.009930 

100.70 

90.19 

- 0.33 

100.62 

- 0.08 

1.5 

96.64 

0.011072 

+2 

90.31 

0.009896 

101.04 

90.34 

+ 0.03 

101.03 

- 0.01 

2.0 

96.34 

0.011021 

4*6 

90.73 

0.009880 

101.21 

90.70 

- 0.03 

101.22 

+ 0.01 

2.5 

95.93 

0.0110981 

+21 

91.06 

0.009857 

101.44 

90.92 

- 0.14 

101.32 

- 0.12 

3.0 

95.65 

0.0110939 

+45 

91.41 

0.009836 

101.66 

91.07 

- 0.34 

101.30 

- 0.36 

4.0 

94.99 

0.011903 

+98 

91.71 

0.009839 

101.63 

90.92 

- 0.79 

100.85 

- 0.78 

5.0 

94.34 

0.011889 

+214 

91.83 

0.009856 

101.45 

90.08 

- 1.75 

99.20 

- 2.25 


TABLE 21 

Ftficoaifr'es of solutions of equal volumes of KC1 (m « 2) and NH 4 C1 (m « x) ( Bruckner ) 


X 

-*• 

mi ® 

(observed) 

♦ u * 

(observed) 

(observed) 

* ao ° 

(observed) 

(calotlated) 

(calotlated) 

1.0 

0.9494 

0.011042 

+65 

90.56 

0.009907 

100.93 

90.03 

- 0.53 

100.53 

- 0.40 

2.0 

0.9432 

0.010983 

+16 

91.04 

0.009881 

101.20 

90.62 

- 0.42 

101.14 

- 0.06 

3.0 

0.9367 

0.010956 

-1 

91.27 

0.009889 

101.11 

91.19 

- 0.08 

101.20 

- 0.09 

4.0 

0.9309 

0.010945 

+28 

91.37 

0 . Q 09917 

100.83 

90.64 

- 0.73 

100.76 

- 0.07 

5.0 

0.9249 

0.010974 

+101 

91.12 

0.009967 

100.32 

90.30 

- 0.82 

99.62 

- 0.70 


TABLE 22 

Viscosities of solutions of equal volumes of KC1 (m * 8) and NH 4 C1 (m =» x) ( Bruckner) 


X 

w 

Vll* 

(observed) 

* u ° 

(observed) 

(observed) 

♦jo 0 

(observed) 

(calculated) 

♦ to 0 

(calculated) 

1.0 

0.9300 

0.011028 

+143 

90.68 

0.009928 

100.72 

89.52 

- 1.16 

99.52 

- 1.20 

2.0 

0.9241 

0.011006 

+57 

90.86 

0.009945 

100.55 

90.42 

- 0.44 

100.12 

- 0.43 

3.0 

0.9183 

0.011008 

+11 

90.85 

0.009976 

100.23 

90.78 

- 0.07 

100.20 

1 - 0.03 

4.0 

0.9127 

0.011039 

-2 

90.59 

0.010033 

99.67 

90.13 

- 0.46 

99.75 

+ 0.08 

4.5 

0.9097 

0.011067 

-8 

90.36 

0.010068 

99.32 

90.44 

- 0.08 

99.30 

- 0.02 

5.0 

0.9073 

0.011122 

+17 

89.91 

0.010127 

98.74 

89.79 

- 0.12 

| 98.60 
- 0.14 
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Nevertheless, the deviations which remain are often outside of the limit of 
experimental error and are worthy of consideration. Bruckner mixed solutions 
of different concentrations of the same salt and thereby eliminated the possi¬ 
bility of chemical combination between different ions, but even when fluidities 
are considered, the differences were not thereby eliminated, the deviation from 
linear being in cases several per cent, as in solutions of ammonium chloride: 
e.g., 2.5 N ammonium chloride has a fluidity of 92.06, compared with a calcu¬ 
lated value of 88.9 = (87.42 + 90.38)/2. The explanation of this is identical, 
as given by Rabinowitsch (13) and Bingham (5) independently, but that need not 
concern us here. (It is the breaking up of the water complex molecules by the 
slightly hydrated ions.) It is enough for our present purpose to state that 
ammonium chloride shows “negative curvature” or it has a curve of the D (p 
type, as does potassium chloride. Barium chloride, on the other hand, has a 
fluidity curve of the normal or N <p type. We may calculate the fluidities of 
barium chloride solutions (figure 2) by the use of the formula 

<p = 87.44 - 8.64c, at 15°C. 

<p = 99.15 - 10.38c, at 20°C. 

where c is the normality of the salt (see also table 23). 

If, therefore, a 2 N solution of barium chloride is made by mixing together 
equal volumes of 1 AT and 3 N barium chloride, we calculate a fluidity for the 
resulting 2 N solution of 78.39 instead of the 78.61 observed, which is hardly 
more than experimental error. It is quite different if we prepare a 2 N solution 
of potassium chloride by exactly the same technique, viz,, by mixing together 
equal volumes of 1 AT and 3 N solutions of potassium chloride. It is not true 
that the calculated additive fluidity of 89.5 would be observed, because it has 
long been known that potassium chloride solutions show negative curvature 
with a maximum in fluidity at about 5 N. In fact, the fluidity of a 2 AT solution 
is 90.2, which is greater than that of either component of the mixture and 0.8 
per cent greater than the calculated value. 

Attention is directed to the fact that the calculated fluidity is here less than 
the observed, yet had we selected in place of potassium chloride a substance 
like zinc chloride, which in solution shows positive curvature, the reverse would 
have been true, i.e., the deviation would probably have been positive. Bruck¬ 
ner's data enable us to propose a principle that substances which show neither 
positive nor negative curvature (figure 3) in their fluidity-concentration (N<p) 
curves should give additive fluidity (N*>) curves on being mixed with each other. 
If one compound is used which shows negative curvature, i.e., of the D <p type, 
the calculated value will be low, but if of the C<p type, the calculated fluidity 
will be high. If two mixtures of the Dtp type are mixed, the calculated fluidity 
may agree with the observed if the curves are congruent. An example of this 
sort is given in mixtures of 1 A potassium chloride solution with an equal volume 
of 1 AT ammonium chloride solution where the fluidity shows a deviation of only 
0.08 per cent. But the importance of the congruence of curves is shown by the 
fact that (1) when 1 N potassium chloride solution is mixed with an equal volume 
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MOLECULAR CONCENTRATION 

Fig. 2. Fluidities of aqueous solutions of barium chloride, sodium chloride, potassium 
chloride, and ammonium chloride at 15°C. (after Bruckner). 

TABLE 23 


Fluidity of barium chloride solutions 


NORMALITY 

C 

*i«° 

(OBSERVED) 

*u° 

(calculated) 

(observed) 

i 

V*M>° 

(calculated) 

0.0 

87.42 

87.44 

99.15 

99.15 

0.5 

83.20 

83.12 

93.94 

93.96 

1.0 

78.81 

78.80 

88.61 

88.77 

1.5 

74.55 

74.48 

83.56 

83.58 

2.0 

70.23 

70.16 

78.61 

78.39 

2.5 

65.77 

65.84 

73.45 

73.20 

3.0 

61.04 

61.52 

68.08 

68.01 
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of 5 N ammonium chloride there is obtained a rather large deviation of —2 
per cent; (2) when a 3 N potassium chloride solution is mixed with an equal 
volume of 1 N ammonium chloride, there is also a rather large deviation of 
— 1 per cent; ( 3 ) yet when a 3 N solution of potassium chloride is mixed with a 
5 N solution of ammonium chloride, the deviation sinks in this concentrated 
solution to a negligible value of —0.1 per cent. In the last case the curves are 
nearly congruent. Since barium chloride shows neither positive nor negative 



MOLECULAR CONCENTRATION 

Flo. 3. The fluidities of sodium chloride and barium chloride in equal parts by volume 
(after BrUckner). Curve 1,1 N solutions at 15°C.; curve 2,2 N solutions at 15°C.; curve 3, 
3 N solutions at 15°C.; curve 4,1 N solutions at 20°C.; curve 5,2 N solutions at 20°C. 

curvature, and sodium chloride shows only slight negative curvature, we con¬ 
clude that, according to the above principle, solutions of these two salts should 
on mixing give fluidities very close to the calculated values. 

Bruckner furnishes the data for this comparison in our tables 11, 12, and 
13 (shown also in figure 3). The divergence between the observed and calcu¬ 
lated values is about 0.2 per cent, nearly what can be expected, the data extend¬ 
ing to 3 AT. 
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Having now found examples of these types of fluidity curves, it would seem 
logical to attempt to measure this factor of polarity, or whatever it may be called, 
which causes one salt to show positive curvature and another negative. Any 
paper on the fluidity of liquids is hardly complete unless changes of volume are 
taken into consideration. We reproduce the curves of specific volumes of the 
solutions in figure 4 but postpone any discussion for the time being. 



Fig. 4. Specific volumes of solutions of barium chloride, sodium chloride, potassium 
chloride, and ammonium chloride at 15°C. (after Brtickner). 

EXPERIMENTAL 

Having suspected the value given for the ionic fluidity elevation of lead (2) 
to be incorrect, we have measured the fluidity of a 0.02 N solution of lead chloride 
at 25°C. and obtained a new elevation constant, showing that the previous 
value was seriously in error, owing to a mistake in calculation from the reliable 
data of Gruneisen (9). Our data now agree in giving to lead a negative value, 
as expected, of —28.2. That the value is now in agreement is shown as follows: 


SOLUTION 

TEMPERATURE 

FLUIDITY 

OBSERVED 

FLUIDITY 

CALCULATED 

1 N Pb(NOi)j. 

e c. 

25 

1 

89.2 

89.8 

0.5 N Pb(NO*)j. 

25 

101.3 

101.2 

0.02 N PbClj. 

25 

111.4 

111.5 



To make the conditions for deviations in mixtures of solutions as great as 
possible without going to high concentrations, it seemed desirable to use mole¬ 
cules whose molecular elevations differed as widely as possible. Lithium 
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fluoride (—27.6) and potassium iodide (7.86) have the disadvantage that lithium 
fluoride is only slightly soluble. Sodium nitrate (—6.54) and potassium nitrate 
(3.34) do not differ widely in fluidity but, according to the above discussion, 
should probably show some divergence between observed and calculated values 
at high concentrations. 

At 0.05 N concentration, lithium fluoride and potassium iodide at 25°C. 
obey the law of additive fluidities, as shown in the following table: 


VOLUME CONCENTRATION 

KI MIXTURE 

Pobad. 

Coaled. 

0 

110.7 


0.25 

111.2 

111.3 

0.50 

111.8 

111.8 

0.75 

112.1 

112.3 

1.0 

112.8 



Mixtures of 1 AT sodium and potassium chlorides give the following table of 
fluidities at 25°C.: 


VOLUME CONCENTRATION 

KC1 MIXTURE 

bolted. 

Pealed. 

0 

102.2 

102.2 

0.25 

104.4 

104.4 

0.50 

106.6 

107.4 

0.75 

109.4 

109.4 

1.0 

112.3 

112.3 


Mixtures of 1 AT sodium nitrate and potassium nitrate give the following 
fluidities: 


temperature 

volume con¬ 
centration 
KNOi 

Pobad. 

Scaled. 

°c. 




10 

0 

73.5 

73.5 


0.25 

75.2 

75.3 


0.50 

77.2 

77.1 


0.75 

79.0 

78.9 


1.0 

80.7 

80.7 

20 

0 

94.0 

94.0 


0.25 

96.4 

96.1 


0.50 

98.4 

98.2 


temperature 

VOLUME CON¬ 
CENTRATION 

KNOi 

Pobad. 

Pealed. 

°c. 




20 

0.75 

100.7 

100.3 


1.0 

102.4 

102.4 

30 

0 

117.0 

117.0 


0.25 

119.4 

119.3 


0.50 

121.4 

121.6 


0.75 

124.4 

124.0 


1.0 

126.3 

126.3 


In the chlorides and nitrates we might expect the observed fluidity to be 
slightly higher, in view of the strong negative curvature of these two potassium 
salts, but it is hardly noticeable at this concentration. Either higher concentra 
tions or increased accuracy might bring out these effects. 
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CONCLUSIONS 

1. The valuable data of Bruckner and also of Ruby and Kawai on mixtures 
of electrolytes up to a concentration of 5 N have been studied. Since these 
workers incorrectly assumed that viscosities are additive, we have calculated 
the differences between observed and calculated values on the assumption that 
fluidities are normally additive, and we have thereby reduced the differences by 
50 per cent. Although this is not more than the experimental error in many 
cases, it is noticeably more in some. We have proved that the differences re¬ 
maining are at least partly due to an effect not heretofore considered, i.e., the 
dilution of each solute during the operation of mixing. A suggestion is made 
as to a method of correcting for this. 

2. In the earlier paper on the fluidity of electrolytes (1), a positive value for 
the “ionic elevation of fluidity” of lead was given with great reservation. That 
value was obtained from the reliable data of Griineisen for lead nitrate. Using 
lead chloride, we have now determined a value which is negative, as expected. 
On recalculating the value from lead nitrate, it turns out that the data of 
Griineisen do yield a result closely in harmony with our own, making the ionic 
elevation —28.2. 

3. Fluidity data have been obtained for mixtures of normal solutions of 
sodium chloride and potassium chloride at 25°C., of normal solutions of sodium 
nitrate and potassium nitrate at 10°, 20°, and 30°C., and of 0.05 N solutions of 
lithium fluoride and potassium iodide at 25°C. Higher concentrations should 
be used for more significant results. 
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Previous communications in this series (5, 6) have described the diffraction of 
x-rays by sodium laurate, sodium palmitate, and sodium stearate at room temper¬ 
ature, and the use of these data to demonstrate the existence of several forms of 
soap at room temperature. The existence of many other phases at higher 
temperatures has already been amply proven by many techniques without, how¬ 
ever, including any extensive application of the method of x-ray diffraction. In 
some cases that method has been applied to samples cooled rapidly from higher 
temperatures, but the diffraction patterns thus obtained do not correspond to 
the phase modifications that exist at the higher temperatures. It is clearly 
necessary to carry out the diffraction experiments at the higher temperatures in 
a high-temperature camera in order to obtain information directly about the 
nature of the sample. 

The high-temperature camera used in the present investigation has already 
been described by de Bretteville (1). At first the samples were used in the form 
of powders but, after the technique of growing fine soap fibers from solution had 
been developed (5), the investigation was repeated on fiber samples, resulting in 
a gain in the amount of information obtainable. The conditions under which 
soap fibers are grown and the x-ray diffraction patterns obtained from them at 
room temperature have already been described (5). The present paper is con¬ 
cerned with the diffraction patterns obtained at temperatures from 25°C. to 
I55°C. 

Copper radiation, filtered through nickel foil, was used throughout. The 
samples w r ere prepared from the corresponding fatty acids of the greatest purity 
supplied by Kahlbaum. 


RESULTS FOR SODIUM LAURATE 

A powder photograph taken at 85°C. differs from one taken at room tempera¬ 
ture, indicating the existence of a phase change from curd to supercurd at some 
intermediate temperature. The further change to the subwaxy phase does not 
take place until 99°C. Hence powder photographs of sodium laurate were taken 
at temperatures of 65°, 70°, 75°, and 80°C. 

The identification of phase changes cannot be accomplished unambiguously 
by any one physicochemical method; each has its peculiar drawbacks which may 
render it completely ineffective for a particular transition. Thus the curd ♦=* 
supercurd transitions of sodium laurate and sodium palmitate were not reported 
by Void, as the calorimetric, dilatometric, and microscopic evidence was deemed 
insufficient (10). Nevertheless Chesley (3) observed that the x-ray powder 
diagrams of sodium palmitate at 35 P C. and at 90°C. were slightly different and 
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referred this to the very slight dilatometric inflection at (55°C. pointed out by 
Void and Void (reference 11, page 813) which they thought “might be ascribed 
to the genotypic transformation” of Thiessen and Ehrlich (8). However, the 
genotypic transformation is not a transformation of the first order, whereas 
the curd ^ supercurd is a true transition. Thiessen and Ehrlich’s descriptions 
of the so-called genotypic transformation are highly unsatisfactory. Changes 
in the x-ray powder diagram of sodium laurate (see figure 1), of the same nature 
and order of magnitude as those previously detected by Chesley for sodium 
palmitate, are observed in the present investigation. Here a closer scrutiny 
of the dilatometric data of Void, Macomber, and Void (9) reveals a small change 
in slope in the case of sodium laurate near 70°C. The x-ray method, when 
taken in conjunction with the small variations detected in the dilatometric and 
colorimetric methods and the analogy of similar behavior for the other members 
of the homologous series, contributes sufficient additional evidence to make 
probable the existence of the curd <=* supercurd transition in the cases of sodium 
palmitate and sodium laurate. It is already well established by several methods 
for sodium myristato, sodium stearate*, and sodium oleate. 

An interpretation of the change in molecular arrangement upon formation of 
supercurd would lie hazardous if based solely on powder diagrams. By means of 
the fiber diagrams, however, the second very strong short spacing in the diagram 
can be identified as originating from the 200 planes. The apparent change 
in its position in the powder diagram is due to a change in relative intensity and 
a broadening and overlapping of lines close 1 to it, while actually the 200 spacing 
remains appreciably constant between 25°(\ and 85°C. This combination of 
effects near 70°(\ is sufficient to use as evidence for a phase transition for sodium 
laurate curd supercurd. 

The fiber photograph taken at S5°(\ is show n in figure 2. As in the case of 
the room-temperature fiber photograph (5), c sin 0 is determined from the posi¬ 
tions of the innermost spots on the equator line, b from the separation of the layer 
lines, and a sin (5 from the side-spacings on the equator line. With an increase of 
the temperature from 25°(\ to 85°(\ there is a broadening of all the diffraction 
effects and a change in the relative intensities of certain spots, notably the 
short spacings on the equator. The most significant change, however, is in the 
long spacings on the equator, arising from the 00/ planes. At room temperature 
thc» value of r sin 0 obtained from several orders of the long spacings of the ^hy¬ 
drated gamma” phase is 31.8 A.; at 85°(\ the value of c sin fS is 31.1 A. The 
value of />, obtained from the separation of the layer lines, remains the same as at 
room temperature and there are not sufficiently pronounced changes in the hOl 
spacings on the equator line to indicate that any significant alteration has taken 
place in the a sin ft dimension of the unit cell. It is true that marked changes in 
intensity and line breadth are visible in the //()/ lines, but numerical comparison 
shows the spacings to be but little altered. 

The fiber diagram made at 85°(\ describes the supercurd phase of sodium 
laurate. In addition, fiber diagrams were recorded at 112°C. (subwaxy phase) 
and at 153°C. (w r axy phase). Those photographs are shown in figure 2. The 
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Fig. 2. Fiber diagrams of sodium Iaurate at higher temperatures (a) K5 c O ; lb) 112°C ; (c> 153 C C Radius of 
camera = 57 3 mm. 
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parameters of the unit cell are calculated as previously described, and in each case 
confirmed by the agreement between the observed and calculated values of the 
spacings for the 013 and 300 planes, whose indices are fixed independently by 
their positions on the fil)er photograph. 

As the temperature is raised the value of the long spacing, c sin ft, does not 
decrease below the value of 31.1 A., found at 85°C. for the supercurd phase. The 
diffuseness of the diffraction effects becomes more and more pronounced with 
increasing temperature, although even at 153°C. the waxy phase still preserves a 
fibrous crystalline nature to an unmistakable extent. The sub waxy and waxy 
phases are therefore not liquid crystalline, although the subneat and neat phases 
are definitely anisotropic liquids. 

The parameters of the unit cells obtained at different temperatures are tabu¬ 
lated in table 1. 

The significance of file changes in the a sin ft parameter is mitigated by the 
diffuseness of the /?()/ spots in the subwaxv and waxy phases and the consequent 
uncertainty in the position of the 200 spacing. 

TABLE 1 

Unit-cell 'parameters for fibrous phases of sodium laurate 
phase I temperature a sin 0 b c sin 0 

°C A. A. A. 

25 7 94 5.34 31 8 

85 7.93 5.34 31.1 

112 777 5.34 31.1 

153 7.81 5 34 31.2 

RESULTS FOR SODIUM PALMITATE 

Fiber photographs of sodium palmitate were made at 85°C\ (supercurd phase), 
120°(\ (subwaxy phase), and 155°(\ (waxy phase). Those photographs are 
shown in figure 3. In the case of sodium palmitate, when the temperature is 
raised the fibrillar nature of the sample becomes markedly loss pronounced than 
for a corresponding temperature change in the case of sodium laurate, probably 
owing to the longer carbon chain of the former compound. Even here, however, 
the waxy phase maintains a definite crystallinity. 

Parameters for the unit cells at the different temperatures are obtained as 
previously described. As the temperature increases, the value of the 200 spacing 
becomes more difficult to ascertain, because of increasing diffuseness and intensity 
variations in the kOl spacings. This is a parallel phenomenon to that observed for 
sodium laurate, but is more pronounced for the palmitate. Consequently values 
for a sin ft for the subwaxy arid waxy phases are placed in brackets in table 2. The 
gamma or “hydrated gamma” room-temperature form of sodium palmitate has 
not been reported and so cannot be included for comparison. However, sodium 
palmitate supercurd does not resemble a gamma curd phase in its x-ray diffrac¬ 
tion pattern, which also seems distinctly different from a beta curd phase. 


Hydrated gamma curd 

Supercurd 

Subwaxy 

Waxy 






Fig. 3. Fiber diagrams of sodium palmitate at higher tempeiatures (a> So°C ; (b) 12U°C ; (c) 155°C. 
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For purposes of comparison and identification the observed spacings and 
intensities for the high-temperature forms of sodium laurate and palmitate are 
reported graphically in figure 4. 


TABLE 2 

Unit-cell parameters for fibrous phases of sodium palmitate 


PHASE 

TEMPERATURE 

a sin $ 

b 

c sin 0 


°c. 

A. 

A. 

A. 

Supercurd. 

85 

7.76 

5.34 

42.8 

Subwaxy . 

120 

(7.6) 

5.34 

40.2 

Waxy. 

155 

(7.4) 

5.41 

38.8 

155 *C 

i i 

1 1 

i . 


12 0*C 

i 

1 , 1 

SODIUM 

PALMITATE 

as-C. , , 

. il i li . 

Mil. 




I53°C. 
I I5*C. 
85-C. 


I I I 

I l I 

i i l 


I I I I I 

..ill 

.III I 


SODIUM LAURATE 


I I I I I I I I- I 1-1 I . .-J I I 

1.8 22 26 30 3 4 38 4.2 4.6 SjO 


Fig. 4. Chart of the x-ray fiber photographs of sodium palmitate and sodium laurate at 
different temperatures. The x-ray sparing (in Angstrom units) is given on the horizontal 
scale. Relative intensities, estimated visually, are proportional to the heights of the lines 
used to indicate the values of the spacings. 


DISCUSSION 

There are two general phenomena to be observed in the x-ray diffraction photo¬ 
graphs of sodium laurate and sodium palmitate when the temperature is raised. 
First, the value of c sin is observed to decrease. This same phenomenon has 
also been observed by Alex, de Bretteville, Jr., (2) in the case of sodium stearate, 
where it became much more pronounced for super waxy, subneat, and neat soap. 
The readiest explanation of this effect would appear to be a diminution in the 
value of the monoclinic angle, 0, as the temperature is raised, due to an increase 
in the tilt of the long molecules towards the basal plane. 

The second noteworthy general phenomenon is the increasing uncertainty of 
the position of the 200 spacing as the temperature rises. A similar effect has been 
noticed by Thiessen and Ehrlich (8). In marked contrast to this effect is the fact 
that the b parameter maintains its clearly defined and constant value throughout 
the entire temperature range of the present investigation. The “crystal forces” 
that hold the molecules together along the b direction, which also corresponds to 
the fiber axis and which corresponds to the thickness of the parallel paraffin 
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chains, are therefore shown to be far more prominent than the forces acting at 
right angles to them, namely, along the a direction or in the plane of the zigzags 
of the hydrocarbon chains. This is, no doubt, the explanation for the strong 
tendency towards fibrillation shown by the soaps and the fatty acids and the fact 
that the whole process of fiber formation may take place in only a few moments. 
The oriented nature of the samples of sodium laurate photographed by the elec¬ 
tron microscope (4) has already been pointed out (7) and is another example of 
the strong directive influence of these forces. 

SUMMARY 

1. Fiber photographs of the supercurd, subwaxy, and waxy crystalline phases 
of sodium laurate and sodium palmitate are described; each is the most stable 
phase over a definite region of temperature. 

2. The existence of the transition curd ^ supercurd at about 70°(\ for sodium 
laurate is indicated, conforming to its occurrence already established for the 
mvristate, palmitate, stearate, and oleate. 
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It has long been known that the quantitative separation of cadmium and 
mercury by procedures which depend upon the different solubilities of their 
sulfides is in many cases impossible (3, 4, 5, 6). Because of the near equality 
in atomic radii of the two metals, it is to be expected that substitutional solid 
solutions should easily be formed. The investigations of Bottger and Druschke 
(3) and of Ahrens (1) point strongly to the occurrence of solid solutions in the 
zinc blende structure as the explanation of the induced precipitation of cadmium 
sulfide by mercuric sulfide and the failure of boiling dilute nitric acid to extract 
all the cadmium from a mixed precipitate of these sulfides. Since both sulfides 
are polymorphous, solid solutions might be expected to exist in any one of the 
crystal structures exhibited by the pure components. It therefore appeared of 
interest to us to study the structures of the phases obtained by coprecipitation 
of the two sulfides under a variety of conditions, and to compare them with the 
structures formed by the separate precipitation of each substance under the 
given conditions. During the course of the investigation, observations were 
made bearing on the polymorphism of both sulfides. 

CADMIUM SULFIDE 

Cadmium sulfide is dimorphous (8), crystallizing in a hexagonal form (wurtzite 
structure) and also in a cubic form (zinc blende structure). Milligan (7) has 
reported some of the conditions under which each modification is precipitated 
by hydrogen sulfide from neutral or acid solutions of various cadmium salts. 

No data on the stability relations of the two modifications have been hereto¬ 
fore available. By direct observation of the transition 

cubic cadmium sulfide —> hexagonal cadmium sulfide 

we have demonstrated that the latter form is the stable modification between 
25° and 900°C. For these experiments, cubic cadmium sulfide was prepared 
from the sulfate and hexagonal cadmium sulfide from the chloride by the pro¬ 
cedure of Milligan (7). In one experiment a sample of the cubic phase was 
covered with a very concentrated solution of ammonium sulfide and allowed to 
stand at room temperature. After 2 days, a Debye-Scherrer picture of the 
product showed it to be hexagonal cadmium sulfide. In a second experiment 
partial conversion of a sample of cubic cadmium sulfide to the hexagonal form 

1 Contribution No. 96 from the Research Laboratory of Inorganic Chemistry, Massa¬ 
chusetts Institute of Technology. 
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(as shown by a powder photograph) was effected by contact with 0.3 N nitric 
acid at 100°C. in a sealed tube for one week. Conversion of cubic cadmium 
sulfide to hexagonal, without the aid of solvents, was effected by heating for 
one week at 500°C., or for several minutes at 700° or 900°C., followed by rapid 
cooling to room temperature. With the hexagonal phase as starting material, 
no change was observed in experiments paralleling all the above. 

MERCURIC SULFIDE 

Three forms of mercuric sulfide are known (2): red cinnabar (hexagonal), 
black metacinnabar (cubic, zinc blende type), and red ^'-mercuric sulfide. The 
consideration of the last-named form as a separate modification of mercuric 
sulfide is questionable, for, although its specific gravity is about 7.2 compared 
with 8.2 for cinnabar, the Debye-Seherrer patterns of both forms are identical. 

It is common knowledge that the precipitation of mercuric sulfide from aqueous 
solution almost invariably gives rise to metacinnabar as the first product. (The 
formation of /^'-mercuric sulfide by the reaction of mercuric ion with thiosulfate 
ion is the only exception known to us (2).) It is likewise known that, in the 
presence of solvents, transformation to the more stable, cinnabar modification 
takes place with a speed dependent upon the temperature and the nature of the 
solvent. Ammonium sulfide solutions are exceptionally effective in promoting 
this transformation. We have found that ammonium sulfide solutions of high 
enough concentration effect the conversion in several minutes even at room 
temperature. 

We have obtained some unusual samples of mercury sulfide by sublimation 
techniques. The vacuum sublimation of cinnabar onto a glass surface cooled 
with a mixture of dry ice and alcohol gave rise to a black deposit which did not 
turn red on grinding and the powder photograph of which checked that of 
cinnabar line for line. On the other hand, sublimation in a stream of carbon 
dioxide with no provision for cooling the receiving surface produced a black 
sublimate which proved to be metacinnabar. 

BEHAVIOR OF CADMIUM SULFIDE-MERCURIC SULFIDE MIXTURES IN THE PRESENCE 
OF AMMONIUM SULFIDE SOLUTION 

Mixtures of cinnabar and hexagonal cadmium sulfide containing 33 and 20 
mole per cent of cadmium, respectively, and mixtures of cinnabar and cubic 
cadmium sulfide containing 20 and 75 mole per cent of cadmium, respectively, 
were allowed to stand at room temperature in contact with a concentrated am¬ 
monium sulfide solution. This solution had been prepared by saturating cooled 
concentrated ammonium hydroxide with hydrogen sulfide until crystals began 
to deposit. In every case visible blackening of the originally red-yellow mixtures 
occurred within 20 to 30 min., the amount of black material increasing with time. 
The “reaction,” however, never went to completion, observable quantities of 
unchanged cinnabar persisting even after 2 to 3 weeks. 

After filtration and washing of the reaction products, they were subjected to 
the successive solvent actions of a large excess of cold and hot sodium sulfide and 
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hydrochloric acid solutions, several times the amounts required to dissolve all 
the mercuric sulfide and cadmium sulfide used in each experiment. The residues 
from this treatment were black, and were found upon analysis to contain both 
cadmium and mercury, the cadmium sulfide content ranging from 26 to 51 mole 
per cent, depending largely on the number of the leachings and the order in which 
they were performed. 

X-ray examination of the leached products showed that all but one of them 
was of the wurtzite (hexagonal cadmium sulfide) structure. This exception, 
resulting from the 20 mole per cent cubic cadmium sulfide sample, showed lines 
of the zinc blende (cubic) structure in addition to the wurtzite-type structure. 

Products similar to ours were apparently obtained by Ahrens (1) by heating 
mixtures of metacinnabar or cinnabar with cadmium sulfide (in the dry state) 
to temperatures of 250-500°C., but he did not examine the phases so obtained 
by diffraction methods. 

Our experiments thus indicate that solid solutions of mercuric sulfide and 
cadmium sulfide can be formed in the wurtzite-type structure as well as in the 
zinc blende-type structure. Such solid solution does not appear to take place 
readily in the cinnabar structure. 


THE COPRECIPITATION AND AGING OF CADMIUM SULFIDE AND MERCURIC SULFIDE 
IN CONCENTRATED AMMONIUM SULFIDE SOLUTION 

The coprecipitation of cadmium sulfide and mercuric sulfide by concentrated 
ammonium sulfide solution is of especial interest in that excess of the precipitant 
is capable of converting the unstable forms of the pure sulfides to their respective 
stable forms. 

10-cc. mixtures of cadmium nitrate and mercuric nitrate (of a total metal-ion 

(Cd) 

molality = 1) were made up with ratios of from 0 to 1 in steps of 

0.1. To these were added rapidly 30-cc. portions of concentrated ammonium 
sulfide solution prepared by saturating concentrated ammonium hydroxide with 
hydrogen sulfide at room temperature. The flasks were immediately stoppered, 
vigorously shaken, and stored at room temperatures. The initial precipitates 
were very gelatinous and bulky, and ranged in color from black at the high 
mercury end of the series to canary yellow in the sample of pure cadmium sulfide. 

Within 2 days 2 the cadmium-free sample of mercuric sulfide was found to be 
completely converted to red cinnabar. In contrast to this, the precipitates con¬ 
taining 10, 20, 30, and 40 mole per cent of cadmium sulfide remained jet black 
in color for as long as one month, after which time all samples were filtered, 
washed, and air dried. The color of the 50, 60, 70, 80, and 90 mole per cent 


*The slower rate of conversion of metacinnabar to cinnabar and of cubic cadmium 
sulfide to hexagonal cadmium sulfide observed in these experiments compared to the rates 
previously reported was apparently due to the lower ammonium sulfide concentration 
which prevailed, owing partly to the omission of cooling during the saturation of the am¬ 
monium hydroxide with hydrogen sulfide, and partly to the unavoidable dilution of the 
ammonium sulfide on mixing with the mercuric nitrate-cadmium nitrate solutions. 
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cadmium sulfide samples ranged from brownish black to brown, while the pure 
cadmium sulfide sample was still bright yellow. 

Portions of the mixed cadmium sulfide-mercuric sulfide precipitates, on suc¬ 
cessive treatment with hydrochloric acid and sodium sulfide solutions, behaved 
just like the phases prepared by direct reaction of cadmium sulfide and mercuric 
sulfide. 

X-ray studies of the unleached precipitates showed only lines of a cubic (zinc 
blende-type) phase from the 10, 20, and 30 mole per cent cadmium sulfide sam¬ 
ples. At 40 mole per cent of cadmium sulfide, lines of the hexagonal cadmium 
sulfide (wurtzite-type) structure began to appear in the powder photograph, 
becoming more and more pronounced w r ith increasing cadmium sulfide content. 
Even in the pure cadmium sulfide sample, however, lines of cubic cadmium sulfide 
were still quite prominent. 2 

The ammonium sulfide filtrates from the mercuric sulfide-cadmium sulfide 
precipitates were placed in contact with pure metacinnabar. Conversion to 
cinnabar was effected in all cases within a few days. This demonstrated that 
the failure of the mercury-rich samples to convert to cinnabar was due to their 
cadmium content, and not to any inability of the ammonium sulfide to effect 
conversion. 

Precision x-ray studies were made of the unleached 10, 20, and 30 mole per 
cent cadmium sulfide samples, using a symmetrical focussing back-reflection 
camera with CuK unfiltered radiation. The 422 and 333 reflections of silver 
were used as calibration standards with which the 642 and 711 reflections of the 
sulfide crystals were compared. Good pictures could not be obtained of the 40 
and higher mole per cent cadmium sulfide samples with the symmetrical focussing 
camera; moreover, these phases contained increasing amounts of the hexagonal 
cadmium sulfide structure. For these reasons the precise measurement of 
lattice constants was confined to the phases of 30 mole per cent cadmium sulfide 
or lower in gross composition. The lattice constant of pure metacinnabar, pre¬ 
pared by sublimation, was likewise determined by use of the symmetrical focus¬ 
sing camera. It was not found possible to obtain a picture of cubic cadmium 
sulfide in this manner; hence its lattice constant was determined from an un- 
symmetrical Debye-Scherrer photograph. The results are shown in table 1. 

A plot of the first four points of table 1 gives a straight line the extrapolation 
of which to 100 mole per cent cadmium sulfide yields the value a<> = 5.823 db 
0.003 A., in good agreement with our measured value. It is of course possible 
that the cadmium sulfide content of the cubic phase differed somewhat from the 
gross composition of the samples as given in table 1, since some of the cadmium 
could have been in the hexagonal phase which was not detectable until the higher 
cadmium-bearing samples were reached. Nevertheless, the change of lattice 
constant with composition is in itself additional evidence beyond that hitherto 
available that solid solution has taken place between cadmium sulfide and mer¬ 
curic sulfide in the cubic structure common to both pure substances. 

The remarkable effect of cadmium in preventing the conversion of the cubic 
mercuric sulfide to cinnabar by ammonium sulfide raised the question as to the 
minimum amount of cadmium required in solid solution to produce any marked 
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effect on this transition. To investigate this point, more cadmium nitrate- 

mercuric nitrate mixtures were prepared with the ratios - u f 0.0,0.0001, 

(Cd + Hg) ’ 

0.0005, 0.001; 0.001 to 0.01 in steps of 0.001; and 0.01 to 0.1 in steps of 0.01, 
and treated with ammonium sulfide solution as before. It quickly became ap¬ 
parent that the presence of even small quantities of cadmium materially lowered 
the rate of conversion of the initially precipitated cubic phase to the cinnabar 
structure. As little as 0.01 mole per cent of cadmium sulfide in the precipitate 
decreased the rate of conversion sufficiently so that 3 days were required for 
complete conversion to the red form as against 2 days required by a pure mercuric 
sulfide precipitate. This rate of conversion was a function of the cadmium 
sulfide concentration in the precipitate, longer times being required for conversion 
of samples with increasing cadmium sulfide contents. For example, a sample 
containing 0.21 mole per cent of cadmium sulfide required about 2 weeks for 
“complete” conversion 3 ; with 1.02 mole per cent cadmium sulfide, a sample 
remained black even after 5 weeks, and a 2.01 mole per cent cadmium sulfide sam- 

TABLE 1 


Lattice constants of cubic cadmium sulfide-mercuric sulfide phases 


CADMIUM SULFIDE 

ao 

mole per cent 

A . 

0.00 

5.8410 ± 0.0003 

10.3 

5.8390 ± 0.0003 

20.4 

5.8373 d= 0.0005 

30.6 

5.8356 0.0008 

100. 

5.825 =fc 0.005 


pie showed only a veiy small quantity of red material after aging in the am¬ 
monium sulfide solution for two months. The sample containing 2.99 mole per 
cent cadmium sulfide represented the highest cadmium sulfide content at which 
any red material was discernible in the sample after the maximum aging time 
investigated, 10 weeks. After this time the precipitates were filtered, washed, 
and dried. 

Debye-Scherrer photographs showed only cinnabar lines in the samples of 
very low cadmium sulfide content. As the cadmium sulfide content increased 
to 0.51 mole per cent, lines of the metacinnabar phase also appeared, becoming 
predominant in the neighborhood of 1 mole per cent cadmium sulfide; lines of 
metacinnabar appeared exclusively in compositions above 2.0 mole per cent 
cadmium sulfide. The behavior of these cubic phases with low cadmium sulfide 
content under prolonged treatment with sodium sulfide and hydrochloric acid 

* With these cadmium sulfide-bearing samples there was, of course, never complete 
conversion to the cinnabar structure. On treatment of each sample with sodium sulfide 
solution, the red cinnabar was completely dissolved, leaving a small black residue which 
gave a metacinnabar x-ray powder pattern. Since the amounts of the residue increased 
with increasing cadmium content of the original sample, the residues were apparently 
(Cd, Hg)S solid solutions containing essentially all the cadmium originally put in. 
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paralleled that of the earlier preparations with cadmium sulfide contents of 10 
mole per cent and higher. However, the former samples exhibited greater solu¬ 
bility in the sodium sulfide solution. 

A solid solution of cadmium sulfide and mercuric sulfide in the zinc blende-type 
structure containing sufficient cadmium represents a system of lower free energy 
than a mixture of the stable phases of the pure components in the same propor¬ 
tions. Apparently, the minimum amount of cadmium sulfide required in solid 
solution for this condition to be attained is of the order of 3 mole per cent. 


COPRECIPITATION OF CADMIUM SULFIDE AND MERCURIC SULFIDE IN ACID SOLUTION 


Cubic cadmium sulfide is precipitated by hydrogen sulfide from a 0.1 N 
cadmium nitrate solution, 0.3 N in nitric acid, at 100°C. (7). Under these con¬ 
ditions cubic mercuric sulfide is likewise precipitated. 100-ml. portions of 
cadmium nitrate and mercuric nitrate solutions fS(Cd+ 4 ) + (Hg^ 4 *) = 0.1 .V] 
(Cd) 

with 77 ^—r~VTT ratios of 0.25, 0.5, and 0.75, were made 0.3 N in nitric acid 
(Cd + Hg) j 

and were precipitated at 100°C. by means of hydrogen sulfide. After aging for 
one day at room temperature, the precipitates were filtered, washed and dried. 

The behavior of the precipitates toward sodium sulfide and hydrochloric acid 
was the same as that described repeatedly above. Debye-Scherrer photographs 
showed all the leached precipitates to have the metacinnabar (zinc blende) 
structure. 

Hexagonal cadmium sulfide is precipitated by hydrogen sulfide at 25°C. from 
a 0.1 AT cadmium chloride solution containing added hydrochloric acid, and 
metacinnabar is produced under analogous conditions using mercuric chloride. 
Mixtures of cadmium sulfide and mercuric sulfide were coprecipitated at 25°C. 
from 100-ml. portions of the mixed 0.1 N chloride solutions with the ratios 
(Cd) 

(Cd + Hg)~ to 0.9 in steps of 0.1. After aging for 3 days at room tem¬ 


perature, the precipitates were filtered, washed, and dried. The sodium sulfide- 
hydrochloric acid leaching process gave results similar to those already reported. 
Powder photographs of the leached samples showed that the lower cadmium con¬ 
tent samples were cubic, traces of the hexagonal cadmium sulfide pattern making 
their appearance at about 60 to 70 mole per cent cadmium sulfide, the ratio of 
cubic/hexagonal decreasing rapidly in the remaining samples. The 90 mole 
per cent cadmium sulfide sample, both before and after leaching, contained a 
small but perceptible quantity of the cubic phase. 


SUMMARY 

1. The formation of cadmium sulfide-mercuric sulfide solid solutions has 
been observed to take place at room temperature by direct reaction of the stable 
or unstable forms of the pure sulfides in contact with highly concentrated am¬ 
monium sulfide solution. These solid solutions have been found to exist in both 
the zinc blende and the wurtzite structures. No indication of solid solution in 
the cinnabar structure has been observed. 

2. The variation of lattice constant with composition has been presented as 
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additional evidence for the existence of substitutional (Cd, Hg)S solid solutions 
in the zinc blende-type structure. 

3. It has been shown that very small amounts of cadmium in solid solution 
retard, and somewhat larger amounts (a minimum of 3 mole per cent) prevent 
entirely, the conversion of metacinnabar to cinnabar by ammonium sulfide 
solution. 

4. By coprecipitation of cadmium sulfide and mercuric sulfide from acid solu¬ 
tions only solid solutions in the zinc blende type of structure were obtained 
from nitrate solutions, while wurtzite-type solid solutions were also obtained 
from solutions of the chlorides. 

5. The hexagonal form of cadmium sulfide has been shown to be the stable 
modification from room temperature up to 900°C. 

6. A black variety of mercuric sulfide has been prepared which has the struc¬ 
ture of cinnabar. 
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The identification of the mineral constituents of hydrogen clays is of consider¬ 
able interest, and several physical methods, e.g., x-ray, optical, and thermal anal¬ 
yses, have been used for this purpose. It has been shown in a number of publica¬ 
tions from this laboratory (2, 3, 4, 5, 6, 7, 8, 9) dealing with the acid character of 
hydrogen clays that valuable information may be obtained from t^eir titration 
curves, buffer capacities, and base-exchange capacities estimated under different 

1 This work was carried out under a scheme of research financed by the Imperial Council 
of Agricultural Research, India. 
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Fic. 1. Dehydration curves of kaolinite and two hydrogen clays (L and N). □, kaolinite; 
D, hydrogen clay L; A, hydrogen clay N. 



Fro. 2. Titration curves of hydrogen kaolinite. A, sodium hydroxide; O, barium 
hydroxide; 0, calcium hydroxide. 
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conditions. A comparison of these electrochemical properties of hydrogen clays 
isolated from soils with those of hydrogen clays isolated from geological deposits 
of clay minerals has been found to be very helpful in identifying and differentiat¬ 
ing clays. This note deals with the titration curves and other electrochemical 
features of the mineral kaolinite 2 and of hydrogen clays prepared from the entire 
clay fraction of two lateritic soils which gave dehydration curves (see figure 1) 
showing features characteristic of kaolinitic minerals (1). The “adsorbed 
water” indicated by the initial flat portion of the curve forms a comparatively 
small percentage of the total water. The fact that the dehydration curves of the 
two hydrogen clays are not exactly similar to that of the kaolinite (figure l) may 
be due to several factors: e.g., large differences in the average size of the particles 
(1) and the presence of small quantities of minerals other than those of the 
kaolin group. 

The titration curves of the hydrogen kaolinite 3 given in figure 2 have a weak 
dibasic acid character. No further inflection point in the titration curve was ob- 

TABLE 1 

Base-exchange capacities calculated from titration curves 


B.E.C. IN M.E. PER 100 G. OF OVEN-DRIED HYDROGEN KAOLINITE 


BASE USED 

| At first inflection 
j point 

At second inflection 
point 

At pH 7.0 

NaOH. 

I 13.0 (8.0)* 

23.0 (9 0) 

5.05 

Ba(OH) 2 . 

. 1 12.0 (7.55) 

22.0 (8.7) 

9.00 

Ca(OH) 2 . 

. 15.5(7.70) 

28.0 (9 04) 

11.00 


* The figures in brackets denote the pH at the inflection point. 


served on titrating with sodium hydroxide up to pH 11.5. The dissociation con¬ 
stants 4 , K\ and K 2 , corresponding to the two stages of neutralization in the 
titration curves are of the order of 10~ 7 and 10~ 8 , respectively. Ki is thus roughly 
ten times K 2 . 

The base-exchange capacities (b.e.c.) calculated from the titration curves are 
shown in table 1. It will be seen that different bases do not give the same b.e.c., 
but with any given base the ratio of the b.e.c.’s at the second and first inflection 
points is approximately 2, as would be observed with a weak dibasic acid in true 
solution. Calculated at a fixed pH, e.g., pH 7.0, the b.e.c. is in the order 

Ca(OH) 2 > Ba(OH) 2 > NaOH 

2 The sample was kindly supplied by the Natural Science Company, Calcutta, and was 
obtained from Singbhum, Bengal. The ignited mineral has the following composition: 
SiOa, 53.9 per cent; AhOs, 45.5 per cent; FesOs, 0.5 per cent. 

8 The hydrogen kaolinite w as prepared by repeatedly leaching with 0.02 N hydrochloric 
acid the entire clay fraction separated from a 2 per cent suspension of the air-dried mineral. 

4 The “dissociation constants’’ of colloidal acid systems, including hydrogen clays, have 
usually a limited significance. These limitations have been discussed by Mukherjee, 
Mitra, and Mukherjee (9) and Mitra (2, 3, 4). 
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in agreement with the irregular or specific cation effect previously observed by 
us with hydrogen clays (3-9). Calculated at the first or second inflection point, 
however, the b.e.c. follows the order 

Ca(OH), > NaOH > Ba(OH), 

The smaller b.e.c. observed with barium hydroxide as compared with sodium 
hydroxide is to be attributed to the fact that the inflection point in the titration 
curve with barium hydroxide occurs at a lower pH than that with sodium hy¬ 
droxide. The pH effect thus masks the cation effect. 


TABLE 2 


Chemical composition of hydrogen clays L and N and of their derivatives L d and Nd 


CHEMICAL COMPOSITION ON THE IGNITED BASIS 


BEFE1ENCE LETTEB OF HYDBOGSN CLAY 



SiOs 

AltOi 

FeiOi 


per cent 

per cent 

per cent 

L. 

51.2 

36.0 

12.0 

L„. 

57.5 

38.0 

5.7 

N. 

42.6 

3.7 

54.2 

Nd. 

61.0 

34.3 

4.6 


TABLE 3 

Base-exchange capacities of hydrogen clays L and N and of their derivatives Ld and Nd 


| B.E.C. IN M.E. PE* 100 O. AT INFLECTION POINT OF TITBATION CUBVE WITH 
BEFEBENCE LETTEB OF HYDBOGEN CLAY _ 



NaOH 

Ba(OH)* 

| Ca(OH)* 

L. 

16.3 

(8.2) 

17.5 

(7.1) 

19.0 

(6.8) 

L ‘.{ 

4.0 

(7.1) 

5.0 

(7.16) 

5.5 

(7.0) 

24.5 

(9.5) 

23.5 

(9.0) 

25.0 

(9.06) 

N. 

18.8 

(7.5) 

19.0 

(7.0) 

20.5 

(6.5) 

Nd. 

26.5 

(9.5) 

28.4 

(9.5) 

27.0 

(8.6) 


The chemical compositions, base-exchange capacities, and titration curves of 
hydrogen clays L and N (obtained, respectively, from the entire clay fractions 
of a red lateritic soil from Dacca and a Bhata red laterite soil) and of the deriva¬ 
tives La and N d obtained from L and N after removal of their free inorganic oxides 
by the method of Truog et al. (10) are given in tables 2 and 3. The titration 
curves are shown in figures 3, 4, and 5, with the exception of those of N, which 
have been omitted as they resemble the titration curves of L. 

The titration curves of L and N with sodium hydroxide resemble that of a weak 
monobasic acid. Their titration curves with barium hydroxide and calcium 
hydroxide, on the other hand, reveal a strong or moderately strong monobasic 
acid character. These features have been observed with the majority of hydrogen 
clays studied by us (3, 4, 7,8, 9). ■ 

The derivative La of hydrogen clay L behaves as a weak dibasic acid, like the' 
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M.E. BASE PER IOO G L 

Fio. 3. Titration curves of hydrogen elay L. A, sodium hydroxide; O, barium hy¬ 
droxide; □ , calcium hydroxide. 



M.E. BASE PER 100 G L d 

Fig. 4. Titration curves of hydrogen clay Ld. A, sodium hydroxide; O, barium hy¬ 
droxide; □ , calcium hydroxide* 
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hydrogen kaolinite. Its b.e.c. at the second Inflection point has nearly the 
same value (about 25 milliequivalents per 100 g.) as the hydrogen kaolinite and 
occurs at approximately the same pH (near about 9.0). The b.e.c. at the first 
inflection point of Ld, however, has a definitely lower value compared with the 
hydrogen kaolinite and it occurs at a lower pH. 

The chemical composition of Ld approaches that of the hydrogen kaolinite. 
The chemical, electrochemical, and dehydration data thus all indicate that 
kaolinite is the dominant mineral constituent of the clay fraction of the Dacca 



‘ M.E. BASE PER IOO G. N d 

Fig. 5. Titration curves of hydrogen clay Nd. A, sodium hydroxide; O, barium hy 
droxide; □, calcium hydroxide. 

lateritic soil. Free inorganic oxides contained in L presumably mask the electro¬ 
chemical features characteristic of kaolinite. In the derivative Ld these char¬ 
acteristic features are more clearly noticed. 

The titration curves of Nd with all three bases reveal a weak monobasic acid 
character. The only inflection point occurs in the same range of pH (8.5 to 9.5) 
as the second inflection in the titration curve of the hydrogen kaolinite. Also, 
the b.e.c. of Nd, calculated from the only inflection point in its titration curve, 
has approximately the same value (about 25.0 milliequivalents per 100 g.) as the 
b.e.c. of the hydrogen kaolinite given by its second inflection point. The chemi¬ 
cal composition of Nd, however, is materially different from that of kaolinite. 
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The chemical and electrochemical evidence obtained with N and Nd can be 
reconciled with the dehydration data if it is assumed that: (a) hydrogen clay N 
contains kaolinite or more probably some other mineral of the kaolin group 
mixed with some free oxides which have not b$en completely removed by the 
treatment used and which are, therefore, not altogether absent in Nd; and/or 
(6) in addition to a large percentage of a kaolinitic mineral, N and Nd contain one 
or more clay minerals belonging to some other group. 

REFERENCES 

(1) Kelley, W. P., et al.: Soil Sci. 41, 259 (1936). 

(2) Mitra, R. P.: Indian J. Agr. Sci. 6 , 555 (1936). 

(3) Mitea, R. P.: Indian J. Agr. Sci. 10, 317 (1940). 

(4) Mitea, R. P.: Indian Soc. Soil Sci., Bulletin No. 4, 41 (1942). 

(5) Mitea, R. P., and Mitea, A. K.: Indian J. Agr. Sci. 10, 344 (1940). 

(6) Mitea, R. P., Mukherjee, S. K., and Bagchi, S. N.: Indian J. Agr. Sci. 10, 303 (1940). 

(7) Mukherjee, J. N.: Indian Sot;. Soil Sci., Bulletin No. 4, 7 (1942). 

(8) Mukherjee, J. N., Mitra, R. P., Chatterjee, B., and Mukherjee, S. K.: Indian 

J. Agr. Sci. 12, 86 (1942). 

(9) Mukherjee, J. N., Mitra, It. P., and Mukherjee, S.: Trans. Natl. Inst. Sci. India 

1, 227 (1937). 

(10) Truog, E., et al.: Soil Sci. Soc. Am. Proc. 1, 101 (1936). 


THE ELECTROCHEMICAL PROPERTIES OF CLAY MINERALS AND 
THE DIFFERENTIATION OF HYDROGEN CLAYS AND HYDROGEN 
BENTONITES BY ELECTROCHEMICAL METHODS. II 

Montmorillonitic Clays and Bentonites 1 

R. P. MITRA, S. N. BAGCHI, and S. P. RAY 

Physical Chemistry Laboratory , University College of Science and Technology , 

Calcutta , India 

Received September 11,1942 

The previous paper 2 dealt with kaolinite and kaolinitic hydrogen clays isolated 
from two lateritic soils. In this paper the titration curves and other features of 
one hydrogen clay, Padegaon-B, and two hydrogen bentonites, Hati-Ki-Dhani-B 
and Bhadres-B, which gave dehydration curves similar to that of montmoril¬ 
lonitic clay minerals, have been presented. The hydrogen clay and the two 
hydrogen bentonites were prepared, respectively, from the entire clay fraction of 
a neutral calcareous soil from Padegaon (Bombay), a bentonite from Hati-Ki- 
Dhani, and another bentonite from Bhadres. 

Unlike the dehydration curves (given in figure 1), which have more or less the 

1 This work was carried out under a scheme of research financed by the Imperial Council 
of Agricultural Research, India, and directed by Professor J. N. Mukherjee. 

2 See J. N. Mukherjee, R. P. Mitra, and D. K. Mitra: J. Phys. Chem. 47 , 543 (1943). 






ME. BASE PER 100 G. HATI- 
KI-DHANI-B 

Fig. 3. Titration curves of hydrogen bentonite Hati-Ki-Dhani-B. O, sodium hydrox¬ 
ide; A, barium hydroxide; □, calcium hydroxide. 



ME. BASE PER 100 G. 

HYDROGEN BENTONITE 
BHADRES-B 

Fig. 4. Titration curves of hydrogen bentonite Bhadres-B. O, sodium hydroxide; 
A, barium hydroxide; □, calcium hydroxide. 
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same form (and resemble those of montmorillonitic clay minerals), the titration 
curves of Padegaon-B, Hati-Ki-Dhani-B, and Bhadres-B given in figures 2 to 4 
show very dissimilar features* The sodium hydroxide curves of Padegaon-B 
and Bhadres-B have a weak monobasic acid character, as observed with the 
majority of the hydrogen clays previously studied by us (1, 2, 3, 4, 5). Hati- 
Ki-Dhani-B, however, behaves as a strong or moderately strong dibasic acid, 
judged from the nature of its titration curves with all three bases. The barium 
hydroxide and calcium hydroxide curves point to a strong monobasic acid char¬ 
acter of Padegaon-B, in agreement with previous observations made in this 
laboratory ( loc . tit.) on a large number of hydrogen clays. Bhadres-B, however, 
behaves as a weak monobasic acid, judged from the nature of these curves. 

TABLE 1 

Base-exchange capacities 


BASE-EXCHANGE CAPACITY IN MILLIEQUIVALENTS OF BASE PEI 100 G. OF OVEN-OtlED 
(105*C.) COLLOID USING 


HYDROGEN CLAY OX HYDRO¬ 
GEN BENTONITE 

NaOH 

Ba(OH)» | 

Ca(OH)x 

At inflection point 

At pH 
7.0 

At inflection point 

At pH 
7.0 

At inflection point 

At pH 
7.0 

Padegaon-B. 

57.0 (7.4)* 

53.5 

89.0 (8.05) 

74.0 

91.0 (8.02) 

80.0 

Bhadres-B. 

52.5 (8.1) 

27.5 

71.0 (7.4) 

67.5 

72.0 (6.85) 

j 72.5 

Hati-Ki-Dhani-B_ 

62.5 (8.8) 

30.0 

66.2 (7.3) 

64.8 

70.2 (7.2) 

| 69.2 


* Figures in brackets indicate the pH at the inflection point. 


TABLE 2 

Chemical composition 


CHEMICAL COMPOSITION ON IGNITED BASIS 


mvKuuan ijuay u* h 

BENTONITE 

SiOj 

A1,0» 

FexOj 

S 1 O 2 

AljOi 

SiOs 

RiO» 

Padegaon-B. 

per cent 

5.6.4 

pel cent 

26.7 

per cent 

16.9 

3.58 

2.51 

Bhadres-B. ! 

60.4 

35.0 

4.4 

2.93* 

2.90 

Hati-Ki-Dhani-B .. . 

59.0 

29.0 

9.6 

3.46 

2.86 


The base-exchange capacities (b.e.c.) calculated from the titration curves have 
comparatively high values (see table 1), as is to be expected in the case of mont¬ 
morillonitic clays. 

The data recorded in table 2 show that Padegaon-B, Hati-Ki-Dhani-B, and 
Bhadres-B have markedly different chemical compositions. The percentages 
of aluminum oxide and ferric oxide in the two hydrogen bentonites are materially 
different. Their Si0j/R 2 0 3 ratios and the SiO*/AUOs ratio of Bhadres-B ap¬ 
proximate those of beidellite rather than of montmorillonite. A part of the 
aluminum of the gibbsite layer may have been replaced by iron, especially in 
Hati-Ki-Dhani-B. It would explain the slightly higher value of the SiOs/AljO* 
ratio of Hati-Ki-Dhani-B compared with that of beidellite. The presence of 
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iron oxide is possible, particularly in the hydrogen clay Padegaon-B which has a 
comparatively large percentage of iron, and would account for the observation 
that both the Si 02 /AI 2 O 3 and the SiC^/RsOa ratios of this hydrogen clay differ 
materially from the corresponding ratios calculated for either montmorillonite 
or beidellite. 
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EFFECT OF CONCENTRATION AND pH ON THE VISCOUS 
AND ELECTROCHEMICAL PROPERTIES OF 
HYDROGEN BENTONITES 
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Received September 11 1 1942 
I. INTRODUCTION 

Bentonite sols at low concentrations behave as Newtonian liquids: their con¬ 
sistency curves are straight lines and on extrapolation pass through the origin. 
As the concentration increases, a yield value becomes noticeable at a certain 
stage and at still higher concentrations thixotropy is exhibited. The present 
investigation deals with ( 1 ) variations in viscous and electrochemical properties 
of bentonite sols with their concentration and pH and (2) the light they throw on 
the viscous properties of these systems. Two preliminary notes have been 
published (25, 26), dealing respectively with (a) aggregate and structure forma¬ 
tion and ( b ) the relation between electrochemical and viscous properties. 

Bentonite, in common with secondary clay minerals, is a typical electrolytic 
colloid. Its particles carry a negative charge which is balanced by cations such 
as K+, Na+, Mg++, Ca ++ , and H + . Some of these cations can be replaced by 
one another. When all the exchangeable cations are replaced by hydrogen ions, 
one obtains the hydrogen bentonite. It can be neutralized by bases, and the 
potentiometric titration curves show definite inflection points characteristic of 
acids in true solution. Potentiometric and conductometric titration curves of 
hydrogen clays and hydrogen bentonites isolated from various soils and ben¬ 
tonites have been studied in detail by Mitra and others in this laboratory (13, 
14, 15, 16, 17, 23, 24; reference may also be made to a series of notes published 
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in this journal 1 ). The more important observations made by them and which 
are relevant to the work discussed in this paper are: 

(a) The titration curves of the same hydrogen clay or hydrogen bentonite 
with different strong bases have different forms. The potentiometric curves 
With caustic alkalis usually (see (c) below) reveal a weak monobasic acid charac¬ 
ter with an inflection point which lies between pH 7.2 and pH 8.5. The alkaline- 
earth hydroxides, on the other hand, generally give potentiometric curves re¬ 
sembling those of a strong monobasic acid. The strong or weak acid character, 
however, is only superficial, and the titration curves present several features 
(see below, especially (5) and (d)) not ordinarily expected with acids in true 
solution. 

(b) The potentiometric and conductometric titration curves of the same hy¬ 
drogen clay (or hydrogen bentonite) with a given base offer entirely conflicting 
evidence regarding the strength of the acid. Thus, in contrast to the usually 
weak acid character shown by the potentiometric caustic alkali curves, the cor¬ 
responding conductometric curves show a sharp minimum indicative of a strong 
acid. On the other hand, the alkaline-earth hydroxides give conductometric 
curves with a flat rounded minimum, suggesting that a weak acid is being titrated 
while, as stated above, the corresponding potentiometric curves resemble those 
of strong acids. 

(c) Apart from the above more or less common features, somewhat different 
types of titration curves have been obtained on titrating hydrogen clays and 
hydrogen bentonites isolated from different soils and bentonites. The potentio- 
metric curves with sodium hydroxide are of the following two types: (1) weak 
monobasic, which is more common; (2) strong or weak dibasic. 

(d) The total neutralizable acid or the base-exchange capacity (b.e.c.) of a 
hydrogen clay or a hydrogen bentonite calculated from its titration curves is not 
a fixed quantity but depends oft the pH and on cation effects. The higher the 
pH, the larger is the b.e.c. The cation effects are illustrated by ( i ) the de¬ 
pendence of the b.e.c. (calculated at the inflection point and especially at a fixed 
pH, e.g., pH 7.0) on the cation of the base used for the titration, (it) the much 
larger b.e.c. obtained on titration in the presence of neutral salts than with the 
Ijase alone, and (tit) the differences observed between the effects of various ca¬ 
tions of neutral salts and of different concentrations of the same salt. 

The effect of pH on the viscous and thixotropic properties of bentonites has 
been studied by Freundlich et al. (4,5) and by Broughton and Hand ( 1 ). Freund- 
lich et al. found a correlation between swelling, sedimentation volume, and thixo¬ 
tropy of hydrogen bentonite treated with different amounts of an alkali. All 
these properties appear to pass through a maximum in the vicinity of pH 6 . 
This observation is very interesting, in view of the fact that hydrogen clays and 
hydrogen bentonites usually show a strong buffering in this region of pH (14,15). 
Broughton and Hand ( 1 ) found that the yield value of a hydrogen bentonite 
treated with different amounts of sodium hydroxide fell to a minimum and 

1 See the article* immediately preceding this one. 
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then rose to a maximum, finally again diminishing up to pH 10. That these 
viscous and thixotropic properties of bentonites seem to be closely related to 
their electrochemical properties does not appear to have received recognition. 

Clay fractions of bentonites have been separated by the International Soda 
method used for the mechanical analysis of soils. Hydrogen bentonites have 
been prepared by electrodialysis, first with distilled water and then with con¬ 
ductivity water. 


TABLE 1 

Results of analysis of the hydrogen bentonites used in this investigation 


SYMBOL* 

DIAMETER 

SiOs 

AUOa 

FejOi 

SiOi/AljOi 

SiOa/RsOi 


microns 

per cent 

per cent 

per cent 



Bhadres-B. 

Entire clay 

60.4 

35.0 

4.40 | 

2.93 

2.7 

Bhadres-B*. 

0.5 -0.25 

60.5 

34.3 

4.4 

3.0 

2.8 

Bhadres-Bs. 

0.25-0.1 

60.7 

33.2 

5.4 

3.1 

2.8 

Bhadres-B*. 

0.05-0.025 

61.6 

32.4 

3.9 

3.2 

3.0 

Bhadres-B*. 

0.025 

59.7 

33.9 

4.6 

3.0 

2.8 

Dodia-Bi. 

l 

1 . - 0.5 1 

58.85 

33.69 

5.51 

3.0 

2.7 

Dodia-B* ... 

0.5 -0.25 

60.54 

32.97 

5.22 

3.1 

2.8 

Dodia-B*. 

0.25-0.1 

60.45 

32.45 

5.44 

3.2 

2.9 

Dodia-B*. 

0.05-0.025 

61.07 

32.40 

5.47 

3.2 

2.9 

Hati-Ki-Dhani-B.. . 

Entire clay 

59.0 

29.0 

9.6 

3.5 

2.9 

Hati-Ki-Dhani-Bi 

1 -0.5 

58.8 

28.5 

11.2 

3.5 

2.6 

Hati-Ki-Dhani-B* . 

0.5 -0.25 

58.3 

22.1 

15.4 

4.5 

3.1 

Hati-Ki-Dhani-Bi . . 

0.25-0.1 

58.4 

23.9 

15.3 

4.2 

3.0 

Hati-Ki-Dhani-B* .... 

0.1 -0.05 

58.4 

24.6 

14.5 

4.0 

i 2.9 

Hati-Ki-Dhani-B*. 

0.05-0.025 

56.7 

^3i .4 

9.3 

3.1 

2.6 

Hati-Ki-Dhani-B*. . 

0.025 

60.6 

*23.0 

14.4 

4.5 

3.2 


* Bhadres-B, Dodia-B, and Hati-Ki-Dhani-B refer r< 
ites obtained from a Bhadres bentonite, a Dodia Bisalej 
ti-Ki-Dhani, Jodhpur. The analytical data for Bh[ 
six subfractions of Hati-Ki-Dhani-B have been taken 


^to the hydrogen benton- 
l a bfiftt^nite from Ha- 
*B, and the 


Subfractions of bentonites have been obtained by 
centrifuge and their particle size calculated by the approxima 

2 9 i) w ln(Ri/Ri)Q 


2frLo)(p - p w )(Rl 


where r„ represents the average effective radius of particles; Vw isj 

of viscosity of water; Ri and R 2 are the radii of the inner and ol _ 

Q is the volume rate of upward flow of the suspension; L is the lerigteof 
w is the angular velocity of the bowl; pi is the sp^ific gravity of tne suspensS 



1 In the derivation of this equation it has been j 
viscous flow holds good, («) “end effect” is negligible, 1 
be neglected. 


ned that (i) Lamb's equation for 
id (in) the velocity of diffusion can 
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and pw that of water. All particles whose effective radii are greater than r« 
should be deposited up to a distance of L cm. from the bottom of the bowl. De¬ 
posits from different heights have been scraped off and each fraction again cen¬ 
trifuged. All subfractions have been separately electrodialyased. 

The hydrogen bentonites listed in table 1 were used in the present investiga¬ 
tions. All measurements were carried out at. 35°0. d= 0.02° except where other¬ 
wise stated. 

II. EFFECT OF CONCENTRATION 

A. Conductivity 

The specific conductivities at different concentrations 8 of the hydrogen ben¬ 
tonites designated as Kashmir-B, Bhadres-B, and Dodia-B 6 are shown respec¬ 
tively in tables 2, 3, and 4. 

The specific conductivities (* c ) of Kashmir-B and dilutions thereof (table 2) 
have been corrected for the conductivity of the water ( k w ) used in diluting, and 


TABLE 2 

Specific conductivity of hydrogen bentonite Kashmir-B 
Specific conductivity of water used (*«,) ■ 1.0X 10~ # mhos 


CONCENTRATION 


SPECIFIC CONDUCTIVITY 
(«„) X 10‘ MHOS 


(«e - *„) X 10» HBOS 


A X 1C HBOS 



the concentration (figure 1). the curve shows 
proximately 0.2 per cent. The break is shown 
uctivities per gram of colloid, A, obtained from the 
k w )/C, are plotted against concentrations. A diminishes 
beyond a concentration of 0.2 per cent and passes through a weak 
urn at about 1.0 per cent. To secure a more satisfactory correction for 
the specifi^onductivity of electrolytes present as impurities, this quantity has 
been me^^W for the ultrafiltrates of bentonite sols Bhadres-B' and Dodia-B*. 

shown, respectively, in tables 5 and 6. It will be seen that the 
cbndudMHs calculated from the relation A = 100(* e — k„)/C, where k« is the 
specific conductivity of the ultrafiltrate, also diminish with concentration and 
pass through a minimum. 

Variations in the equivalent conductivity, A*, with concentration, of soaps 


* Concentrations in terms of grams of oven-dried (110 S C.) material per 100 cc. 








TABLE 3 

Specific conductivity of hydrogen bentonite Bhadree-B 


Specific conductivity of water used (*„) -» 1.3 X 10"* mhos 


CONCENTRATION 

SPECIFIC CONDUCTIVITY 
(*c) X 10« MB OS 

(*c — *w) X 10« MHOS 

A X 10* MHOS 

grams per 100 cc. 

0.05 

3.58 

2.28 

4.16 

0.1 

5.37 

4.07 

4.07 

0.2 

8.0 

6.7 

3.35 

0.5 

18.2 

16.9 

3.38 

1.0 

38.1 

36.8 

3.68 

2.0 

88.8 

87.5 

4.38 


TABLE 4 

Specific conductivity of hydrogen bentonite Dodia-Bg 


Specific conductivity of the water used (« w ) ■ 1.1 X 10~* mhos 


CONCENTRATION 

SPECIFIC CONDUCTIVITV 

U e ) X 10 # MHOS 

<* c - ««■) X 10« MHOS 

A X 10* MHOS 

grams per 100 cc. 

0.05 

4.47 

3.37 

6.74 

0.1 

7.8 

6.7 

6.70 

0.25 

14.8 

13.7 

5.48 

0.5 

22.5 

21.4 

4.28 

1.0 

37.8 

36.7 

3.67 

1.5 

72.8 

71.7 

4.78 

2.0 

93.9 

92.8 

4.64 
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and similar long-chain compounds have been extensively investigated by Hartley 
(6), Lottermoser et al. (9, 10), McBain and Betz (11), and Van Rysselberghe 
(29). The curves obtained by them on plotting A* against VC show the follow¬ 
ing general characteristics: (i) As the concentration gradually increases, A* 
diminishes at first slowly, and then very rapidly, beyond a. certain “critical con¬ 
centration”; («) with further increase of concentration, A* becomes either 
almost constant or more often passes through a minimum. The interpretation 
of the form of the curves has, however, given rise to considerable controversy. 


TABLE 5 

Specific conductivity of ultrafiltrate of bentonite eol Bhadree-B' 


CONCENTRATION 

SPECIFIC CONDUCTIVITY 
( Kc ) X 10* MHOS 

SPECIFIC CONDUCTIVITY 
OF ULTRAFILTRATE 
(*«) X 10* MHOS 

j 

(«e - *«) X 10* MHOS 

A X 10* MHOS 

grams per 100 cc. 

0.05 

4.31 

1.48 

2.83 

5.66 

0.1 

8.1 

1.65 

6.45 

6.45 

0.2 

10.09 

1.42 

8.67 

4.34 

0.5 

23.67 

2.66 

21.0 

4.20 

1.0 

44.8 

3.40 

41.4 

4.14 

1.5 

72.0 

6.09 

65.9 

4.40 

2.0 

102.0 

6.84 

95.2 

4.76 


TABLE 6 


Specific conductivity of ultrafiltrate from bentonite eol Dodia-B t 


CONCENTRATION 

SPECIFIC CONDUCTIVITY 
( K C ) X 10* MHOS 

SPECIFIC CONDUCTIVITY 
OF ULTRAFILTRATE 
(#u) X 10* MHOS 

(*c - Ku ) X 10* MHOS 

A X 10* MHOS 

grams per 100 cc. 

0.025 

3.08 

1.77 

1.31 

5.24 

0.1 

6.95 

1.89 

5.06 

5.06 

0.25 

11.6 

2.96 

8.64 

3.46 

0.5 

21.2- 

4.85 

16.35 

3.27 

1.0 

45.8 

3.05 

42.75 

4.28 

. 1.5 

76.4 

3.90 

72.50 

4.83 

2.0 

110.5 

5.06 

105.4 

5.27 


B. Cataphoretic velocity 

The cataphoretic velocities (C.V.) of subfractions of a bentonite have been 
measured by Hauser and le Beau (8) in a specially constructed cell, using a slit 
ultramicroscope. They made the following observations: (1 ) For concentrations 
up to about 0.5 per cent the rate of migration remains constant for a given par¬ 
ticle size; (2) for concentrations up to about 0.5 per cent, the rate of migration 
increases with decreasing particle size; ( S) with increasing concentrations, the 
C.V. decreases. The decrease is most pronounced with the smallest size frac¬ 
tion. C.V. values at concentrations below 0.2 per cent are not given. 

We have measured the C.V. of the entire hydrogen bentonite fractions Dodia- 
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B, Hati-Ki-Dhani, and Kashmir-B by the microcataphoretic method at room 
temperature. Observations were made at 0.21 depth of the cell and only the 
larger particles could be seen. We found that with increase of concentration, 


TABLE 7 

Cataphoretic velocity of hydrogen bentonite Kashmir-B 
Temperature, 29-30°C. 


CONCENTRATION 

C. V. X 10® CM. PEI SECOND 

grams per 100 cc. 


0.01 

3.9 

0.1 

5.4 

0.4 

15.0 

1.0 

17.0 

1.5 

15.3 


TABLE 8 

Cataphoretic velocity of hydrogen bentonite Bhadres-B 


Temperature, 27°C. 


CONCENTRATION 

C. V. X 10® CM. PER SECOND 

grams per 100 cc. 


0.025 

16.6 

0.05 

18.6 

0.1 

22.4 

0.2 

27.9 

0.5 

27.1 

1.0 

27.3 

1.5 

27.1 


TABLE 9 

Cataphoretic velocity of hydrogen bentonite Hati-Ki-Dhani-B 


Temperature, 27-28°C. 


CONCENTRATION 

C. V. X 10® CM. PER SECOND 

grams per 100 cc. 


0.05 

4.0 

0.1 

6.6 

0.25 

15.0 

0.5 

20.0 

1.0 

20.6 

1.5 

19.0 


C.V. increases rapidly, passes through a maximum and then decreases slowly, 
as the results given in tables 7, 8, and 9 will show. It has been observed previ¬ 
ously in this laboratory (22) that aggregation during coagulation is often asso¬ 
ciated with an increase in the cataphoretic velocity. This suggests that probably 












50.2 

102.3 





TABLE 11 


Hydrogen-ion activity of hydrogen bentonite Dodia-B * 


CONCENTRATION 

pH 

Oh (AT x 10 ‘) 

grams Per 100 cc. 

0.05 

5.00 

1.0 

0.1 

4.74 

1.8 

0.2 

4.47 

3.8 

0.5 

4.11 

7.8 

1.0 

3.84 

14.4 

1.5 

3.66 

21.8 

2.0 

3.56 

29.6 


TABLE 12 


Hydrogen-ion activity of hydrogen bentonite Dodia-B b 


CONCENTRATION 

pH 

Hydrogen electrode 

Glass electrode 

Quinhydrone electrode 

grams per 100 cc. 




0.05 

4.81 

4.85 


0.1 

4.55 

4.60 

4.49 

0.25 

4.09 

4.09 

4.11 

0.5 

3.87 

3.84 

3.72 

1.0 

3.50 

3.48 

3.40 

2.4 

3.06 

3.09 

3.05 



Fig. 3. Plot of the logarithm of the concentration against pH for hydrogen bentonites 
Kashmir-B and Dodia-B*. 
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aggregation of particles of hydrogen bentonite begins at a very low concentra¬ 
tion. In figure 2,_A and C.V. for Kashmir-B (see tables 2 and 7) have been 
plotted against VC- The curves show some resemblance to the A* against VC 
curves obtained in the case of paraffin-chain salts (6, 9, 10, 11). 

C. Hydrogen-ion activity 

Hydrogen-ion activities have been measured with quinhydrone, hydrogen, 
and glass electrodes. Results for Kashmir-B, Dodia-B*, and Dodia-Bg are 
shown in tables 10, 11, and 12. The pH varies linearly with —log C, and the 
slopes of the curves (given in figure 3) are nearly equal to unity. 

For very weak acids in true solution pH should vary as 0.5 X (—log C), while 
for strong acids it should vary as —log C. Similar results in the case of clay 
suspensions have previously been observed by Wiegner and Pallmann (30). 
The variation of pH with concentration thus shows that hydrogen bentonites 
resemble in this respect strong acids in true solution. 


TABLE 13 


CONCENTRATION 

A. X 10* MHOS 

A 

(IgXfljilX 10« MHOS 

B 

C. V. X F X Ojj 

X 10« MHOS 

A' - (A + B)/C 

A' X 10* MHOS 

grams per 100 cc . 

0.06 

6.74 

4.0 

0.039 

8.08 

0.1 

6.70 

7.2 

0.115 

7.32 

0.6 

4.28 

31.2 

1.50 

6.54 

1.0 

3.67 

57.6 

2.86 

6.05 

1.6 

4.78 

87.2 

4.00 

6.08 


D. Comparison between the activity and the conductivity data 

In table 13, A for Dodia-Bg is compared with the conductivity per gram of 
colloid calculated from the pH and the cataphoretic velocity. In this calcula¬ 
tion l u (mobility of hydrogen ion at 35°C.) has been taken to be equal to 400 
(International Critical Tables, 1929) and the C.V.’s equal to those of Dodia-B. 
Calculated conductivities (column 5) are appreciably higher. This is in agree¬ 
ment with the earlier observations from this laboratory (14, 15, 19, 20, 21). 

E. Extinction coefficient 

e m , the extinction coefficients for light of wave length 630 mu, have been found 
from the formula 


-log I/Io - fmdC/lOO 

(where C is the concentration in grams per 100 cc. and the other symbols have 
their usual significance) by means of a spectrophotometer, using an absorption 
cell having a depth of 1 cm. From figure 4 it will be seen thatat first dimi¬ 
nishes and then passes through a minimum which is followed by a maximum. 
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F. Coagulation 

Similar variations in the extinction coefficient with time have also been ob¬ 
served during the slow coagulation of hydrogen bentonite sol by the addition of 
sodium chloride. Some of the results are represented in figure 5. 

G. Viscosity 

In figure 6 consistency curves of Dodia-Bs obtained by means of a viscometer 
(Ubbelohde) are shown. The consistency curves are straight lines at high 



Fia. 4. Plot of extinction coefficients against concentration for hydrogen bentonites 
Dodia-Bi and Dodia-B*. 

rates of shear. Yield value appears within the concentration range 0.7 to 1.0 
g. per 100 cc. The coefficient of viscosity of more dilute suspensions is a con¬ 
stant quantity independent of the rate of shear. Viscosities of dilute suspen¬ 
sions have been measured by means of Ostwald viscometers. The results are 
given in tables 14 to 17. In all the cases shown in tables 14 to 17 the apparent 
coefficient of viscosity increases more rapidly with concentration than one would 
expect from a linear relationship. In table 18 the coefficients of viscosity of 
Dodia-B* have been calculated from the Einstein-Smoluchowski relation 

*- + 2 - 50 ( 1 + 


( 2 ) 




Fig. 5. Variations in extinction coefficient with time during the slow coagulation of hy¬ 
drogen bentonite sol by the addition of sodium chloride. 



Fig. 6. Consistency curves of hydrogen bentonite Dodia-B* 
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TABLE 14 

Viscosities of suspensions of hydrogen bentonite Kashmir-B 


CONCENTRATION 

ij (poises X 10*) 

grams per 100 cc. 


0.1 

7.36 

0.2 

7.53 

0.35 

7.90 

0.5 

8,46 

0.7 

8.98 

1.0 

10.27 

1.5 

13.54 

1.83 

18.63 


TABLE 15 

Viscosities of suspensions of hydrogen bentonite Bhadres-B 


CONCENTRATION 


grams per 100 cc. 
0.1 
0.2 
0.35 
0.5 
0.7 
1.0 
1.5 
2.0 


n (poises X 10*) 


7.26 

7.44 

7.52 

7.65 

7.94 

8.30 

9.02 

10.03 


TABLE 16 

Viscosities of suspensions of hydrogen bentonite Bhadres-B' 


CONCENTRATION 


grams per 100 cc. 
0.1 
0.2 
0.35 
0.5 
0.7 
1.0 
1.5 
2.0 


v (poises X 10*) 


7.34 

7.48 
7.60 
7.84 
8.09 
8.58 

9.48 
10.82 


TABLE 17 

Viscosities of suspensions of hydrogen bentonite Dodia-B 


1} (poises X 10*) 



Dodia-B i 

Dodia-Bj 

Dodia-B« 

Dodia-B« 

Dodia-B t 

grams per 100 cc. 

0.1 

7.33 

7.35 

7.40 

7.50 

7.63 

0.2 

7.44 

7.55 

7.62 

7.81 

8.00 

0.35 

7.66 

7.76 

7.92 

8.39 

8.90 

0.5 

7.89 

7.98 

8.35 

9.46 

10.26 

0.7 

8.20 

8.54 

8.97 

10.90 

13.45 

1.0 

8.95 

8.68 

10.22 

15.33 

21.97 
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where ij is the coefficient of viscosity of the suspension, r) w that of water at the 
temperature of measurement, <f> the relative volume of the disperse phase with 
respect to the dispersion medium, D the dielectric constant, f the electrokinetic 


TABLE 18 

i U “ 7-20 X 10* poises; D — 8.23 X W* c.o.s. units 


CONCENTRATION 

SPECIFIC 
CONDUCTIVITY 
X 10* MHOS 

-POTENTIAL 

APPARENT 

SPECIFIC 

GRAVITY 

(W* 

* X 10* 

n (poises X io*) 

4***1%** 

Calculated 

Observed 

grams per 

100 cc. 


millivolts 






0.1 

6.7 

7.26 

2.08 

0.519 

0.48 

7.21 

7.63 

0.25 

13.5 

16.5 

2.39 

1.312 


7.24 

8.00 

0.5 

21.4 

22.0 

2.66 

1.481 

1.88 

7.28 

10.26 

1.0 

36.7 

22.7 

2.78 

0.926 


7.32 

21.97 



Fig. 7. Hot of ij against concentration: curve 1, Dodia-Bj; curve 2, Dodia-B,; curve 3, 
Dodia-B,; curve 4, Dodia-B,; curve 5, Dodia-Bs. 

potential, k the specific conductivity of the sol, and r, the effective radius of the 
particles. Observed values of viscosities are much higher than those calculated 
from equation 2. Deviations freon equation 2 may be ascribed to the following 
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causes: (a) the particles are not spherical; (b) the particles may not be rigid; 
(c) the effective volume, <t>, of the particles is greater than that of the solid phase 
measured after complete drying; and (d) the effective volume is not constant 
but varies with concentration. 

Factors (a) to (c) cannot explain why rj increases more than linearly with con¬ 
centration. It is necessary to assume that <t> increases more rapidly with con¬ 
centration than the colloid content. This is easily explained if one assumes 
that with the increase of concentration bentonite particles form loose aggregates 
enclosing and immobilizing a large volume of the dispersion medium and that 
these aggregates are not completely broken up even under shear. 

According to Einstein’s relation (2,3) the coefficient of viscosity is independent 
of particle size, while according to equation 2, if other factors remain constant, 
tj should increase although very slowly with diminution in r e . Results given in 
table 17 have been plotted in figure 7: rj against r e . rj increases very rapidly with 
diminution in r e . A similar rapid increase of rj has previously been observed by 
Hauser and le Beau (7) in the case of fine subfractions of a natural bentonite. 

H. Apparent specific gravity 

Apparent specific gravities have been measured by pycnometers and calculated 
from the formula: 


pA w 


Wc' 


W + Wc' Pw 


(3) 


where W is the weight of water filling the pycnometer, W that of the suspension, 
c' the concentration of oven-dried bentonite in grams per cubic centimeter, and 
p w the specific gravity of water at the temperature of measurement. Hauser 
and le Beau (7, 8) have observed that p A for fine subfractions of a natural ben¬ 
tonite increases witli concentration and approaches a limiting value. Values of 
p A observed by them in the most dilute suspensions are much less, while those at 
higher concentrations larger than the true specific gravity, p, of bentonites re¬ 
corded in the literature and also observed by them. For a given concentration, 
Pa is greater the finer the subfraction. These authors do not record the true 
specific gravities of the subfractions used by them but only give the value for the 
purified fraction of the clay dried at 110°C. and immersed in octyl acetate. 
The decrease of apparent specific gravity at higher dilutions is explained by 
them (8) as arising from the swelling of the bentonite particles along the C-axis. 
They have attributed the rise in the apparent specific gravity with concentra¬ 
tion to strong adsorption of water molecules on the surface of the particles. 
Since, however, the compressibility of water is very small, being approximately 
2.2 X KT 5 per atmosphere at 10,000 atmospheres (International Critical Tables , 
1929), hydration layers of enormous thickness have to be assumed in order to 
explain the observed increase in p A . Further, the assumption is implied that 
hydration per particle increases with concentration, although the activity of 
water molecules should decrease rather than increase with the increase of colloid 
concentration. This hydration hypothesis cannot explain how p A can fall below 
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p. Results of some measurements carried out by us are shown in tables 19 to 21. 
The specific gravity of the material dried at 105°C. has been observed in toluene 
in two cases. The limiting apparent specific gravities reached at higher con- 


TABLE 19 

Apparent specific gravity of Kashmir 


CONCENTRATION 

* A 

grants per 100 cc. 


0.2 

2.43 

0.35 

2.57 

0.5 

2.635 

0.7 

2.64 

1.0 

2.64 

1.5 

2.64 


TABLE 20 


Apparent specific gravity of Dodia-B' 


CONCENTRATION 

pa 

grams per 100 cc. 


0.2 

2.17 

0.35 

2.24 

0.5 

2.33 

0.7 

2.41 

1.0 

2.46 

1.5 

2.48 

2.0 

2.49 


p in toluene ■» 2.50. 


TABLE 21 

Apparent specific gravity of Dodia-B b 


......—..... 

CONCENTRATION 

P A 

grams per 100 cc. 


0.1 

2.08 

0.25 

2.39 

0.5 

2.66 

1.0 

2.78 

1.5 

2.80 

2.0 

2.80 


p in toluene ■* 2.82. 


centrations show fair agreement with the specific gravities, p, observed in toluene. 
Woodman (31) observed previously that air-dried hydrogen bentonite has the 
same specific gravity both in water and in toluene. Thus one has to explain not 
the rise but the fall of p A below p. This obviously cannot be accounted for by 
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hydration of the type usually discussed in textbooks on colloids (27). The ap¬ 
parent volume of the bentonite particles themselves appears to increase in very 
dilute suspensions. The precise manner in which this can take place can be 
clarified only by further experiments. 

III. POTENTIOMETRIC TITRATIONS 

As has already been pointed out (page 554) the interaction between a hydrogen 
clay or a hydrogen bentonite and a base presents several features which cannot 



Fio. 8. Titration curve of hydrogen bentonite Bhadres-B against sodium hydroxide 

be readily explained from classical electrochemical considerations. According 
to the theory of the electrical double layer postulated by one of us (18), the charge 
on the surface of hydrogen bentonite particles is due to a layer of primarily 
adsorbed negative ions which is balanced by an equivalent amount of hydrogen 
ions. Some of these hydrogen ions are fixed to the surface building up the sec- 



570 J. N. MUKHERJEE, N. C. SEN GUPTA, AND M. K. INDRA 

ondarily adsorbed layer and form ion pairs, while others are mobile and os- 
motically active. When a base, e.g., sodium hydroxide, is added to the hydro¬ 
gen bentonite, hydrogen ions are exchanged for sodium ions and combine with 
hydroxide ions to form water. 

In the treatment of Michaelis (12) and of Pauli and Valkd (28), a colloidal 
particle having n dissociable acid groups on its surface is regarded as an n-basic 



Fig. 9. Titration curve of hydrogen bentonite Dodia-B, against sodium hydroxide 

acid. The “dissociation residue”, p, in the case of sols like hydrogen bentonite 
is given by the relation 


i+ K/m 

where [BJ is the hydrogen-ion concentration. Such sols will behave as monobasic 
adds. 
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In order to explain the two types of potentiometric titration curves of hydro¬ 
gen bentonites (mentioned on page 554) isolated from different localities, we have 
to assume that there are at least two types of groups having markedly different 
properties present on the surface of the colloid particles. In the monobasic 
acid bentonites (figure 8) an inflection point is observed at approximately pH 
pH 8.0, and in the case of dibasic acid bentonites (figure 9) at pH values of 5.5 
and 8.0, respectively. The significance of these inflection points will be further 
discussed in separate papers. 



(K,) 


Pig. 10. Effect of pH upon cataphoretic velocity 

IV. EFFECT OF pH 
A . Cataphoretic velocity 

The cataphoretic velocity rises to a maximum and then falls as the neutraliza¬ 
tion proceeds (see figure 10). The maximum in the C.V. curve occurs at a lower 
alkali/colloid ratio than the inflection point of the potentiometric titration curve. 
Further, the maximum in the C.V. curve is shifted towards a lower alkali/colloid 
ratio with increase in concentration of the colloid. 

B. Yield value and consistency 

Consistency curves for 4 per cent Dodia-B treated with different amounts of 
sodium hydroxide are given in figures 11 and 12. The consistency curves are all 




SHEARING STRESS (DYNES/SQ.CM) SHEARING STRESS (DYNES/SQ.CM.) 

Fra. H. Consistency curves for 4 per cent Dodia-B treated with different Fra. 12. Consistency curves for 4 per cent Dodia-B treated with different 
amounts of sodium hydroxide. amounts of sodium hydroxide. 
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straight lines except at- very low rates of shear. Yield values and consistencies 
at different pH’s for Bhadres-B, Dodia-B, and Dodia-B 5 have been given in tables 
22, 23, and 24, respectively. 


TABLE 22 


Yield values and consistencies for Bhadres-B 


NaOH ADDED PER 100 GRAMS 

pH 

YIELD VALUE 

CONSISTENCY 

mtlliequivalents 


dynes per sq. cm. 

centipoises 

0 

2.9 

3 

1.67 

15 

4.1 

5 

1.67 

30 

5.1 

16 

2.78 

45 

5.6 

20 

3.13 

60 

7.7 

4 

2.50 

90 

10.3 

0 

2.08 

120 

10.8 

3 

2.08 

150 

10.9 

30 

2.10 


TABLE 23 

Yield values avid consistencies for Dodia-B 


MITXIEQU1VAT ENTS OF 
HC1 PER 100 
GRAMS OF CLAY 

45 

30 

20 

'10 

0 

pH OF 3 PER CFNI 
SUSPENSION J 

1.84 

2.00 

2.12 

2.30 

2.82 

j 

1 A 1LLI) \ \LUE* OF 3 
I’LR ( I-NT SUSP IN SION 

j lONSlSlLN<_\* OI- 3 
j PER C TNI SUSPENSION 

! MINIMUM CONCENTR V 
1 1ION SHOWING 

rillXOl ROP\ 

dynes per \q cm 

13.6 

17.2 

20 

20 

5.6 

; centipoises 

' 12.1 

13.0 

14.3 

26.3 

8.1 

grams per 100 cc. 

Coagulation 

Coagulation 

Coagulation 

5.0 

7.4 

MILLIEQUIVALFNtS OF 
NaOH PER 100 GRAMS 
OF CLAY 




5 

3.0 

3.9 

8.0 


10 

3.51 

7.4 

10.0 


20 

4.15 

12.4 

11.9 

7.2 

30 

4.77 

14.0 

12.4 


40 

5.30 

14.0 

15.2 

6.2 

50 

5.62 

22.0 

17.9 

5.2 

60 

6.54 

3.4 

10.0 


75 

8.65 

0.8 

5.7 

7.2 

90 

9.59 

0 

5.4 

7.2 

105 

9.98 

1.6 

8.3 


120 

10.28 

2.0 

9.4 

5.1 

150 

10.61 

3.6 

14.7 

4.0 


* Measured by the rotary viscometer. 


C. Thixotropy 

The minimum concentration, C T) of bentonite showing thixotropy, as might 
be expected, varies with pH. The results obtained with Dodia-B are shown in 
table 23. 
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D. Correlation between buffer capacity on the one hand and yield value , consistency , 

and thixotropy on the other 

Results given in tables 22, 23, and 24 have been plotted in figures 13, 14, and 
15, where the buffer capacities (0) have also been plotted. The close correlation 


TABLE 24 

Yield values and consistencies for Dodia-Bi 



ME. OF NaOH PER 100 G H-BENTONITE 

Fig. 13 

between buffer capacity on the one hand and the viscous and thixotropic proper¬ 
ties on the other is evident from the figures. The minimum in the buffer capac¬ 
ity curves (second minimum in the dibasic acid type), however, occurs at a lower 
concentration of alkali than the corresponding minima in the other curves. 





M.E. OF NaOH PER IOO G H-BENTONITE 


Fig. 15 
575 
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It has been found with natural bentonites that the amount of water ex¬ 
pressed from suspensions in a given time at a constant pressure also varies in 
the same way. Had the variation in jdeld value, consistency, and thixotropy 
with pH been due to a change in the degree of hydration, then the rate of water 
exudation, which is expected to diminish with increasing hydration, should have 
varied in the opposite direction. This would seem to show that the variation of 
yield value, consistency, and thixotropy with pH is not due to any change in the 
degree of hydration. It has also been found with natural bentonites that with 
the addition of hydrochloric acid the sol coagulates beyond a certain concentra¬ 
tion of the acid; the rate of water exudation increases continuously, while yield 
value and consistency rise to a maximum just before coagulation ensues. This 
would seem to indicate that the rise in the yield value and consistency is due to 
some sort of an incipient coagulation. 

v. SUMMARY 

1. The specific conductivity of dilute suspensions of hydrogen bentonites at 
first increases linearly with increase of concentration, then rises much more 
rapidly, being convex to the concentration axis, after which the slope again 
diminishes. A (conductivity per gram of colloid) at first shows a small variation, 
indicating that it is approximately constant within the limits of experimental 
error, whereafter it rapidly diminishes and ultimately passes through a minimum. 

2. The cataphoretie velocity increases with the concentration and passes 
through a maximum at approximately the same concentration as that at which 
A passes through a minimum, while yield value first becomes noticeable at ap¬ 
proximately this concentration. 

3. The pH changes proportionately with —log ( 7 . The conductivity per gram 
of colloid calculated from the hydrogen-ion concentration is appreciably greater 
than A. 

4. The extinction coefficient at first diminishes with concentration and then 
passes alternately through a minimum and a maximum. Similar variations in 
the extinction coefficient with time'have been observed during slow coagulation 
of hydrogen bentonites. 

5. The coefficient of viscosity increases more rapidly with concentration than 
one would expect from a linear relationship. 

6. The apparent specific gravity increases with concentration and reaches a 
constant value. This constant value of apparent specific gravity agrees fairly 
well with the specific gravity of dry bentonite (dried at 105°C.) measured in 
toluene. 

7. The results suggest that as concentration rises aggregates are first formed 
and that at a still higher concentration these aggregates form some sort of struc¬ 
ture which possesses yield value. 

8. Variations in the yield value, consistency, and thixotropy with pH have 
been found to be closely related to buffer capacities calculated from titration 
curves with caustic soda. 
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The action of inhibitors (or stabilizers) for polymerization reactions is of 
scientific and practical interest. Two questions arise, mainly: (a) how effectively 
and for how long does a given concentration of inhibitor prevent polymerization 
of the monomer? and (6) what influence hfas the inhibitor originally added as 
stabilizer on the course of the eventual polymerization and the quality of the 
polymer? 

The first question was dealt with by Foord (2), who showed that for a number 
of inhibitors of the benzoquinone type the length of the induction period of 
styrene polymerization is proportional to the amount of inhibitor added. The 
temperature dependence of the length of the induction period leads to an energy 
of activation of 28,000 cal. per mole for the initiation reaction, which indicates 
that the reaction product of the first step (E about 25,000 cal. per mole) is 
responsible for the consumption of the inhibitor. 

Raff (8) studied the weight (or viscosity) average molecular weights of the 
polymerization fractions of styrene produced during and at the end of the 
induction period and found that while the rate of polymerization increases 
from zero to its maximum value, the average molecular weight of the polymer 
formed also increases. 

The present paper contributes new experiments on the inhibition of styrene 
polymerization by benzoquinone and attempts to correlate them with a simple 
theory which ascribes inhibition to two different effects: (a) deactivation of the 
activated monomer according to a reaction constant h* and (6) termination of 
a growing polymer chain according to a reaction constant fc 3r . (hi > hr .) 

EXPERIMENTAL 

Commercial styrene was twice vacuum distilled and showed the following 
characteristics: b.p. (760 mm. Hg), 145-146°C.; b.p. (18 mm. Hg), 44°C.; 
density, 25°/4°, 0.9038; * = 1.5435. It was mixed with 0.0025 per cent to 

0.050 per cent (by weight) of benzoquinone and weighed samples of about 
20 g. were sealed under nitrogen in glass tubes. 

In a series of orienting experiments a modification of the bubble method of 
Gardner and Holdt (c/. 3) was used to give a first estimate of the length of the 
induction period. Narrow calibrated tubes containing the monomer-inhibitor 
mixtures were submersed in thermostatically controlled baths at 70.0°, 100.7°, 
and 130.0°C. The temperatures were kept constant within db0.1°C. At certain 

1 Research Chemist of the Celanese Corporation of America. The authors wish to 
express their gratitude to the Research Director of this Corporation for his kind interest 
and for his assistance. 
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Fig. 1 . The amount of polymer produced by various inhibitor concentrations at 
70.0°C. is plotted versus time. The induction periods are proportional to the inhibitor 
concentrations. 
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times each tube was removed from the baths, cooled to 25°C., held in a vertical 
position, then inverted, and again held in a vertical position. Then the time 
required for the nitrogen bubble to ascend the distance between two marks on 
the tube was measured and the average of several individual observations was 
taken as a quantity proportional to the viscosity of the mixture. The tube was 
replaced in the bath and the same procedure was repeated after a certain time 
interval. A plot of the viscosities obtained in this way as ordinate against 
the time of reaction as abscissa showed a fairly sharp break at the end of the 
approximate induction periods. 



Fig. 3. Same as figure 1, but for 130.0°C. 


After having determined in this qualitative way the length of the induction 
periods under various experimental conditions, the final experiments were carried 
out as follows: A number of samples were submerged in the thermostats and 
removed at certain time intervals. The first set was taken out at a time slightly 
shorter than the, induction periods as determined by the preliminary runs. The 
others were removed at regular time intervals (ranging from 10 min. to 3 hr.) 
thereafter. The tubes were opened and their contents were poured slowly 
and under stirring into methanol. The precipitates w r ere washed, dried, and 
weighed. The results are plotted on the ordinate in figure 1 for 70.0°C., in 
figure 2 for 100.7°C., and in figure 3 for 130°C., as fraction of monomer poly¬ 
merized versus time for various concentrations of inhibitor. From these data 
the overall rates of the polymerization reaction were computed. 


Temp.: 70.0 ° C. 



°/opolymerized % polymerized 

Fig. 4. The intrinsic viscosity of polymers formed at 70.0°C. in the Fig. 5. Same as figure 4, but for Il)0.7 o C. 

presence of various initial inhibitor concentrations is plotted versus 
the amount of polymer in per cent of original monomer. 
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The polymeric samples obtained in the reaction under various conditions 
were dissolved in toluene and the viscosities of these solutions measured at 
various concentrations (0.25 to 1.0 per cent by weight) at 25°C. in a Cannon- 
Fenske viscosimeter. By plotting specific viscosity over concentration versus 
concentration the intrinsic viscosities at the limiting concentration zero were 
determined. The results are given in figures 4, 5, and 6 for 70.0°C., 100.7°C., 
and 130°C., respectively. They are used to compute the viscosity-average 



Fig. 6. Same as figure 4, but for 130.0°C. 

polymerization degree (according to Flory) of the polymer produced under 
various conditions. 


DISCUSSION OF RESULTS 

Table 1 shows that there is a fair proportionality between the length of the 
induction period and the amount of inhibitor added at all three temperatures 
and confirms previous observations of Foord. It can be seen that the inhibitor 
is used up much more rapidly at higher temperatures, which indicates a con¬ 
siderable activation energy for the formation of the active centers which consume 
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the inhibitor. We arrive at a value of 27,000 cal. per mole, as calculated from 
the three available temperature intervals; it agrees with the order of magnitude 
as usually observed for the initiation reaction of styrene polymerization. 

(Thus it appears that each active center formed while there is still an appre¬ 
ciable concentration of inhibitor present has no chance to grow out into a chain, 
but will more probably be deactivated by collision with a molecule of the in¬ 
hibitor. Only after the concentration of the inhibitor has fallen to a sufficiently 
small value can chain propagation develop and polymerization take place. The 
overall rate of it increases as more and more of the residual inhibitor is used up 
and reaches its full value only some time after the end of the induction period. 

Figures 4, 5, and 6 show that the viscosity-average molecular weight increases 
in the time following the induction period; this indicates that the residual 
inhibitor acts as a chain terminator and as a nucleus deactivator. However, 

TABLE 1 


Length oj inhibition periods at various temperatures and inhibitor concentrations 


TEMPERATURE 

INITIAL INHimrOR CON¬ 
CENTRATION IN GRAMS OF 
INHIBITOR PER GRAM OF 
MIXTURE 

X10’ 

LENGTH OF INDUCTION 
PERIOD IN MINUTES 

LENGTH OF INDUCTION 
PERIOD IN MINUTES OVER 
INITIAL INHIBITOR 
CONCENTRATION 

X10-* 

°C. 




70.0 

25 

300 

1200 

70.0 

50 

612 

1224 

70.0 

125 

1320 

1056 

100.7 

125 

78 

62.4 

100.7 

250 

132 

52.8 

100.7 

500 

300 

60.0 

130.0 

500 

16 

3.2 

130.0 

1000 

30 

3.0 

130.0 

2000 

50 

2.5 


these figures also show that the amount of inhibitor originally added has a 
distinct influence on the average molecular weight of the polymer eventually 
formed. The more inhibitor present originally, the smaller is the average 
molecular weight of the polymer formed after complete removal of the inhibitor. 
It appears, therefore, that activated styrene and quinone react with each other 
to form a compound having the capability of terminating growing chains. As 
one varies the concentration of originally added inhibitor, one proportionally 
changes the concentration of this compound. More initial inhibitor produces 
more of this chain-breaking substance and consequently reduces the average 
molecular weight of the polymer produced also in the somewhat later stages of 
the reaction. 

This seems to contribute to the explanation of a fact which is known in com¬ 
mercial practice. If one wants to obtain high average degrees of polymerization 
and small fractions of low polymeric material and has to use inhibited monomers, 
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it is necessary to remove the inhibitor (by distillation or washing) as completely 
as possible and it is not sufficient to dispose of it by an excess of catalyst or by a 
higher initial temperature. 

For the purpose of a more quantitative interpretation of the above results, 
we propose the following kinetic treatment: 

It seems appropriate to represent the uninhibited reaction by a sequence of 
three steps: initiation , 'propagation , and termination . Several authors (c/., e.g., 
references 1, 4, 5, 6, 7, and 9) have recently shown that the normal polymeriza¬ 
tion of vinyl derivatives can be fairly well represented in this way. Following 
this procedure, we obtain the following elementary processes and corresponding 
rate equations: 

Initiation of the active centers takes place according to a first-order reaction 
in respect to the monomer mi (either catalytically or by thermal activation) 2 : 

Reaction Rate equation 

ki * dm* 7 

mi-» mi +- = h m x (t) 

In the case of styrene polymerization it is known that this step requires an 
energy of activation of about 25,000 cal. per mole. 

Propagation or chain growth occurs as a bimolecular process if any active 
center (monomer m* or polymer m*) collides with a monomer: 

Reaction Rale equation 3 

* . ^2 % * dm x , * 

m+ mi-* my+i ~~ c \f = nilin (2) 

Termination takes place through mutual saturation of active centers of any 
kind according to 

Reaction Rate equation 

* i * kz dm* 7 * 2 /n \ 

m,- + ra*-* m J+ * - = h m* (3) 

In order to include the action of the inhibitor as suggested by our experiments, 
we propose to introduce two new termination processes, the deactivation 
of activated centers m* of any chain length by a collision with the inhibitor (the 
concentration of which is i) and their deactivation by the addition product (the 
concentration of which is a) of inhibitor and monomer. Altogether we now have 
three termination processes and consequently shall introduce three rate con¬ 
stants having the first index three: k u for normal termination, hi for inhibition, 
and hr for retardation. 

* As usual, active centers on the monomer or on a growing chain are characterized by an 
asterisk. The rate constant of the initiation reaction is denoted by h, of the propagation 
by h, and of the termination by h. 

9 As usual, we denote here by m* the sum of the concentrations of all active centers 
including the monomer. 
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Taking care of the two above expansions, we arrive at the following five rate 
equations: 


Initiation 

, <lm* , 

+ dt = kxltit 

a) 

Propagation 

dmi , * 

- ~~tt = femim* 

d£ 

(2) 

Termination 

dm* 7 0.2 

- = kz t m * 

dt 

(3) 

Inhibition 

di 7 * . 

- T; = him*i 
dt 

(4) 

Retardation 

- ^ = hr ni* a 
at 

(5) 


Using the steady-state approximation ( cf. 4) we can compute the stationary 
concentrations of m* by equalizing the rate of production to the rate of con¬ 
sumption: 

kiini = A* 3 ,m* 2 + hi\n*i + A-a r ra*a (0) 


From equation 0 the steady-state concentration of active centers becomes: 

* Aa mi 7 (fcimi) 2 . OJ 2 (/cimi) 3 

— ht ---; ;—, ^ + AKZl', 


h%i + hrU 


{hti + fc 3r «) 3 


(kzxi + h r a) b 


(7) 


This equation, together with equations 1, 2, and 4, can be used to compute 
three quantities, which can be directly compared with the experimental results: 
(a) the rate of disappearance 4 of the inhibitor, (6) the overall rate of the poly¬ 
merization, and (c) the number-average degree of polymerization. 

(a) According to equations 4 and 7, the consumption of the inhibitor 
is given by 


di _ , T fcimi / _ k Z t ki nil \ , 

d< 3t % i 4* fa r a\ (hti + h a a) 2 J 


( 8 ) 


During the inhibition period when no polymer is yet formed and termination 
and retardation not yet important, hti is large as compared with h r a, and the 
disappearance of the inhibitor becomes in first approximation 


di 
d t 


— kiTTLi 


(9) 


Integrating, we obtain 

i(t) = to — kimit (10) 

which shows that the length of the inhibition period—time at which the con¬ 
centration i of the inhibitor is zero—is proportional to io, the initial conccntra- 
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tion of the inhibitor. This is what was found by Foord and in the experiments 
presented in table 1. 

(6) The overall rate of polymerization is obtained by combining equations 
2 and 7: 


= fen J [l - frfc g- 1 + 

dt {fail + faa a L (fail + faad) 2 J 


(ID 


As long as there is inhibitor present in any appreciable concentration, the 
term fad will keep the overall rate of polymerization at a very low value. While 
the inhibitor is used up and retarder is formed, the term fa r a becomes more 
and more predominant in the denominator and the overall rate of polymerization 
is in first approximation inversely proportional to the concentration of the 
retarder a. Figures 1, 2, and 3 show in fact that the curve indicating the total 
amount of polymerized material as function of time rises more slowly after a 
longer inhibition period than it does after a shorter one. 

(c) The number-average degree of polymerization is given by the weight of 
polymer formed over the number of molecules of polymer formed. Since the 
number of polymer molecules can be counted as the number of nuclei formed, 
we have 


ts /• i\ ^2 mi m* fa * 

_ fa( fa mi Pj _ _ fat fa mi 1 

fa\faii + kfrCiL (fa ii + far a ) 2 J 

fa mi 

far a 

We should, therefore, expect that the number-average degree of polymeriza¬ 
tion of the material formed immediately after the induction period is inversely 
proportional to the amount of inhibitor originally added. Figures 4, 5, and G 
show that, in fact, the intrinsic viscosity of the polymer formed at that time 
rises more slowly in the cases when more inhibitor was initially added. The 
difference is most noticeable at 70°C. and becomes less distinct at higher tempera¬ 
tures. This may be due to the fact that at higher temperatures both fa and 
fat assume larger values and the second term in the bracket of equation 12 
cannot be neglected. 



SUMMARY 

1. The polymerization of styrene was carried out at 70°, 100°, and 130°C. 
with various amounts of benzoquinone as inhibitor. 

2. The length of the inhibition period is proportional to the amount of in¬ 
hibitor originally added. 

3. The overall rate of polymerization immediately after the induction period 
and the number-average degree of polymerization of the polymer formed are 
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approximately inversely proportional to the amount of inhibitor originally 
added. 

4. The activation energy of the initiation reaction is 27,000 cal. per mole. 
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In a previous paper (1), the high-temperature alpha modifications of both 
potassium and sodium sulfates were shown to be isomorphous with glaserite, hex¬ 
agonal form, observed at room temperature, of the solid solutions (K,Na) 2 S0 4 . 
However, some evidence in the literature seems to contradict this finding: a 
comparatively strong thermal effect was found in (K,Na) 2 S0 4 by R. Nacken 
(10) and by E. Jiinecke (6), in the range between 25 and 75 mole per cent po¬ 
tassium sulfate, with a temperature maximum of 470°C. at the composition 
KNaS0 4 . This effect was recently confirmed by Perrier and Bellanca (13), and 
was also observed by the writer. The heat evolution in cooling indicates a transi¬ 
tion of some kind in the concentration-temperature range in which the writer had 
assumed the existence of one crystal phase only, namely, that of hexagonal 
glaserite (figure I of reference 1). 

The previous investigators also have made the conspicuous observation 
that both above and below the transition temperature the solid solutions 
(K,Na) 2 S0 4 were of hexagonal symmetry. For this apparent discrepancy— 
occurrence of a thermal transition effect, but no change in crystal symmetry—the 
following explanation is advanced: It seems highly probable that we are dealing 
here with a second-order transition which, by analogy with sodium nitrate (8), 
ammonium chloride, and ammonium bromide (14), is most likely due to the 
transition from oscillation to rotation (Pauling (12)) of the S0 4 anions. 
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F. C. Kracek, E. Posniak, and S. B. Hendricks (8) have attributed the ab¬ 
normal increase (4.7 per cent), in sodium nitrate at elevated temperatures, of 
the hexagonal axis (c = 17.60 A. above, and c = 16.81 A. below the transition 
range), accompanied by a very small change in the other lattice dimension 
(a = 5.06 A. and 5.09 A., respectively), to the rotation of the nitrate ion around 
its trigonal axis. These authors have demonstrated the rotation of this anion 
by measurements of the expansion coefficient, of the specific heat, and of the 
intensities of the x-ray reflections at low and elevated temperatures. 

Similarly to the increase of the axial ratio in sodium nitrate, the ratio c/a 
was found in hexagonal glaserite KNaS0 4 , prepared by fusing together po¬ 
tassium sulfate and sodium sulfate, as 1.295 at room temperature, in full 
agreement with the figure determined by Gossner (3) for K8Na(S0 4 ) 2 , while an 
x-ray diagram of KNaS0 4 heated to approximately 750°C. yielded c/a = 1.38 
corresponding to an increase of 6.5 per cent. 

In the hexagonal high-temperature modifications of each of the individual 
alkali-metal sulfates in which c/a is 1.375 (potassium sulfate at 700°C.) and 1.35 
(sodium sulfate at 250°C.), the transition becomes a first-order transformation. 
The transition from rotation to oscillation is now accompanied by a slight change 
in crystal symmetry. The ratios c/a = 1.285 and c-\/3/5 = 1.295, at room 
temperature, for orthorhombic pseudohexagonal #-K 2 S() 4 are similar to the 
ratio c/a in hexagonal glaserite, and thereby show a similar drop from the ratio 
c/a = 1.375 of hexagonal «-K 2 S0 4 , as occurs in glaserite, (K,Na) 2 S0 4 . The 
structural constants of Na 2 S0 4 (III), into which a-Na 2 S0 4 (I) transforms on 
cooling below 239°C. (7), are not yet known. 

The behavior of the alkali-metal sulfates is thereby assumed to be quite analo¬ 
gous to that of a number of other salts, such as NH 4 N() 3 , KN0 3 , RbN0 3 , TINO 3 , 
KC10 4 , NaBF 4 , NaPFe, CaS0 4 , BaS0 4 , etc., the transitions of which with simul¬ 
taneous change of the rotational condition of the anions were studied by S.B. 
Hendricks, E. Posniak, and F. C. Kracek (5), and by Finbak and Ilassel (2). 
It is probable that in various compounds of the type A 2 BX 4 , isotypic with a- 
potassium sulfate, such as a-CaNaP0 4 , a-CaKP() 4 , a-Ca 2 Si0 4 (1), and 
a-Na 2 BeF 4 (11), rotation of the anion BX 4 also starts simultaneously with the 
(first-order) transition from the orthorhombic to the hexagonal form. The 
same is likely to hold for compounds A 2 BX 4 , such as Rb 2 S0 4 , Cs 2 S0 4 , K 2 Se() 4 and 
K 2 Cr0 4 , or Ag 2 S0 4 and Ag 2 Se0 4 , which are known to be isotypic with K 2 S0 4 
or Na 2 S0 4 even at room temperature. It is, how r ever, also possible that in some 
of the high-temperature modifications of these compounds rotation occurs only 
at temperatures considerably higher than their enantiotropic transition points. 
Its start may be spread out over a wider, or narrower, temperature range (second- 
order transition), which would also make it more, or less, difficult to recognize. 
This difficulty may, for instance, be the reason why neither Muller (9) 
nor Grahmann (4) observed a thermal effect in solid solutions of sodium and 
calcium sulfates. 

, Jn a-CaNaP0 4 the axial ratio c/a is 1.35 (1), which is an increase from c/a = 
$$1 and c-V3/6 = 1.27 in orthorhombic pseudohexagonal j8-CaNaP0 4 (1), of 
approximately 3 and 6 per cent, respectively. Transformation from the ortho- 
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rhombic into the hexagonal lattice occurs above 680°C., and although the hexag¬ 
onal form does not melt below 1400°C., it is likely that the PO4 -anions start 

rotating immediately with the formation of the hexagonal lattice. 

In CaKP0 4 the ratio c/a = 1.36 of the hexagonal a-form seems to be pre¬ 
served, or even slightly increased, in the orthorhombic ^-modification: c/a = 
1.39, c*V3/b = 1.335 (1). In this respect, therefore, CaKP0 4 behaves differ¬ 
ently from CaNaP0 4 and K 2 S0 4 . It seems further significant that a:-CaKP0 4 
can easily be prevented from transforming into 0-CaKPO 4 by quenching, while 
it is not possible to preserve in this way at room temperature the high-tempera¬ 
ture forms of the pure compounds a-K 2 S0 4 , <x-Na 2 S0 4 , or a-CaNaP0 4 . This 
different behavior was previously attributed to small amounts of impurities, 
such as Caa(P0 4 ) 2 , in CaKP0 4 (1). There may, however, also be that somewhat 
related cause: An “order-disorder” reaction at the transition point, in regard 
to the distribution of the two kinds of cations, different in size as well as electric 
charge, would require time-consuming migration, of the K+ and ions, as 
in the case of impurities or of added foreign substances and therefore may be 
easily suppressed by fast cooling. It is the speed of the “transformation” in 
glaserite, (K,Na) 2 S0 4 , preventing the preservation of the axis ratio 1.37 in 
quenching, which makes the assumption of an order-disorder reaction in that 
case unlikely. 

By the incorporation of foreign substances such as K 2 C0 3 , Na 2 C0 3 , CaS0 4 , 
Caa(P0 4 )2, etc., it has been possible to stabilize at room temperature the hexag¬ 
onal high-temperature lattices of CaNaP0 4 , CaKP0 4 , Na 2 S() 4 , and Ca 2 Si0 4 (1). 
It will be interesting to determine whether in these stabilized solid solutions a 
heat effect, and anomalous thermal expansion, can be found which would cor¬ 
respond to the second-order transition of glaserite, (K,Na) 2 S() 4 . It is sig¬ 
nificant, however, that no appreciable difference in c/a at room temperature has 
yet been observed in these solid solutions, when compared with the c/a ratio, at 
high temperatures, of the pure compounds A 2 BX 4 . Naturally this does not 
mean that no second-order transition occurs. Further investigation is needed, 
and may also throw some light on the mechanism of the excitation of the anion 
rotation in crystal lattices of this type. Quite generally, the preparation of 
solid solutions for the purpose of stabilizing high-temperature forms and studying 
them in regard to second-order transitions may be a simple procedure of sur¬ 
veying the occurrence of anion rotation in the high-temperature modifications of 
a large number of inorganic compounds in which the start of the rotation, in 
their pure state, may coincide with, and therefore be hidden in, a first-order 
transition. 


SUMMARY 

The thermal effect, observed in the solid solutions of potassium sulfate and 
sodium sulfate, which was found to be not accompanied by a change in crystal 
structure, is considered as a second-order transition, and is attributed to the 
excitation of at least one rotational degree of freedom of the S0 4 ion in the 
higher temperature range. Such rotation is assumed to occur in the hexagonal 
high-temperature modifications of other A 2 BX 4 compounds where its start may 
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frequently coincide with the change in crystal symmetry at the enantiotropic 
first-order transition points. 

The cooperation of Professor A. Reis, of Cooper Union, New York, and of 
Professor Lars Thomassen, University of Michigan, Ann Arbor, Michigan, in 
granting the use of their laboratory facilities for the preparation of a sample of 
glaserite, and of a high-temperature x-ray diagram, respectively, is gratefully 
acknowledged. 
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SIMPLE AND DIFFERENTIAL CRYOMETERS FOR MEASURING THE 

DEGREE OF PURITY AND THE FREEZING TEMPERATURES 
OF LIQUID OR MELTED SUBSTANCES 

W. SWIETOSLAWSKP 
Mellon Institute, Pittsburgh , Pennsylvania 

Received June 8, 1948 
BASIC CONSIDERATIONS 

The devices used for measuring the freezing temperatures of liquid or melted 
substances are ordinarily provided with a stirrer and the liquid with some 
amount of crystals is thoroughly mixed (2). The freezing curve shows the 
lowering of the freezing temperature with the increase of the amount of crystals. 
No direct measurements of the amount of the solid phase can be made in such 
devices (1). 

1 Senior Fellow, Multiple Industrial Fellowship on Tar Constituents, sustained by the 
J£oppers Company at Mellon Institute, Pittsburgh, Pennsylvania. 



SIMPLE AND DIFFERENTIAL CRYOMETERS 


591 


In the cryometers shown in figure 1 another method of measuring freezing 
temperature is used. This procedure is based on the principle that the liquid 
phase in the center of the apparatus (V) is in equilibrium with the solid phase 
which forms the tiny cylinder 1. In between that cylinder and the walls of the 



Fig. 1. Design of cryometers 
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apparatus a tiny layer of the liquid phase is formed by partial melting of the 
cylinder. These two layers, tiny liquid layer 2 and tiny cylinder wall 1, protect 
the liquid in V against any penetration or loss of heat from the liquid inside 
of the cryometer A (B or 0). No stirrer is employed and the temperature may 
be read and found still constant during a long period of time. 

During the formation of the cylinder the liquid in the cryometer is thoroughly 
shaken and the apparatus is immersed in a bath in which is maintained some 
lower temperature than the freezing temperature of the liquid. In order to be 
able to read the temperature established inside of the apparatus, one contact 
of the thermocouple is immersed in a small amount of mercury in tube 6. 

The following considerations indicate that no change in temperature may 
occur in the whole space V or in the vicinity of tube 6, because they are thermally 
protected by the two layers 1 and 2. In fact, after the large tube in which 
part A is fastened, as shown in figure 1, is placed in the cryostat with some 
higher or some lower temperature than the freezing temperature of the sub¬ 
stance, the only phenomena which may take place are a partial melting of the 
outside walls of cylinder 1 or a partial freezing of liquid layer 2. The tempera¬ 
ture changes in V and 6 may be expected after cylinder 1 is somewhere melted 
through or layer 2 is somewhere entirely frozen, so as to make it possible to 
exert the thermal influence of the temperature in the cryostat on that in V. 

CRYOMETERS 

Two kinds of cryometers may be applied for measuring the freezing tempera¬ 
tures of liquids or melted substances: a simple cryometer, C or B, and a dif¬ 
ferential cryometer, AiA* (figure 1). The first apparatus may be used if it is 
filled with some standard substance with a known freezing point or with a 
relatively pure substance. The differential cryometer is utilized where the 
substance under examination contains a large amount of contamination or if a 
mixture of two or more liquids or a solution of solid substances is getting at¬ 
tention. 

The method of operating a differential cryometer containing a liquid with 
large amounts, say 0.5 to 5.0 per cent, of impurities will now be described. 

First, the cylinder of solid phase should be formed. For this purpose the 
liquid should be supercooled and then the crystals obtained. This operation 
can be performed by shaking the apparatus and by bringing the surface of the 
tube A into contact with dry ice, liquid air, etc., in order to produce some amount 
of the solid phase. After the formation of crystals, the cr} r ometer should be 
heated so as to leave a very small amount of them. Then the apparatus is 
immersed in a bath with a temperature low enough to produce the cylinder of 
the solid phase. This process is carried out by shaking the apparatus every 
time after it is removed from the bath in order to observe the formation of the 
cylinder. After a tiny continuous wall of the cylinder is observed, the growing 
of the wall should be accompanied by thorough shaking of the cryometer. By 
inclining the cryometer sideways it is easy to estimate by eye the thickness of 
the wall or at least the amount of the liquid phase left unfrozen. If the wall is 
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too thick, it can be melted from within the apparatus by placing in tube 0 a 
glass rod heated to an appropriate temperature. If the wall has the proper 
size (for instance, if it is 0.3 to 0.5 mm. thick), the outside thin layer of liquid 
phase 2 should be formed by placing the apparatus for a short time in a bath 
with the temperature somewhat higher than the melting temperature of the 
substance. After these manipulations are completed, part A of the cryometer 
should be placed in a larger tube, fastened with stoppers 5 and 7, as shovcn in 
figure 1, and immersed in a cryostat maintained at a constant temperature as 
close as possible to the freezing point of the liquid. 



After some time, ordinarily 15 to 20 min., thermal equilibrium is reached 
between the liquid in V and the inside surface of the solid phase forming the 
cylinder, and then the freezing temperature t n of the liquid (figure 2) is deter¬ 
mined. This temperature is lower than that corresponding to the equilibrium 
of the liquid with an infinitesimally small amount of the solid phase. This 
circumstance does not play any r61e if the purpose of the experiment is to remove 
the impurities as far as possible and to determine the freezing temperature of a 
very pure (99.995-99.999 per cent) or a pure (99.95-99.99 per cent) substance. 

After the freezing temperature t a is determined, the larger protecting test tube 
is removed and that part of the apparatus is immersed in a bath at a temperature 
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sufficiently low to freeze the liquid. The eryometer is shaken vigorously and 
the walls of the cylinder grow in size. The freezing stops when about 90 per 
cent of the liquid is solidified. Next, the remaining mother liquor is transferred 
into another tube, A 2 , by inclining the eryometer. Then the freezing tempera¬ 
ture of the liquid in A 2 containing a large amount of contamination is determined 
in the same manner. 

Now the thick cylinder in Ai should be melted so as to leave a small amount 
of the solid phase, a small cylinder should be formed again, and the freezing 
temperature ti found in the same way as before. After this determination, 
once more a thick cylinder is formed. Then the mother liquor (about 10 per 
cent of the total amount) is transferred into A 2 and its freezing temperature 
< 2 , is determined. These operations should be repeated several times so as to 
have two series of figures: t a , fi, / 2 , / 3 , * 4 , etc., in part Ai, and t u h> < 3 > etc., in 
part A 2 of the apparatus. If the substance is pure after two or three removals 
of unfrozen liquid, the freezing temperatures become constant, for instance, 
U — 1 4 = t 6 . Such a result indicates that the impurities have indeed been 
removed and that the liquid remaining in Ai is pure. It can mean, however, 
that no further purification is possible by repeating the same operation, because 
the solid phase contains some of the impurities or because they are still present 
on the surfaces of and in the spaces among the crystals . 2 

In order to examine the purity of the substance left in Ai, the walls of the 
cylinder may be successively increased by depositing more of the solid phase, 
by very carefully shaking the apparatus. If no lowering of the freezing tempera¬ 
ture is observed, there is an indication that the liquid is pure. 

It is easy to understand that the freezing temperature of the mother liquor 
transferred from Ai into A 2 will be the lowest t[ after the first transfer and then 
it should increase after each transfer of the unfrozen liquid from Ai into A 2 . 
If the freezing temperatures t[, t% are plotted against the volume of the liquid 
in A 2 , a curve is obtained which starts at the point t[ < t a and which may end at 
t a , if the total amount of the liquid is transferred from Ai into A 2 . There is, 
however, no value in examining the total shape of the curve A 2 (figure 2). It is 
enough to reach such a degree of purity of the liquid in Ai that two consecutive 
transfers of the unfrozen liquid from Ai into A 2 will not produce any change in 
freezing temperature. After this state is reached, part Ai should be cut off, the 
liquid frozen entirely, high vacuum should be produced, and the eryometer sealed 
as shown in figure 1 (C). Now the apparatus may be used as a standard simple 
eryometer with the reference substance of a known freezing temperature. 

Such cryometers, one filled with water, another with pure benzene, are used 
in everyday practice for fixing the points 0°C. and +5.51°C. 

PURIFICATION OF p-XYLENE AND BENZENE 

In figure 2, two curves, Ai and A 2 , are presented to demonstrate how an 
Eastman p-xylene sample containing some impurities and some amount of water 

2 The eryometer may be modified so that the unfrozen liquid can be separated by centri¬ 
fuge; thus the number of freezing operations may be reduced. 
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was subjected to purification in a differential crvometer. r rhe percentages of 
the mother liquor removed were calculated, knowing the height of the liquid 
phase at room temperature. For this purpose both parts Ai and A 2 were pre¬ 
viously calibrated. Temperature ti on curve A 2 could not be determined be¬ 
cause the amount of the liquid in A 2 was too small. After four consecutive 
freezings and transfers of the unfrozen liquid, whereupon 38.2 per cent of the 
liquid was removed, the remaining liquid in Ai had a constant temperature 
13.20°C. zb 0.01°. Higher accuracy could not be attained because the limit 
of the accuracy with which the potentiometric measurement could be made 
was reached. The value agrees perfectly with that given in the literature. 
However, in order to avoid any error which could be associated with the second¬ 
ary phenomena which often accompany potentiometric measurements, the 
difference between the freezing temperatures of p-xylene and benzene was 
directly determined. For this purpose the contact of the thermocouple was 
transferred several times from the simple crvometer containing pure benzene 
into another with p-xylene (Ai). In this case two readings on the dial were 
used for calculating the difference between the two freezing temperatures. The 
difference 7.68°C. was found, which gives the value 7.08° + 5.51° = 13.19°C., 
accurate within zb0.01°t\ of the temperature found by determining directly 
the difference between the freezing temperatures of water and p-xylene. 

It should be emphasized that from both cryometers, one filled with benzene, 
another with p-xylene, the air was not removed, and that therefore small correc¬ 
tions could be made after the experiments were repeated in vacuum. 

Experiments were also conducted with pure and with purposely contaminated 
benzene. In the case of chemically pure benzene it was found that, after three 
successive removals of the unfrozen liquid, no change in freezing temperature 
was observable. After pure benzene had been contaminated with 0.35 per cent 
of ra-xylene, it was necessary to repeat the successive removal of the mother 
liquor four times in order to obtain a product of freezing point within 0.006°C. 
of that of pure benzene. Some of these experiments were carried out by using a 
Beckmann thermometer. For this work the cryometer of type C (figure 1) was 
employed. 


OTHER USES 

These differential cryometers may be utilized for many other purposes, such 
as for determining the freezing temperatures of binary and ternary eutectics and 
of mixed crystals. 

A SIMPLE CRYOMETER WITH ADDITIONAL SCALE 

The simple cryometer B illustrated in figure 1 functions in a similar way. The 
only differences are that cylinders of different sizes are successively formed and 
that, every time after the freezing temperature is determined, the volume of the 
remaining liquid phase is measured by turning the cryometer upside down. 

It is too early to suggest a scale enabling one to determine the degree of purity 
of substances by using for this purpose two curves similar to those presented in 
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figure 2. It seems, however, that at least the difference t n — t a = At may be 
considered as characteristic for the purity of the sample examined. The shape 
of curve A 2 , especially the lowest and several of the highest points, may also show 
the influence of contamination on freezing phenomena. For instance, after most 
of the contamination is removed from Ai, the mixture in At is diluted with 
practically pure substance. 

The observations made up to this time indicate that numerous typical cases 
should be examined before any standard figures for determining the degree of 
purity may be given (1). 


SUMMARY 

1. Simple and differential cryometers for determining the freezing tempera¬ 
tures and degrees of purity of liquid or miffed substances have been described. 
The freezing temperature is measured after an equilibrium is established between 
the liquid and the surrounding cylinder of the solid phase. The solid phase is 
protected against supercooling by a thin liquid layer formed in between the 
cylinder and the walls of the apparatus. 

2. In differential cryometers a thick cylinder of solid phase is formed after 
each freezing-point determination and the remaining liquor is transferred into 
another part of the apparatus where its freezing temperature is measured. 
After this procedure is repeated several times two curves may be established, 
one of which merges with the straight line perpendicular to the axis of tempera¬ 
ture and corresponds to the freezing temperature of the pure substance under 
examination. 

3. The degree of purity may be estimated by examining the shape of both 
curves. At present no conventional formula can be given for expressing the 
degree of purity of a substance before or after its crvometric purification. 
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THE KINETICS OF PHOTOGRAPHIC DEVELOPMENT BY 
HYDROXYLAMINE 1 
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The reaction between silver ions and hydroxylamine in acid and alkaline solu¬ 
tions and the reaction between various solid silver salts and hydroxylamine in 
alkaline solutions have been dealt with in previous publications (1, 3, 8, 10). 
The kinetic studies (1, 2) were carried out as part of an investigation of the 
mechanism of photographic development. The choice of hydroxylamine for 
this purpose was determined by the fact that its gaseous oxidation product per¬ 
mitted a marked simplification of the kinetic technique. 

The present paper deals with the reaction between hydroxylamine and the 
silver bromide grains of a simple commercial photographic emulsion, i.e., with 
development of the latent image and formation of photographic fog. The 
results, taken together with the previous work, support the interpretation of 
development as a catalyzed heterogeneous process taking place preferentially 
at the interface between the silver and silver halide (5, 6, 7). 

HYDROXYLAMINE AS A DEVELOPING AGENT 

Although hydroxylamine is a relatively unfamiliar developing agent, its de¬ 
veloping properties are not atypical. It yields somewhat lower contrast and 
lower emulsion speed than the simplest organic agents of its type. It is, how¬ 
ever, capable of producing relatively fog-free development of good quality. 
Satisfactory prints can be made on both chloride and bromide papers with 
hydroxylamine. It is not a practical developer for ordinary bromide film, but 
only because the nitrogen evolved during development disrupts the gelatin layer. 
Even this can be avoided by working at pH values of 11 or less, but then the 
time required for development becomes excessive for ordinary purposes. 

EXPERIMENTAL PROCEDURE 

The general experimental procedure was similar to that employed in previous 
work with hydroquinone (2). Oxygen-free solutions were used, and develop¬ 
ment was carried out at 20°C. ± 0.05° under an atmosphere of nitrogen. The 
photographic material was a normal motion-picture positive emulsion. Expo¬ 
sures were made on the standard Eastman type lib sensitometer, and the expo¬ 
sures, E y are in terms of meter-candle-seconds. Gamma refers to the slope of 
the straight-line portion of the curve obtained by plotting density, D, against 
log E (7). 

THE SILVER-DENSITY RELATIONSHIP 

The most convenient method of measuring the extent of development makes 
use of the optical densities of the sensitometer steps. For kinetic purposes, 

1 Communication No. 933 from the Kodak Research Laboratories. 
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however, it is important to know the amounts of silver formed. In the present 
investigation, simple relations were found between density and silver under 
most of the experimental conditions. Density, therefore, could be used as a 
quantitative measure of the progress of development. 

At constant exposure and vaiying degrees of development, a linear relation 
exists between log Ag and log D. This is illustrated by the plot in figure 1, 
which may be expressed by the linear equation: 

log Ag = 1.42 log D + Constant 

This is approximately the same relation as that found previously for develop¬ 
ment by hydroquinone under simple experimental conditions. The theoiy 
covering this relation has already been given (2). 



I + LOG X 10* 

Fig. 1 Fig. 2 

Fig. 1. Silver-density relation for constant exposure 


Fig. 2 . Effect of bromide on development by hydroxyl amine* O, R, pH = 10.55; 0, 
/?, pH * 9.96; X, 4/<, pH =* 10.55. 

The density-silver ratio did not vary greatly with exposure for a fixed degree 
of development, but the data show a definite trend. A plot of D /Ag against 
log E gave a substantially straight line. This is the same relationship which 
Sheppard reported (9) as holding for the same emulsion developed in certain 
conventional developing solutions. Data for hydroxylamine are given in table 1. 

KINETICS 

The rate of development above a pH of about 10.0 increases in a regular 
fashion with pH. Below a pH of 10.0, development of the silver bromide emul¬ 
sion was very slow, and changes occurred in the color of the reduced silver and 
in the density-silver relation. This change was accompanied by indications 
that a solvent action of the hydroxylamine was encroaching upon the normal 
development reaction. Data for the “normal development” range are given 
in table 2 for different amounts of excess bromide-ion concentration. Most of 
the data are for an exposure of log E = 1.45. Similar results were obtained for 
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other exposure values. Rates are given in terms of R = AD/At, where t is in 
minutes and the increment is taken at D = 0.80, and 1 ft, where t is the time in 
minutes required to attain a density of 0.20. (The column headed R' gives 
some rate values for D = 0.40 and log E = 0.85.) 

TABLE 1 

Density-stiver ratio for development by hydroxylatnine 
NH 2 OH, 0.01 M; pH, 10.8; development, 40 min. to gamma 1.22; Ag in terms of micromoles 
per circular area of 0.794 cm. diameter 


LOG E 

I ) 

Ag 

D /Ag 

1.75 

1 96 

1.03 

1 . 

1.90 

1.45 

1.74 

0 95 

1.83 

1.15 

1.34 

0.75 

1.78 

0.85 

1.00 

0.58 

1.72 

0 55 

0 635 

0 385 

1.65 


TABLE 2 

Effect of pH, hydroxylanune concentration, and bromide-ion concentration on rate of 

development 


pH 

Br“ 

NH 2 OH 

A’ 

; 1 // 

R ' 


M 

M 




9.96 

0 

0.04 

0.025 

0.10 


10 55 

0 

0.04 

0.058 

0 25 


11.90 

0 

0.04 

0.32 

0 84 


12.7 

0 

0.04 

0 80 

3.23 


9 96 

0.0002 

0 04 

0.021 

0 038 


10.55 

0.0002 

0.04 

0.051 

0.125 


10.55 

0 00067 

' 0.04 

0.044 

0.067 

0.025 

10.8 

0.00067 

1 0.04 

0 061 

0.100 

0 040 

11 9 

0.00067 

0 04 

0.253 

1 0 58S 

0 176 

12 3 

0 00067 

0.04 

0 40 

1 0 

0.28 

12 7 

0.00067 

0 04 

0.80 

2 7 

0.54 

10.8 

0.00067 

0.02 

0 039 | 

0.050 


10.8 

0.00067 

0.04 

0 067 j 

0 100 


10 8 

0.00067 

0.08 

0.112 ! 

0.196 


12.7 

0.00067 

0.0033 

0 140 

0 29 

0.102 

12.7 

0.00067 

0.005 

0.20 

0.43 

0.155 

12.7 

0 00067 i 

0.010 

0.32 

0.91 

0.22 

12 7 

0.00067 i 

0.020 

0.52 

1.5 

0.38 

12.7 

0.00067 

0.040 

0 80 

2.7 

0.54 


A plot of log R against pH yields a reasonably straight line with a slope of 
about 0.6. The slope increases somewhat at the lowest pH values. Likewise, 
a plot of log R against log [NH 2 OH] yields a line with slope 0.65 for a pH of 
12.7, and slope 0.75 for a pH of 10.8. These results imply that the active species 
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in the hydroxylamine developer is the ion, NH 2 0~, and that this ion reacts in 
the adsorbed state (Freundlich isotherm). The results are in complete agree¬ 
ment with previous findings for the catalyzed reduction of pure silver chloride 
precipitates (5). 

The l/t rates are complicated by the presence of an electrical barrier effect 
(5, 10), and the values given in table 2 show some raggedness. However, the 
general results indicate a weaker adsorption of hydroxylamine ion during the 
“induction period” of development. 

An analysis of the effect of excess bromide ion on the rate of development shows 
a linear decrease in R with increase in bromide-ion concentration (figure 2). 
The effect upon the 1/f rates, however, is relatively much larger at small bro¬ 
mide-ion concentrations. This is analogous to results obtained with simple 
hydroquinone developers, and may be explained on the basis of the electric 
barrier effect during the induction period. 

Sodium sulfite is a normal constituent of the conventional developing solution. 
When added in moderate amounts, its primary purpose is to retard the oxygen 
oxidation of the developing agent and to combine with the oxidation products 
(either of oxygen oxidation or of development) to form harmless substances. 
The oxidation products, if left to themselves, may have a marked effect upon 
the development kinetics (2) and may also produce stain. The two primary 
functions of sulfite in the conventional developer are absent in the case of a 
hydroxylamine developer. Hence, hydroxylamine is useful for a study of the 
secondary effects of sulfite in development, such as those resulting from the 
solvent action upon the silver halide. 

The addition of small amounts of sodium sulfite to a hydroxylamine developer 
had no measurable effect upon the rate of development or the character of 
development. Larger amounts produced a decrease in rate and, in extreme 
cases, a shift in the character of development completely to that of the so-called 
“physical” type. Apparently, the solvent action of the sulfite can isolate the 
development centers from the main body of the silver bromide if the develop¬ 
ment action at the silver-silver halide interface is too slow. Development in 
that case proceeds by way of solution of the silver halide, followed by catalytic 
reduction of the silver ions at the development centers. This catalytic reduction 
of silver ions adsorbed from solution onto silver nuclei is the probable mechanism 
of normal “physical” development. 

Table 3 gives data on the change in rate with sulfite concentration at pH = 
10.8 and a hydroxylamine concentration of 0.04 M. Evidently the decrease in 
rate is due primarily to the solvent action of the sulfite. Sodium sulfate, used 
in place of the sulfite, produced only a slight decrease in rate (column 3). A 
complete transition to physical development occurred between sulfite concentra¬ 
tions of 0.05 and 0.20. The transition region shifted to higher sulfite concen¬ 
trations with increasing hydroxylamine concentration. This is due to the 
increase in rate of the interface reaction. When hydroxylamine was used at a 
pH of 12.7, where development is relatively rapid, no transition was observed 
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even when the sulfite concentration was increased to 0.80 and the hydroxylamine 
concentration decreased to 0.005. 

Similar results were obtained when ammonia was added to the developer in 
place of sulfite. The transition in this case occurred at lower ammonia con¬ 
centrations than the corresponding sulfite concentrations. The observed de¬ 
crease in reaction rate caused by these two agents indicates a more rapid reaction 
at the solid silver-silver halide interface during normal development (absence 


TABLE 3 

Effect of sulfite upon hydroxylamine development 
NHsOH, 0.04 M; pH, 10.8; excess Br~ 5 0.00067 M 


SALT CONCENTRATION 


R (Na 2 SOj) 

; R (NasSC>«) 

M 

. 



0 

1 

i 

0.062 

1 0.062 

0.0025 

1 

0.063 

1 

0 010 

1 

0 062 j 

| 0.061 

0.050 

1 

0.055 

0.060 

0.100 


0.027 

0.059 

0 200 

i 

0.003 

0.057 


TABLE 4 

Effect of bromide and pH upon relative fog formation 


KBr 

DEVELOPED TO GAMMA = 0.80 

DEVELOPED TO D - 

1.5; log E - 1.45 


Fog at pH =» 

10.55 | Fog at pH * 12.7 

Fog at pH = 10 55 

Fog at pH * 12 7 

0 

0 J4 

0.42 

0.17 

0.40 

0.0002 

0.02 


0 02 


0.00067 

0.015 

0.21 

0.02 

0.19 

0.0020 

0.0067 

0 01 

0.01 

0 02 

0.01 



TABLE 5 




Hate \ 

s of initiation of fog at pJI — 12 7 


NHsOH concentration . . 

0.04 

; o 02 ! o oi 

! 0 005 0 0025 

t f in minutes 


| 0.25 

| 0.45 0 85 

: 1 70 3.30 


of solvent effect) than can be produced by the aid of even a strong solvent when 
development is proceeding according to the mechanism of the “physical” type. 

FOG PRODUCTION BY HYDROXYLAMINE 

Fog production on a comparatively insensitive, slightly ripened emulsion, such 
as the one used in this work, is likely to be initiated by an uncatalyzed reaction 
(4). In the case of silver chloride and bromide precipitates, the conditions 
which favor the uncatalyzed reaction relative to the catalyzed are, primarily, 
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•high pH values and low excess chloride or bromide concentrations. These are 
likewise the factors which favor fog formation during development by hy- 
droxylamine. 

The effect of bromide in suppressing fog relative to image density is particu¬ 
larly marked. Data are given in table 4 for development carried to equal gamma 
and to equal density. A comparison of the fog densities at pH values of 10.55 
and 12.7 likewise shows a definite increase in fog with pH for constant bro¬ 
mide excess. 

Probably the rate of the uncatalyzed reaction increases proportionally with 
the concentration of the hydroxylamine (1). The actual rate of fog formation 
in the visible region, however, will be complex. The silver formed by the 
initial uncatalyzed reaction will eventually form nuclei which can act as cata¬ 
lysts, so that the measured rates will depend upon both the catalyzed and the 
uncatalyzed reactions. Some tentative rates for the uncatalyzed initiation of 
fog were obtained by extrapolating fog curves to D — 0.01, and following the 
experimental procedure previously used for hydroquinone (4). 

Table 5 gives the times required to obtain a density of 0.01 (intensified as 
previously described) for various hydroxylamine concentrations. A plot of t 
against the reciprocal of the hydroxylamine concentration yields a straight line, 
which is evidence of a direct proportionality between the rate of initiation of the 
fogging reaction and the hydroxylamine concentration. However, the data 
must be regarded as of doubtful quantitative significance, even though they 
support the expected relation. 


SUMMARY 

The kinetics of development of an actual photographic emulsion by hydroxyl¬ 
amine were studied. The results are in accord with those of previous studies 
of the reduction of pure silver chloride and bromide. The catalytic mechanism 
of the latter reactions applies also to photographic development. Fog forma¬ 
tion is due primarily to an uncatalyzed reaction. 
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The photochemical processes in solid matter are little known except for the 
photochemistry of the alkali halides and the silver halides, which belong to the 
simplest types of solids. In the present paper the conditions are discussed 
under which more complicated and anisotropic lattices—cadmium iodide, cad¬ 
mium bromide, and antimony oxide—have been found to be light sensitive. 
These observations may contribute in gaining information about the reasons 
for photochemical changes in solids. 

THE DARKENING OF CADMIUM IODIDE (8) 

Cadmium iodide crystallizes in a layer lattice. The ions within the layers 
are strongly bound, while the layers are held together by relatively weak forces. 
Cleavage occurs, therefore, between the layers. Cadmium iodide is usually 
obtained in plates the base faces of which are parallel to the layers. The prism 
faces contain the layer ends. When carefully dried single crystals of cadmium 
iodide (area of base plane, 7-8 mm. 2 ; height of prism plane, 1-2 mm.) or pellets 
pressed from smaller crystals were irradiated with ultraviolet light the following 
changes were observed: 

(/) A darkening occurred when the surrounding atmosphere contained a trace 
of moisture, and when no oxygen was present. In the presence of oxygen a faint 
yellow color was developed. 

(2) The darkening started at corners or at accidental scratches of the crystals, 
and it spread from there over the entire prism faces. The final dark color was 
established within a few minutes. The base faces remained white even after 
several hours of irradiation. With the pressed pellets the darkening was more 
pronounced. the pressing the thin plates of cadmium iodide had been packed 
together with the base planes so that the cylindrical surfaces of the pellets con¬ 
tained only prism faces and darkened strongly upon irradiation. The top and 
bottom surfaces of the pellets containing the base faces showed a net of dark 
lines formed by the darkened edges of the crystals in the pellet. 

Evidently only the prism faces of cadmium iodide are able to adsorb water in 
such a fashion that photoproducts can be formed in the surface layer. The prism 
faces have probably stronger adsorption forces than the base faces, so that a 

1 Presented before the Division of Physical and Inorganic Chemistry at the 105th Meet¬ 
ing of the American Chemical Society, which was held in Detroit, Michigan, April, 1943, 



604 


G. COHN AND J. A. HEDVALL 


sufficiently polarized adsorption layer can only be established at the prism faces. 
This is supported by the observation that graphite adsorbs more strongly at the 
layer ends than on surfaces parallel to the layers (12). 

(3) Annealing of the crystals for 3 days at 150°C. did not affect the darkening. 
The light sensitivity is, therefore, a property of the stable lattice and is not 
caused by the occurrence of unstable structures which seem to be possible in 
cadmium iodide (9). 

(4) The darkening could be produced by irradiating with light of the wave 
length of 366 m ju. Strong absorption of solid cadmium iodide has been measured 
at 325 ra/x (4), but the absorption band extends presumably to considerably 
longer wave lengths. Hence the darkening appears to set in at the threshold 
of absorption. 

(5) The products of the photodecomposition could not be identified. Pre¬ 
sumably elementary cadmium and iodine are formed and remain adsorbed at 
the surface in close neighborhood. Any detachment by an analytical operation 
will cause immediate recombination. A slow fading of the darkening did 
already occur after some days at ordinary temperature. The color disap¬ 
peared immediately when the crystals were touched with water. Experiments 
were made in which the crystals were irradiated in the presence of a possible 
acceptor for iodine in the gas phase (ethylene, ethyl alcohol). This procedure 
failed, however, to enforce the darkening or to remove iodine from the solid phase. 

(6) The darkening could be delayed or even entirely prevented by adsorbing 
in advance substances on the cadmium iodide which are more strongly adsorbed 
than water. The most effective inhibitor was pyridine. 

THE DARKENING OF CADMIUM BROMIDE (8) 

Cadmium bromide crystallizes like cadmium iodide in a layer lattice but with 
a somewhat different arrangement of the ions in the layers (cadmium chloride 
structure (10)). Cadmium bromide was found to be insensitive to ultraviolet 
light under the same conditions under which cadmium iodide had been light 
sensitive. Apparently no stable photoproducts can be formed after the electron 
transition, because the adsorptive binding of the reaction product is not strong 
enough to prevent the regression to the unexcited state. The energy required 
for the excitation is considerably greater in cadmium bromide than in cadmium 
iodide. Strong absorption of solid cadmium bromide occurs first at 235 ium (4); 
presumably the absorption begins at longer wave lengths. 

Cadmium bromide can exist as another ‘‘modification” which can be obtained 
by exerting pressure on the crystals. By the stressing of the lattice a displace¬ 
ment of atoms in the layers is produced, and a structure results which can be 
considered as alternating between the cadmium chloride and the cadmium iodide 
structures (1). Cadmium bromide returns to its normal state when heated to 
about 200°C. The second modification of cadmium bromide was found to be 
light sensitive in principally the same way as cadmium iodide. The prism faces 
darkened upon irradiation with ultraviolet light in the presence of water vapor 
and in the absence of oxygen. The base faces were not affected. The coloring 
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was less pronounced than with cadmium iodide. Obviously cadmium bromide 
is able to yield stable photoproducts only in its unstable state. 

THE DARKENING OF ANTIMONY OXIDE (5) 

Antimony oxide exists in two forms. The stable form at room temperature 
is cubic and contains Sb 4 06 molecules (2). The form which is unstable at room 
temperature but which can be easily prepared is orthorhombic and contains 
continuous chains of antimony and oxygen (3). Upon exposure of antimony 
oxide to ultraviolet light the following changes were observed: 

(1) Of the two forms, only the unstable orthorhombic modification was light 
sensitive. 

(3) This modification darkened if it contained some adsorbed water. The 
light sensitivity was dependent on the conditions of preparation of the ortho¬ 
rhombic form. It occurred only when the water had been incorporated by a 
suitable precipitation of the oxide. Dry crystals in contact with moisture were 
not light sensitive. The sensitivity of the antimony oxide was lost when the 
substance was heated to about 250°C. in a high vacuum. At this temperature 
the adsorbed water was given off rapidly. The light sensitivity was not restored 
by exposing the heated crystals to water vapor for a week or longer. The 
presence of oxygen had no influence on the darkening. 

(3) The darkening did not fade at room temperature or when the crystals 
were kept over phosphorus pentoxide. The color disappeared instantaneously 
when the adsorbed water was removed by heating to 250°C\ in a high vacuum. 

(4) The threshold of photosensitivity coincided with that of absorption. The 
strong absorption of the orthorhombic form sets in at about 385 rn/i, while the 
absorption of the stable cubic modification begins first at 300 m/*. 

(5) Elementary antimony and oxygen could not be detected. Presumably 
the elements are formed in the photoreaction but remain adsorbed at the surface 
in neighboring positions. When they are detached by an analytical operation, 
recombination takes place. 

(6) Antimony oxide underwent another entirely independent photoreaction 
in contact with reducing substances like glycerol, hydroxylamine, etc. Under 
these conditions both the cubic and the orthorhombic modifications were reduced, 
each modification having a threshold of sensitivity which coincided with the 
threshold of absorption. In these reactions the number of reactive centers at 
the surfaces was larger than in the darkening of the orthorhombic antimony 
oxide alone. 


DISCUSSION 

From the observed phenomena the significance of certain factors becomes evi¬ 
dent which may also be of importance for the photodecomposition of other solid 
matters. 

1. The light sensitivity was dependent on crystallographic factors. It oc¬ 
curred either at certain presumably especially strongly adsorbing crystal faces 
or it required the presence of an unstable modification of the crystals. An 
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unstable crystallographic modification can be considered as the distorted form 
of the stable one having a greater energy content. By distorting a crystal 
lattice its chemical reactivity is increased and usually also its adsorptive power. 
The adsorptive binding after the electron transition which is necessary to yield 
photoproducts of finite life time might, therefore, be facilitated at the surfaces 
of the unstable modifications. 

2. The darkening required the presence of a foreign substance which was in 
all cases water. Since the water had to be adsorbed specifically in the reactions 
studied in order to obtain a photosensitive system, it either partakes directly 
in the chemical part of the reaction, or it at least facilitates the photodecomposi¬ 
tion by distorting the lattice and by stabilizing the new chemical arrangement. 

3. If it is assumed that the water is involved chemically, a reaction mechanism 
might be formulated analogously to the scheme proposed by Weiss (11) for the 
darkening of zinc sulfide by ultraviolet light. For example, in the case of 
cadmium iodide: 

I7urfuceHOH + nhv -> 1 + H + OH” 

Cdttn^ + H-* CcT + H + 

respectively: 

C(Ctfa« + 2H-» C'd + 2H + 

H + + OH"-♦ HOH 

In this scheme no statement is made regarding the primary process or the mecha¬ 
nism of the energy transfer from the absorbing to the reacting centers. The pos¬ 
sibility that quanta may be lost in the transfer is indicated by writing nhv. 

The water appears to be essentially involved in the process, and this might 
also be true in other photoreactions of solids in which the presence of water is 
necessary. The view that in the darkening of zinc sulfide the water acts merely 
as the solvent for a surface electrolysis (7) might, therefore, be inadequate. 

Further support for a*reaction mechanism which involves the direct chemical 
participation of the adsorbed foreign substance is given by the numerous observa¬ 
tions of photosensitized reactions in adsorbed layers (for the literature see 
reference 6). In these reactions the light is likewise being absorbed by the solid, 
but in the subsequent steps use is made of the absorbed energy for a chemical 
change in the adsorbed layer. Hence it will merely depend on the nature of 
the two components whether the net result of a photoreaction will be a chemical 
change of the crystal or of the adsorbed molecule. 

SUMMARY 

The conditions for the darkening of cadmium iodide, cadmium bromide, and 
antimony oxide by ultraviolet light are briefly described. The following factors 
are significant for the darkening of these substances: 

1. The photosensitivity is dependent on the crystallographic orientation of 
the surface, respectively on the presence of an unstable modification. 
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2. The water adsorbed by the crystal is essentially involved in the chemical 
process, indicating a relationship between photochemical changes of solids and 
reactions photosensitized by solids. 
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In 1882, Curtins (3) reported that solutions of zinc glycinate deposited part, 
but not all, of their zinc as zinc oxide on warming, and that the addition of 
sodium carbonate to solutions of zinc* glycinate precipitated only part of the 
zinc. He suggested that a complex of zinc and glycine existed in solution. 

Ley (10), in 1909, found that the conductivity of zinc glycinate solutions was 
very low and suggested that complex formation was responsible. 

The zinc electrode was used by Fuseya, Murata, and Yumoto (10), who 
found that the addition of glycine to a zinc sulfate solution markedly reduced 
the activity of the zinc ion. They interpreted this as being due to the forma¬ 
tion of a complex. Since electrophoresis experiments showed no migration of 
zinc to the anode, it was evident that the complex was not an anion. Their 
observations, made on only two mixtures of glycine and zinc sulfate, could give 
no additional information regarding the nature of the complex. 

Apparently without knowledge of any of these observations, Joseph (14), in 
1935, published the results of similar but more numerous experiments with the 

1 A preliminary report was read before the American Society of Biological Chemists, 
Boston, Massachusetts, April, 1942. 
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zinc electrode. Although he observed reduction of activity as great as 52 per 
cent, he did not consider the possibility of complex formation. 

It would appear quite obvious that the very existence of clear solutions of 
zinc glycinate, even though these contain an excess of glycine, is very good evi¬ 
dence that zinc glycinate is only very slightly dissociated, or, if one prefers, that 
zinc ion has a very low activity coefficient; for, at a pH at which the concentra¬ 
tion or activity of glycinate ion is appreciable, that of zinc ion must be very low. 

The present author (11) has shown that the effect of magnesium chloride upon 
the apparent second dissociation constant of glycine, reported by Simms (18), 
can be explained as being due to the formation of (MgOOCCH 2 NH 2 )* f , 
Mg(OOCCH 2 NH 2 ) 2 , or both. If a complex similar to either, or both, of these 
is formed with zinc instead of magnesium, the mixtures employed by Joseph 
must have been quite acid. Accordingly, such mixtures were prepared and 
found to be acid, a pH of 3.70 being obtained. While these experiments were 
the first we performed, they will be considered subsequently, because the effects 
observed in more alkaline solutions were more marked and were more suitable 
for mathematical treatment. 

These experiments led to the conclusion that zinc forms a series of complexes 
with glycine. Salts corresponding to several of these were prepared and anal¬ 
yzed (see page 619). 

Mixtures containing 0.0324 mole of zinc chloride and 0.120 to 0.4 mole of 
glycine could be brought to pH 10 to 12, depending upon the concentration of 
glycine, without the appearance of a precipitate. In view of the low solubility 
of zinc hydroxide, p K' 8P = approximately 16.4 (page 610), it is apparent that 
at pH > 8.0, the concentration of zinc ion could not have been more than 
3 X 10~ 6 . Accordingly, it was assumed that all the zinc was in the form of a 
complex. Calculations were then made of the “excess sodium hydroxide” 
([Na + ] - [OH~] - [H 2 NCH 2 COCr]) per atom of zinc. 

Inasmuch as this was only a preliminary experiment, the concentration of 
glycine ion was calculated from p K* = 9.687, which was obtained from the 
formula of Bjerrum and Unmack (1), 

p Ki = 9.779 - 0.504 Vm + 0.67 M 

and checked by our own observations for = 0.0972, that due to the zinc chlo¬ 
ride alone. 

It was first assumed that but one complex was formed, and that this contained 
but 1 mole of glycine Calculations based upon this assumption were found to 
give absurd results, the “excess sodium hydroxide” per mole of zinc rising to a 
maximum and then diminishing, with increasing pH. The same was true if it 
was assumed that the complex contained 2 moles of glycine. This may be seen 
from the figures given in table 1, under the heading 0.120 M glycine. The figures 
obtained when the same hypothesis was applied to the data obtained with 
higher concentrations of glycine are not presented, but they showed a more 
marked rise and subsequent fall. However, when it was assumed that the 
complex might contain 3 or 4 moles of glycine per zinc atom, much more con- 
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sistent results were obtained. As is shown in the remainder of table 1, the 
former assumption (glyeine/zine = 3) led to a maximum of 3 moles of “excess 
sodium hydroxide” per zinc atom, but, with the highest concentrations of glycine 
used, to a subsequent fall that seems greater than can be accounted for by 
experimental error. 

That this fall is not due to an error in the choice of p K* is evidenced by the 
following considerations: If the complex formed contained only 3 moles of glycine 
and had a single negative charge, corresponding to “excess sodium hydroxide” 
= 3, fi at pH 10.77 would equal [Na f ], or 0.37 M. Extrapolation from the 
formula of Bjerrum and Unmack (see page 608), for which they claim validity 
only up to 0.1 M, yields p/v 2 = 9.715. Our own observations in mixtures of 

TABLE 1 

Titration of mixtures of zinc chloride and glycine with sodium hydroxide 
Total zinc, 0.0324 M: chloride ion, 0.0651 M 


0.120 M glncinl ' 0 200 M glycine | 0 300 M GIACINL j 0.400 M fclycine 


NaOH 

pH 

Excels 
NaOH 
per Zn 

pH 

Excess NaOII 
per Zn 


Excess NaOH 
per Zn 

pH 

Excess NaOH 
per Zn 

M 

* 

t 

* 

X 

§ 

* 

t 

§ 

* 

X 

§ 

0 0410 

6 40 

1.26 

6 15 

1.20 

l 26 

5.90 

1.26 

1.26 




0.0821 

8 55 

2.43 

8.10 

2 44 

2 47 

7 83 

2 43 

2.45 

7 70 

2 43 

2 44 

0.0948 

9.07 

2 59 

8 43 

2.75 

2.80 







0 1030 



8 70 

2 87 

2.96 

8 48 

2.80 

2.86 

8 33 

2.78 

2 82 

0.1236 

10.33 

2 41 

9.18 

3.05 

3.29 

8.85 i 

3 01 

3.13 

8 72 ' 

2.92 

3.01 

0.1648 



9.88 

3 30 

3.69 

| 9.38 

3.00 

3.31 

9 15 

2.97 

3.19 

0.2472 




1 


10.12 

3.04 

3.77 




0.2884 

0.3296 


! 




10 85 

3.01 

3.95 

10.24 

1 

2.85 

3.62 

0.3708 


1 ... . 1 


II 




j 

10.77 

i 

2.78 

3.70 


* Corrected for error of glass electrode due to sodium, 
f Assuming that each zinc atom combines with 2 moles of glycine, 
t Assuming that each zinc atom combines with 3 moles of glycine. 

§ Assuming that each zinc atom combines with 4 moles of glycine. 

glycine and sodium hydroxide, with and without the addition of potassium 
chloride, gave pA^ = 9.74 at y = 0.37. In order to make “excess sodium hy¬ 
droxide” equal 3 per zinc atom at pH 10.77, p/vi would need to be 9.84. 

The assumption that the complex might contain 4 moles of glycine per atom 
of zinc led to a regular increase in the “excess sodium hydroxide” per atom of 
zinc to a value that approached 4. 

Since, in the preliminary experiments at pH 4.3 or less, there was no indica¬ 
tion of the formation of a complex containing more than 1 mole of glycine per 
zinc atom, whereas, at pH 10 or 11, there seemed to be 4 moles of glycine per 
zinc atom, it seemed reasonable to make the simplifying assumption that the 
number of protons dissociable from a complex of zinc ion and glycine would 
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equal the number of glycines in the complex. We have chosen to formulate 
these as combinations of neutral glycine with zinc in its various possible charged 

OH O- 

states, viz., Zn ++ , Zn(OH) + , Zn(OH) 2 , ZnO , and ZnO~, and containing 1,1,2, 
3, and 4 glycines, respectively. This is not to deny the existence of other com¬ 
plexes; in fact, the isolation of crystalline salts (see page 618), apparently derived 
from such other complexes, would indicate that the latter are also present in 
certain solutions. Our assumptions merely mean that under the particular 
conditions wc employed, the concentration of such other complexes was neg¬ 
ligible. 

In order to simplify the presentation, the postulated complexes have been 
designated as 

G, (ZnOOCCHjNHs) ++ ; M, (Zn(OOCCH 2 NH 3 )OH) + ; 

( OH\ ( O \- 

N, \Zn(OOCCH 2 NH 3 ) 2 OH/; R, \Zn(OOCCH 2 NH 3 ) 3 OH/ 

From the mass law constants: 

K 0 = [Zn ++ ][OOCCHjNHs]/ [(ZnOOCCHjNHs) ++ ] 

K 3 = [aH + ][(ZnOOCCH 2 NH 3 )OH + ]/[(ZnOOCCH 2 NH 3 ) ++ ], etc. 
there have been derived: 

log Co = p[Zn ++ ] + p[OOCCH 2 NH 3 ] - p[G] 
log C M = p[Zn ++ ] + p[OOCCH,NH 3 ] + pOH - p[M] 
log C N = p[Zn +_t ] + 2p[OOOCH 2 NH 3 ] + 2pOH - p[N] 
log C R = pOn(OH) 2 + 3p[OOCCH 2 NH 3 ] - pH - p[R] 

P K' 3 = pH + p[M] - p[G] 
p K\ = pH + p[N] - p[M] - p[OOCCH 2 NH 3 ] 
pA's = pH + p[R] - p[N] - p[OOCCH 2 NH 3 ] 

and 

a = K,/ H + ; ft = K'j H + 

In order to obtain data from which the association constants of the postulated 
complexes might be calculated, solutions of zinc glycinate were prepared and, 
with or without the addition of glycine and of hydrochloric acid (or of sodium 
hydroxide), were allowed to stand for at least 24 hr. After determination of 
the pH with the Coleman glass electrode, standardized against Walpole acetate 
buffer at pH 4.66, the solutions that had deposited a precipitate were filtered 
and analyzed for zinc and glycine. The analyses showed that the precipitates 
carried with them no appreciable quantity of glycine. [Zn ++ ] was then calcu- 
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lated from p K w = 13.9 and pX* pZ n(OH) 2 = 16.35 and subtracted from [total Zn]. 
The difference was present as one or more of the complexes, 
p Ki was calculated from the formula of Bjcrrum and Unmack (see page 608). 
The choice of a value for [Zn 44 ][aOH~]“ presented certain difficulties, de 
Wijs (20), from mixtures of zinc nitrate and ammonium hydroxide containing 
6.04 and 6.27 X 10“ 2 moles of total zinc, obtained the values 7.5 and 7.3 X 10~ 17 
for the stoichiometric ion product. Dietrich and Johnston (5), from the e.m.f. 
of the cell 


Zn :Zn(OH) 2 : mNaOTI: HgO: Hg 

obtained [aZn 44 l[aOH~f = 2.97 X 10“ 17 at m = 0.075, 3.58 X 10“ 17 at m = 
0.361, and 3.44 X 10“~ 17 at m = approximately 1. The average of these and of 
two other determinations made at intermediate values of m was 3.33 X 10“ 17 . 
Kolthoff and Kameda (15), from the pH at which sodium hydroxide produced 
a trace of precipitate in a solution of m zinc sulfate and from the values for 
[aZn 44 ] given by Bray (2), obtained values for [aZn 44 ][aOII~f declining from 
4 X 10~ 18 at ra = 0.01, to 1.0 X 10‘ 18 at m = 0.25. They found [cZn 44 ][aOHl 2 
to be much more constant, giving 9.5 X 10“ 18 at m = 0.01, 10.9 X 10” 18 at 
m = 0.20, and 9.9 X 10“ 18 at m = 0.25. The average was 10~ 17 . They used 
p K w at 25°C. = 14.00. If this is changed to 13.90, as used by us, pK' sp be¬ 
comes 16.80, instead of 17.00. Hagisawa (12) performed experiments similar 
to those of Kolthoff and Kameda, but he also analyzed the precipitate produced. 
He claimed that, if the concentration of zinc sulfate was greater than 0.0074 M y 
the precipitate had the composition ZnS 04 * 3 Zn( 0 H) 2 , but if the concentration 
was 0.0005 M, the precipitate was Zn(OH) 2 , and its solubility product, appar¬ 
ently the stoichiometric product, was 3.4 X 10~ 16 . 

This work is available to us only in the form of an abstract. However, it is 
obvious that Hagisawa could not have analyzed the precipitate if only a trace 
was produced. Perhaps he added the full equivalent, or more, of sodium hy¬ 
droxide. At any rate, his product is so much greater than that reported by 
others that it must be regarded as probably erroneous. 

We have chosen to use the average of the values reported by de Wijs and by 
Kolthoff and Kameda, both of which are stoichiometric products, obtained at 
concentrations not greatly different from those present in those of our experi¬ 
ments for the interpretation of which the product [Zn 44 ][aOH~f was used. 

Any change in the value of [Zn 44 ][aOH~] 2 will, of course, produce a corre¬ 
sponding change in the values for log U M and log C N calculated therefrom. How¬ 
ever, the changes in [M], [N], and pA "4 and pK[ are comparatively slight 

In the pH range 7.69 to 8.67, obtained with mixtures of zinc glycinatc and 
glycine, or hydrochloric acid , or both (table 2), it was assumed that only M andN 
were present. [G] must have been inappreciable, for, as we shall see presently, 
p Kz s= 4.0. [Total glycine] was so low as to preclude the existence of R. [Ml 
was first calculated at [total anions] — 2[Zn 44 ] and then [Xj as [total Zn] — 
[Zn 44 ] — [M]. As a first approximation, all the glycine was assumed to be free. 
After [M] and [N] had been calculated, the sum of [M] + 2[X] was subtracted 
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from [total glycine] and the calculation was repeated. This changed the values 
of [M] and [N] but not that of [free glycine]. Therefore no further correction 
was necessary. As may be seen from table 2, the values for the various con¬ 
stants are in quite satisfactory agreement. 

The calculated value of 

p K'i = 5.64 = [aH + ][N]/[0()CCH2NH3][M] 

TABLP] 2 


Data obtained from mixture of zinc glycinate, glycine t and hydrochloric acid 


EXPERIMENT 

NO. 

[total 

Zn] 

X10* 

[total 

glycine] 

X10* 

[Cl] 

xio* 

pH 

i 

[M] 

xio* 

IN] 

xio* 

LOG Cj£ 

LOG C]SJ 

p< 

1 

0.976 

4.00 

0.604 

8.05 

0.61 

0.34 

9.87 

18.04 

5.73 

2 

1 30 

4.00 

1.21 

7.69 

1.01 

0.18 

9 73 

17.78 

5.80 

3 

0.734 

4.00 

0 

8.60 

0.17 

0.56 

9 88 

18.30 

5.48 

4 . . 

0.810 

5.00 

0 

8.55 

0.20 

0.61 

9.78 

18.08 

5.59 

5 . 

1.35 

6.00 

0 

8.67 

0.26 

1.09 

10.02 

18.36 

5 56 

6 , 

0.928 

5.00 

0.223 

8.37 

0.36 

0.57 

9.85 

18.06 

5.69 

7 . .. 

1.09 

5.00 

0.446 

8.20 

0.51 

0.57 

9.82 

18.03 

5.69 

Average (calculated from averages of Cm, Cn, and K\) 

9.84 

18.06 

5.64 


TABLE 3 


Data obtained from mixtures of zinc glycinate , glycine , and sodium hydroxide 


EXPERIMENT 

NO. 

[total 

Zn] 

X10* j 

[total 

glycine] 

xio* 

[NaOHJ 

xio* 

! 

pH 

! 

[N] 

xio* 

[R] 

xio* 

LOG Cn 

LOG Cr 

P*5 

1 


0.716 

5 0 

0.50 

8.95 

0.72 

0 

18.22 



2 


2.31 

10 0 j 

1.00 

9.00 

2.08 

0.23 

18.39 

10.79 J 

7.60 

3 


3.68 

13.0 

1.00 

8.91 

3.33 

0.35 

18.55 

11.00 

7.55 

4 


6.18 

20.0 

2.01 

9.00 

5.19 

0.99 

18.54 

11 07 

7.47 

5 


7.42 

25.0 

5.02 

9.13 

4.17 

3.25 

18 52 

11.49 

7.03 

6 


12.4 | 

40 0 

10.04 

9.50 

6.37 

6 03 

18 55 

11.29 

7.26 

7 


14.5 i 

50.0 

10.04 

9.28 

8.80 

5.37 

18 17 

10 68 

7.49 


Average (calculated from averages of Cn, 
spectively) 

Cr, or K 5 , re- 

18.38 

10.97 

7.35 


means that the midpoint of the change from [M] to [X] is at pH == 5.64, in solu¬ 
tions containing molar isoelectric glycine. In more dilute solutions, the pH of 
this midpoint is greater, and with 0.01 molar glycine it is 7.64. Therefore, in 
calculations from the experimental data summarized in table 3, in which the 
total glycine varied from 0.01 to 0.04 M and the pH from 8.9 to 9.5, it was as¬ 
sumed that no appreciable quantity of M was present and that 

[total Zn] - [Zn ++ ] = [N] + [R] 

[R] was calculated as 

[NaOH] - [oOH] - [OOCCH*NHr] 



COMPLEXES OF ZINC AND GLYCINE 


613 


As a first approximation, 


[OOCCHjNH?] = ([total glycine] - 2([total Znl - [Zn' + ]))(K' i /K' i + [oH + ]) 

After first approximations to [N] and [E] had been calculated, [total glycine] was 
corrected for glycine bound as [N] and [R] and the calculations repeated until 
there was no further change. 

As may be seen from table 3, the values for the various constants are quite 
consistent, but those for log (7 N are not quite the same as are presented in table 2. 
The difference may be due to the difference in concentration, which, expressed 
as ionic strength, was not over 0.003 in any of the experiments of table 2 but 
varied from 0.022 to 0.102 in those of table 3. 

In the calculations from the results obtained with solutions of zinc glycinate 
alone, it was necessary to consider the possibility of the existence of all three 
complexes, M, N, and R. Using the values p K' t = 5.64 and pl\& = 7.35, [N] 
was calculated using the equation 


[total Zn] = [Zn ++ ] + X ( 1 + 


H + 

A'UOOCCHjNHs] 


+ 


AlfOOCCHsNH, 

H+ 


') 


As a first, approximation, 

[OOCCH2NII3] = [total glycine] ■{[al\ + ]/K' i + [all 4 l) 


After calculation of [N], [M], and [R], the amount of glycine contained in these 
substances was subtracted from [total glycine] and the calculation was repeated. 
The total bound glycine remaining unchanged, no further correction was neces¬ 
sary. 

As may be seen from a comparison of table 4 with tables 2 and 3, the values 
for log U M , log C s , and log C,t agree quite well. 

It has not been possible to prepare dilute mixtures yielding a precipitate of 
zinc hydroxide yet containing enough glycine to ensure the formation of 
O 

(Zn(000CH 2 NH 3 )40) - ". Nor can we hope to secure data proving the existence 
of this complex from measurements of the pH of solutions containing zinc 
chloride or zinc glycinate, glycine, and sodium hydroxide, for examination of 
table 1 shows that the proton dissociation connected with the entrance of the 
fourth mole of glycine takes place in the same range of pH as does the formation 
of glycine anion. However, the crystallization of the disodium salt correspond¬ 
ing to the postulated complex is fairly good evidence that the complex does exist 
in concentrated solutions. 

Before considering the data obtained at pH< 7, it is necessary to consider 
the effect of zinc chloride upon hydrochloric acid. According to Hildebrand 
and Bowers (13), these substances combine, quantitatively, in 0.0044 M zinc 
chloride to form a weak acid, HZnCU, the Kn+ of which is 4 X 10 4 . We found 
that the zinc chloride solutions we used required more hydrochloric acid between 
pH 5.0 and 3.0 than did a potassium chloride solution of three times the molar 
concentration. However, the differences were quite small. At pH 4.0 to 3.4, 
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with [Zn] ranging from 0.0194 to 0.0972 M, the differences were only from 2 to 
7 X 10“ 4 M. We believe that these differences may have been due to the acid 
required for the suppression of the hydrolysis of zinc ion to form Zn(()H) + . 
Below pH 2.8, there was no difference between the titration of zinc chloride and 
that of potassium chloride. We are unable to furnish a satisfactory explanation 
for the observations of Hildebrand and Bowers, but the one advanced by them 
is obviously incorrect. 

In solutions of pH < 4.3, in which, since p K[ = 5.64, the formation of N 
(the complex with 2 moles of glycine) may be neglected, we found that the 
assumption of only one complex, (Zn(OOCCH 2 NH 3 )OH) + , led to unsatisfactory 
results. The values for log C M , instead of being approximately 10, as in the 
experiments summarized in tables 2 and 4, rose from approximately 9 at pH = 
4 to 12 at pH = 2. The most plausible assumption was that some other com¬ 
plex, presumably (ZnOOCCH 2 NH 3 ) ++ , (G), was also formed. Moreover, com¬ 
parison of Joseph’s data for the inactivation of zinc ion by glycine with those 


TABLE 4 

Data obtained from hydrolysis of zinc glycinate 


EXPERIMENT 

(total 

Zn] 

[total 

glycine] 

pH 

[M] 

[N] 

[R] 

LOG 

IOC. Cjsf 

LOG Cr 


xio« 

xio* 


xio» 

xio» 

X10» 

1. 

1.82 

8 0 

8.50 

0.41 

1.33 

0.08 

9.91 

18 17 

10.83 

2 

2.37 

10.0 

8.45 

0.50 

1.75 

0.12 

9.87 ! 

18 13 

10.78 

3 

4 56 

16 0 

8.40 

0.83 

3 45 

0.28 

9.92 

18 18 

10.79 

4 

6.78 

20 0 

8.40 

1.23 

5.13 

0.42 

10.10 

18.37 

11.04 

5 

! 10.1 

30.0 

8.30 

1.62 

7.76 

0 73 

9.95 

18.21 

10.91 

Average calculated from averages of Cm, 
SDectivelv . 

Cn, or Cr, re- 

9.94 

18.21 

10.86 


calculated from our determinations of pH showed that the inactivation of zinc 
ion, in the more concentrated solutions at least, was greater than could be 
accounted for upon the assumption that the effect upon the pH was due solely 
to the formation of the complex with one positive change. Accordingly, it w r as 
assumed that all the inactivated zinc was combined with glycine. fM] was 
taken as 

[aH + ] + ([remaining glycine]aH + /(^l + aH + )) 

and [G] was obtained by difference, p K* = pH + log [G]— log [M] was then 
calculated and found to be 4.16, 4.02, 4.01, and 3.97. The first of these values 
was discarded as being most likely to be in error, and 4.00 was adopted as being 
sufficiently close to the true value to suit our purpose (table 5). 

The applicability of Joseph’s data may be questioned. In the first place, 
those of his measurements winch w r e used for the calculation of p K[ were made 
at 1°C. instead of at 23-25°C. However, in solutions containing 0.01 M total 
zinc, in which the inactivation of zinc ion was greatest, Joseph found little 
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difference between the results of measurements made at 1°C. and those made 
at 25°C. Therefore, it is probable that the effect of temperature was no greater 
in the more concentrated solutions in which the proportionate inactivation of 
zinc ion was less. Another source of error is the unknown nature of Joseph’s 
zinc chloride solutions. Those are described as having been prepared by “the 
action of HOI upon O.P. Merck’s zinc dust”. If this means that solutions of 
hydrochloric acid of molality varying from 0.01 to 0.5 were treated with an excess 
of zinc, the resulting solutions contained varying proportions of zinc, and chloride 
ion. Clear dilute solutions (0.01 M), as is well known, contain an excess of 
chloride ion. More concentrated solutions, if the zinc dust was allowed to 
reach equilibrium with the zinc chloride formed, would be expected to contain 
an excess of zinc. Driot (7) found that a solution of 8.22 g. of zinc chloride per 
100 g. of II 2 0 (0.6 molal) dissolved 0.0137 g. of zinc oxide (0.0017M), and that 
more concentrated solutions dissolved a greater amount of zinc hydroxide, 

TABLE 5 

Mixtures of zinc glycinatc , glycine , (zinc oxide), and hydrochloric acid 

[HOI] - 2[Zn] 

Calculation of = pFI + log [ZnOOCCH 2 XII 3 )^]/|ZnOOCCH s NH,OH) + ] 


[Total Zn], molal 

0.1 

°.i ; 

0.5* 

0.5 

(Total glycine], molal 

0.5 

1 1 0 1 

0 5 

1.0 

P K\ 1 

2 46 

j 2 46 1 

2.37 

2.37 

pH | 

4.15 

4 n \ 

3 70 

3.70 

[Inactivated Znlf, molal 

0.0211 

j 0 0370 1 

0 0705 

0 1285 

[(ZnOOCCll 2 NH»011) + ] = ! 

[HOOOCHjNlin + [nil'], molal i 

‘ 0 0104 

| | 

0 0206 | 

0 0225 

0.0449 

[(ZnOOCCH 2 N 11 j)' M ], molal 

0.0107 

! 0.0164 ! 

0.0480 

0.0836 

pKs ... | 

4.16 

[ 4.02 j 

4.01 

3.97 


* Zinc oxide used to furnish 0.5 mole of total zinc, 
t Calculated from data of Joseph (4). 


As it happens, the large excess of glycine employed in most of Joseph’s experi¬ 
ments buffered the mixtures, so that the effects of such varying proportions of 
Zn:Cl were probably below the limit of e^ror of our observations. In the ex¬ 
periments with the more concentrated solutions, used for the calculation of pA 3 , 
the variation in Zn:01 was too slight to affect the results. 

The value pA”i = 4.00 was then applied to the data obtained with mixtures 
of zinc glycinate, glycine, and sufficient hydrochloric acid to prevent the appear¬ 
ance of a precipitate. For such solutions, we may write 

a = (HC1 added - 2[total Zn]) = ([aH + ]/([alI + ] + K[)) ([total glycine] 

- [M] - 2[N] - [G]) - [M] - 2[N] + [oH + ] 

from which, 

[(1 + 20[OOCCH 2 NH3l) + ([«H + l/([aH + ] + Aj))(l + 20[OOCCH 2 NH,] + 
l/a)][Ml = ([aH + ]/([oH + ] + Aj) [total glycine]) + [aH + ] - a 
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[G] and [N] may then be calculated by multiplying [M] by 1 /a and 
0 [OOCCH 2 NH 3 ], respectively. If [N] is appreciable, the term 0 [OOCCH 2 NH&] 
must be corrected for the glycine bound and the calculation must be repeated. 


TABLE 6 

Mixtures of zinc glycinaie , glycine , and hydrochloric acid 


HCl 

ADDED 

pH 

P^l 

INI 

X10» 

[Ml 

Xioi 

1 IGI 

xio» 

LOG 

Mt 



[Total Zn] 

* 0.1 M; [Total glycine] =* 0.2 M 


0.0792 

6.45 


31.0 

58.6 

0 

9.35 

0.088 

0.1396 

5.70 

2.46 

7.6 

45.2 

0.9 

9.03 

0.187 

0.2000 

4.08 

2.46 


45.5 

3,8 

9.25 

0.296 

0.2604 

2.78 

2.46 


0.88 

14.7 

10.0 

0.359 

0.3208 

2.25 

2.45 


0.21 

11.8 

10.2 

0.421 


[Total Zn] * 0.1 M; [Total glycine] = 0.5 M 


0.0792 

0.1396 

0.2000 

0.2604 

0.3208 

0.3812 

5.85 

5.25 
4.15 

3.25 
2.92 
2.65 

2 41 
2.46 
2.46 
2.46 
2.45 
2.45 

34.4 

8.5 

51.7 

44.3 

9.78 

5.04 

1.55 

1.44 

0.7 

2 5 

6.9 

28.3 

18.6 

32.2 

9.06 

9.00 

9.24 

9.9 

9.8 

10.0 

0.093 

0.189 

0.290 

0.358 

0.419 

0.479 



[Total Zn] 

- 0.1 M; 

[Total glycine] *1.0 M 


0.0792 

5.60 

2.41 

38.5 

44.8 

1.1 

8.8 

0.096 

0.1396 

5 02 

2.46 

10.2 

42.6 

4.2 

8.9 

0.187 

0.2000 

4.12 

2.46 

0.6 

19.5 

14.8 

9.3 

0.285 

0.2604 

3.60 

2.46 

0 

6.1 

15.2 

9.2 

0.355 



[Total Zn] 

* 0.5 M\ 

[Total glycine) * 0.5 M 


1.000 

3.70 

2.37 


19.9 

39.7 

9.24 

1.48 



[Total Zn] 

- 0.8 M; 

[Total glycine] * 1.0 M 


0.778 

4.85 

1 2.37 

22.0 * 

180.0 

25 

9.00 

1.08 

0.867 

4.55 

2.37 

8.0 

123 

35 

9.00 

1.24 

1.000 

3.70 

2.37 


39.6 

79 

9.29 

1.46 

1.093 

3.07 

2.37 


28.6 

244 

10.2 

1.59 

1.199 

2.72 

2.37 


15.5 

297 

10.4 

1.74 

1.246 

2.63 

2.37 


18.0 

257 

10.2 

1.79 

1.310 

2.50 

2,37 


8.0 

252 

10.5 

1,86 

1.357 

2.35 

2.37 


6.5 

292 

10.5 

1.94 

1.449 

2.18 

2.37 


4.0 

263 

10.5 

2.02 

1.559 

1.99 

2.37 


2.1 

214 

10.4 

2.14 


* Determined in mixtures of glycine and hydrochloric acid, 
t Calculated upon the assumption that N, M, and G were formed. 


The results of these experiments and calculations are reported in table 6 . 
The values for p K[ were obtained from our own observations on solutions of 
glycine, hydrochloric acid, and potassium chloride. From pH 6.45 to 3.6, the 
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values for log C M are quite consistent.. However, they are somewhat lower 
than those obtained in previous calculations (tables 2 to 4). A part of the 
difference may be due to an error in the choice of the value for p K hp of Zn(OH)e. 
If this is given the value 16.13 found by de Wijs (10), rather than 16.35, the only 
values for fM] to be changed in tables 2 and 4 are the first two in table 2. The 
change would lx* slight. However, all the values for log C M would be reduced 
by 0.22, bringing them closer to those of table 6. Another cause for the differ¬ 
ence is to be found in the very different concentrations in the two sets of experi¬ 
ments, Expressed as ionic strength, tlie maximum in tables 2 to 4 was 0.0013 M 
(table 2, experiment 2), whereas the minimum in table 6 was 0.09 M (all experi¬ 
ments with 0.0792 M Cl ). 

With greater acidities, pH <3.6, the values for log C M rise. In the case of the 
solutions containing only 0.1 M total zinc, the change may well be due to ex¬ 
perimental error, for the amounts of complex formed are so small that a small 
error in the determination of pH makes a considerable difference in the final 
result. This is not true of the more concentrated solutions. Moreover, in 
these concentrated solutions (total zinc == 0.5 A/), any correction for the in¬ 
activation of hydrogen ion would only increase the discrepancies between the 
various values for log C M . Similarly, if any appreciable quantity of 
Zn(OOCCHNoH 3 )2 corresponding to the chloride separated in the solid 
state (page 618) had been formed in the more acid solutions, the values for log 
C M , calculated from the observed pH, would lx* raised, not lowered. The 
most plausible explanation would seem to be that the high concentrations of 
G lead to apparent values for pH that are too low and thus lead to values for 
[Ml, [G], and log C M that an' too high. 

Values for log C G may lx* calculated from the data given in tabic 6. They 
may also lx* obtained from the following relations: 

log r M = p[Zn + ] + p[()OCCH 2 NH 3 ] + pOH - p[M] 

and 


4.0 = pll+ p[M] — p[G] 

Adding and transposing, we have 

log C. M = p[Zn ++ ] + p[OOCXTI 2 NH 3 ] + 9.9 - p[G] 

Since 

log C« - p[Zn ++ ] + p[OOCCH 2 NH 3 l - p[G] 

we have 

log Co = log Cm ~ 9.9 

In table 7 we present the results of measurements of pH in mixtures of the 
composition of those used by Joseph. We have calculated the composition 
of the various complexes in terms of the hypothesis here advanced and have 
compared -log [Zn ++ ]/[total Zn] with the values for - log 73 / 73 , presented by 
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Joseph. The agreement is, we believe, satisfactory. Considering the great 
variation in ionic strength, the values for log C M seem remarkably constant. 

Since the midpoint of the change from M to G is at pH 4, that of the change 
from G to a more acid complex would be expected to be at pH < 2.5, precisely 
in the range of formation of glycine cation. Therefore, pH measurements can¬ 
not be expected to give any evidence of the formation of such a complex. 

Attempts were made to prepare salts corresponding to the postulated complex 
ions containing zinc and glycine. The proportions of the constituents taken 
and the results of the analysis of the crystals obtained are given in table 8. 

The sodium salts of the two complex anions were obtained, as was also 
the chloride of the bivalent complex cation. Chlorides corresponding to 
Zn(OOCCH 2 NH 3 )t + and Zn(OOCCH 2 NH 3 )? + were also obtained. Although 


TABLE 7 

Comparison of data derived from pH with those of Joseph 
Mixtures of zinc glycinate, glycine, (zinc oxide), and hydrochloric acid 


Total zinc, molal. 

0.01 

0.01 

0 01 

0.05 

0.05 

0.10 

0.10 

0.5* 

0.5 

Total glycine, 
molal. . 

0.30 

0.50 

1.00 

0.5 

1.0 

0.5 

1.0 

0.5 

1.0 

pH 

P K[ . 

4.50 

4.55 

4.68 

4.20 

4.28 

4.15 

4.12 

3.70 

3.70 

2.40 

2 40 

2 40 

2.41 

2.41 

2.46 

2.46 

2.37 

2.37 

[M] X 10 s . 

2.23 

3 19 

4.18 

7.51 

11.9 

9.78 

19.5 

19.9 

39.6 

[N] X 10» . . . 

0.05 

0.14 

0.48 

0.14 

0.53 

0 

0.6 

0 

0 

[G] X 10>. 

0.71 

0 90 

0.87 

4.73 

6.16 

6.92 

14.8 

39.7 

79 

Remaining Zn 
X10». 

7.0 

5.8 

| 4.5 

37.6 

31.3 

83.3 

65.0 

440 

381 

Log Cm. 

9.43 

9.40 

9.19 

9.32 

9.21 

9.24 

9.28 

9.24 

9.29 

—log Zn ++ /Total 
Zn 

0.15 

0.24 

0.35 

! 0.124 

0.203 

0.079 

0.187 

0.055 

0.118 

—log y%hf\ 
(Joseph) . ... 

0.097 

0.157 

0.308 

0.125f 

OO 

cS 

d 

0.103f 

0 .201f 

0.066f 

0.129f 


* Zinc oxide used to furnish 0.5 mole of total zinc, 
t At 1°C. 


titration experiments gave no evidence of the presence of either of these, the 
former, Zn(OOCCH 2 NH 3 ) 2 Cl 2 *2^0 was readily obtained under a variety of 
conditions. Since it has previously been described by Pfeiffer, Klosmann, and 
Angern (17) as ZnCl*,2 glycine, 2H 2 0, no analyses are reported. The com¬ 
pound Zn(OOCCH 2 NH 3 ) 3 Cl 2 , which can be recrystallized unchanged from 50 
per cent alcohol, has been recorded by Dubsky (8). Our analyses are presented 
because Dubsky’s report occurs in one short paragraph in a little-known journal, 
at the end of a long paper reviewing the work of others on the compounds of 
glycine with various metals and salts. 

The chloride of the complex cation (Zn(HOOCCH 2 NH 3 ) 2 ) ++++ , for the exist¬ 
ence of which in solution the titration experiments gave no satisfactory evi¬ 
dence, was readily obtained even from mixtures containing 1.5 times as much 
zinc as glycine. 
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The chloride of the cation (Zn(OOCCTI a XH*)OH) + could not Ik* obtained; 
neither could the neutral substance, which we have formulated as 
OH 

Zn(OOCCH 2 NH g ) 2 OH. The composition demanded for the latter is also that 
of Zn(OOCCH 2 NH 2 ) -2H.0, but the crystals obtained always had the composi¬ 
tion of Zn(OOCOH 2 NH 2 )_> • H 2 0, as previously described by Dcssaignes (0 and 
by others. It is, of course, quite possible to formulate similarly the complex 
anions as (Zn(00(TTI-XH 2 ).,)" and (Zn(OOeCH a NH 2 )«r~ but we believe 

TABLE 8 


Xev' compounds of zinc and glycine 



(1) 


'2) 


(3) 


1 

(4) 









VALUES CALCULATED 





RESULTS OF ANALYSES 

ON THE BASIS OF THE 

PROPORTIONS 

OF 


OF CRYSTALS 

FORMULAS GIN EN IN 

CONSTITUENTS TAKEN 


OBTAINED 

COLUMN 2 




FORMULAS 







Zn(OH)* 

Gly¬ 

cine 

NaOH 


Zn 

Na 

N 

Zn 

Na 

N 





per 

per 

per 

per 

Per 

per 





cent 

cent 

cent 

cent 

cent 

cent 

1 

1 

4 

2 86 

2 

1.05 

\ OH 

Zu(OOC H,\ H 3) iONa • H>0 

17 6 
17.1 

6 48 
6.50 

13.7 
11.6 

17.93 

5.31 

11.52 




ONa 







1 

7 

5.15 

Zn (OOCCH-XII») <ON a • HjO 

13.95 

l 

10 04 

12.0 

14 16 

9.96 

12 14 

ZnCl* 

Gly¬ 

cine 

HC1 

! 

Zn 

Cl 

N 

Zn 

Cl 

N 





per 

per 

per 

per 

per 

per 





cent 

cent 

cent 

cent 

cent 

cent 

1 

1 

0.063 

Zn(OOCCH 2 XH,),Cl. 

18.4 

19.95 

11.50 

18 09 

19.64 

11 62 

1 

3 


Zn(OOCCH s NH,),Cl. 

18.02 

19.65 

11.62 




1 

3* 


Zn(OOCCHjNII,),Cb 

17.84 

19.63 

11.52 




1 

5 


ZntOOCCHjNHdaCL 

18.17 

19.58 

11.51 




1 

0.33 

j 

Zn (OOCCH.XH j)Cl.- H 2 0 

28.4 

31.15 

6.17 

28.50 

30.9 

6.11 

1 

1 2 

1.63 

Zn (HOOCCH.NH j) 2 Ch - H 2 0 

17.34 

37.69 

7.41 

17.33 

37.59 

7.43 

1 

0.67 

j 0.68 

Zn(H00CCH 2 NHj) 2 CL-H 2 0 

17.59 

37.57 

7.36 





* Recrystallized from 50 per cent ethyl alcohol. 

that the formulation we have adopted makes the similarity between the ampho¬ 
teric properties of zinc hydroxide and of the zinc-glycine complexes more ap¬ 
parent The separation of Zn(OOCCII 2 XH 2 ), • H 2 0 rather than of the expected 
OH 

Zn(OOCCH 2 NH s ) 2 OH may indicate the existence of both forms in solution and 
a lesser solubility of the former. 

The action of glycine in changing zinc from a cationic to an anionic state re¬ 
calls the similar change in the change of zirconium hvdrosols upon the addition 
of a number of anions, noted by Thomas and Woens (19). 
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After this work had been completed, there became available the report by 
Eisenbrand and Wegel (9), who also observed the liberation of acid and the 
increased buffer action to alkali in mixtures of glycine and zinc chloride. They 
interpreted their results as indicating the formation of (ZnOOCCH 2 NH 2 ) + and, 
in some cases, of Zn(OOCCH 2 NH 2 ) 2 . Most of their results were presented only 
in the form of titration curves, which cannot be read with sufficient accuracy 
to permit the calculation of constants. They presented their data for but one 
experiment. In this, a mixture of 20 ml. of 0.05 M glycine and 20 ml. of 0.05 M 
zinc chloride was titrated with sodium hydroxide from pH 5.06 to pH 6.52. 
Under these conditions they assumed that (ZnOOCCH 2 NH 2 )* was the only 
complex formed, and they calculated a value for the association constant. Their 
values declined regularly from p K = 3.87 at pH 5.06 to p K = 4.24 at pH 6.52. 
They considered this agreement satisfactory. We have recalculated their data 
in terms of our hypothesis and find that, under these conditions, the fraction 
of the bound zinc present as the complex with 2 moles of glycine changes from 
less than 1 per cent at pH 5.06 to over 16 per cent at pH 6.52, and that the 
logarithm of the association constant of the univalent cation changes regularly 
from 9.38 to 9.66, a slightly smaller variation than that obtained by Eisenbrand 
and Wegel. These values agree with those calculated from our own experi¬ 
ments. The reason for the regular change with pH is not apparent, but it may 
well be within the experimental error of the observations. 

EXPERIMENTAL 

The glycine used was a good commercial preparation. 

Zinc glycinate was prepared by dissolving zinc oxide in a hot glycine solution, 
filtering, and cooling. The crystals that separated were dissolved in hot water; 
the solution was filtered and again allowed to cool. Analyses of the crystals 
yielded the following values: zinc, 28.33 per cent; nitrogen, 12.10 per cent. The 
calculated values are: zinc, 28.26 per cent; nitrogen, 12.12 per cent. 

The solutions of hydrochloric acid were prepared from constant-boiling hydro¬ 
chloric acid, and the sodium hydroxide solutions were standardized against these. 

The determinations of pH were made with a Coleman glass-electrode appara¬ 
tus. The cell was repeatedly flushed with the solution. Constant readings were 
obtained after two or three rinsings. The readings were corrected for the 
effect of sodium ion. The corrections were interpolated from those given by 
Dole (6). 

The zinc hydroxide used for the preparation of the sodium salts of the complex 

OH 

anions and for the attempted preparation of Zn (OOCCH 2 NH 3 )OH and 
(Zn(OOCCH 2 NH 3 )OH)Cl was prepared by crystallization from ammonium 
hydroxide solution as described by Dietrich and Johnston (9). The mixture of 
substances, in the proportions given in table 8, was dissolved in a little water 
and the solutions were allowed to evaporate, under diminished pressure, over 
solid potassium hydroxide (or phosphorus pentoxide in the case of the mixtures 
containing excess hydrochloric acid). The crystals obtained were filtered on 
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sintered-glass filters, were washed with a little ice water, and were dried over 
potassAm hydroxide (or phosphorus pentoxide). 

Nitrogen w r as determined by the Kjeldahl method. Chloride wa^ precipitated 
as silver chloride and weighed as such. The excess silver in the filtrates was 
removed with hydrochloric acid, and zinc was then precipitated as zinc am¬ 
monium phosphate and weighed as such. 

The sodium salts were ignited in a platinum dish. The ash was dissolved in 
a measured quantity of standard hydrochloric acid and the excess of acid was 
titrated with sodium hydroxide, using methyl red as indicator. Zinc was then 
precipitated as zinc ammonium phosphate and weighed. The amount of 
hydrochloric acid required to neutralize the zinc oxide in the ash was then 
calculated, deducted from the total hydrochloric acid neutralized, and the 
remainder calculated as the equivalent of sodium. 

SUMMARY 

Mixtures of glycine and zinc chloride have a greater buffer capacity, between 
pH 2.0 and 11.0, than the sum of that of the two constituents taken separately. 
The results of the titration of such mixtures with hydrochloric acid or with 
sodium hydroxide have been interpreted as indicating the existence in solution of 

OH 

(ZnOOCCH 2 NH 3 ) 4+ , (Zn(OOCCH 2 XH 3 )OHr, Zn(OOOCH 2 NH 3 )OH, 

OH O 

(Zn(OOCCH 2 XH 3 ) 2 Or, and (Zn(00CCH 2 XH,),0) — 

The formation of all but the first and last of these has also been indicated by a 
comparison of the amount of zinc dissolved in mixtures of zinc glvcinate, glycine, 
and sodium hydroxide (or hydrochloric acid) with those calculated from pub¬ 
lished values for piv, p of zinc hydroxide. 

Consistent values for the constants for the formation of the first four of these 
complexes have been calculated The value of the constant for the association 
of the remaining complex cannot be calculated in a similar fashion because such 
association occurs under conditions not susceptible to the mathematical analysis 
employed. 

The data of Joseph (14) for the inactivation of zinc ion by glycine were shown 
to be consistent with the assumptions made in this paper. 

The following new compounds were obtained in crystalline condition: 

Zn(HOOCCH 2 XH 8 ) 2 Cl 4 • H 2 0 Zn(OOCCH 2 NH 3 )Cl 2 • H 2 0 

ONa ONa 

Zn( 00 CCH 2 NH 3 ) 30 H • H 2 0 Zn( 00 CCH 2 XH 3 ) 40 Na - H 2 0 
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The significance of the fluorescence of chlorophyll in photosynthesis has been 
.discussed by numerous workers in this field (5,12,16). These and other studies 
on this subject were reviewed recently (6,19). Most studies have dealt with the 
entire fluorescent energy, without regard to its spectral distribution, often because 
•of the low intensities observed from biological systems (15). In the case of 
certain chlorophyll solutions, it is possible to study the fluorescence spectrum 
in a quantitative manner and the effects upon it of numerous conditions imposed 
upon the chlorophyll system. 

In 1935 fluorescence spectra of ether solutions of chlorophylls a and 6, as de¬ 
termined with a photoelectric spectrophotometer, were described by Zscheile 
(18). Biermacher (1) employed the spectrographic method to investigate this 
problem and found that one of the three fluorescence bands reported by Zscheile 
for chlorophyll b was due to contamination with chlorophyll a. He extended 
the study to numerous other solvents, but his method of measurement did not 
permit as accurate plotting of the relative fluorescence intensities at various wave 
lengths as is possible with the photoelectric method. Biermacher’s findings 
regarding the impurity of the chlorophyll b used by Zscheile in the earlier meas¬ 
urements (18) have been substantiated in this and other work (20). 

The measurements reported here were made with chlorophyll, prepared by 
methods previously described (10), of much greater purity than the material 
used formerly (18). The optical equipment and methods were also improved. 
The effects of different solvents and temperatures, time of irradiation, concen¬ 
tration of chlorophyll, and wave length of exciting radiation were studied also. 

DESCRIPTION OF APPARATUS AND EXPERIMENTAL MATERIALS 

Photometer 

Figure 1 is a dimensional sketch of the photoelectric spectrophotometer with 
accessories for both absorption (10, 20) and fluorescence measurements. The 
resolving instrument is a large Miiller-Hilger Universal Double Monochromator 
with crystal-quartz optics, internally compensated for optical rotation arising 
from transmission through quartz. The mean relative aperture is F5. All slits 
are symmetrical, and slits 1 and 3 are curved to correspond to the straight middle 
slit 2. Slit 3 is limited to 6 mm. in length by a diaphragm. The faces of the 

1 Journal Paper No. 107, Purdue University Agricultural Experiment Station. 

* Purdue Research Foundation Fellow. 
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dispersing prisms are 60 mm. square. All prism rotation and internal focusing 
are accomplished automatically by rotation of the wave-length drum. 



Fig. 1. Diagram of fluorescence spectrophotometer 


Lens 1 is a biconvex, figured, crystal-quartz lens 32 mm. in diameter, of focal 
length 72 mm., corrected for spherical aberration, and adjustable on a calibrated 
slide for focusing. A crystal-quartz field lens is mounted directly in front of 
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slit 1. Lens 2 is a four-element achromatic lens, 25 mm. in diameter, constructed 
of crystal quartz and lithium fluoride, with focal length of 5.4 cm. Both these 
lenses were designed and constructed by Adam Hilger, Ltd., to be used with this 
monochromator. 

Badiation from the monochromator is received on the rubidium-coated cathode 
of a vacuum photocell, having a shadowless anode, a fused-quartz window, and 
high internal dark resistance. The photocell, electrometer tube (for amplifica¬ 
tion of the photocell current), and high-resistance leaks are enclosed in a vacuum 
chamber. Galvanometer deflections are directly proportional to intensities of 
radiation on the photocell cathode. 

By insertion of a front-surface rhodium mirror in the radiation path opposite 
the thermocouple, the radiation was deflected upon a vacuum thermocouple 
0.33 x 3.0 mm. in size. A crystal-quartz lens (diameter, 20 mm.; focal length, 
25 mm.) in front of the couple focused the imago of slit 3 on the couple, which is 
protected by a thin bubble-glass window. By means of a low-resistance gal¬ 
vanometer (Type Tf-S), the relative amounts of radiation leaving lens 2 were 
determined. The galvanometer deflections wore calibrated bv application of 
known voltages to the galvanometer. The energy output of r the incandescent 
source was measured at different wave lengths used in the fluorescence curves 
with the thermocouple 1 (monochromator slits, 0.20 mm.). The relative photocell 
responses with the source operating at the same conditions permitted a calcula¬ 
tion of the relative photocell sensitivities at various wave lengths. Since the 
sensitivity of the 1 photocell decreases very rapidly toward longer wave lengths in 
the rod and near infrared regions and the fluorescence intensity is also very low 
at certain wave lengths, the photocell current must be amplified to obtain ade¬ 
quate overall sensitivity. Several high-resistance leaks of different values were 
checked carefully during the period of these measurements and were found to 
maintain the same relationship to each other, demonstrating that the leak of very 
high resistance (1.2 X 10 n ohms) used in the fluorescence measurements re¬ 
mained practically constant. 

F lu ore sconce a ccessorics 

The exciting sources employed were (J) an incandescent lamp with a single 
vertical coiled filament 20 mm. long (16 volts, 6.6 amperes), and (2) a 100-watt 
Type A-H4 mercury arc (a. e.) with standard, clear bulb. The incandescent 
source w r as operated by either storage batteries or a direct-current generator. 

The exciting radiation was focused on the fluorescence cell by lenses A (plano¬ 
convex, diameter 62 mm., focal length 150 mm.) and B (biconvex, diameter 40 
mm., focal length 260 mm.). The image of the source was focused so that the 
slit on the fluorescence cell w r as completely covered by the image. The shutter 
near the fluorescence cell was kept closed excepting during measurements in order 
to minimize photodecomposition. 

The thermopile was employed to determine relative intensities of the filtered 
radiation employed for excitation. Polished-glass filters w r ere interposed as 
indicated between the source and either the thermopile or lens A, the same filters 
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being employed for each position in turn. Their transmission values were care¬ 
fully measured with the spectrophotometer for various mercury lines. 

Two types of Pyrex fluorescence cells were employed,—a square-cornered cell 
illustrated in figure 1, and the round capillary cell shown in figure 2. The vertical 
sides of the square cell were optical flats, fused together at the corners without 
distortion. A ground-glass stopper prevented evaporation of solvent. The 
capacity of the cell was 50 ml. The cell holder was adjustable in all directions, 
and the vertical black metal slit could be placed in any lateral position in front 
of the fluorescence cell to define the position of the exciting beam with reference 
to the side of the cell through which the fluorescence was measured. A similar 
slit defined the fluorescence beam and was so adjusted that only the fluorescence 



Fig. 2. Diagram of capillary fluorescence cell 

from the very front portion of the solution in the exciting beam was focused by 
lens 1 on slit 1 of the monochromator. 

The capillary cell was constructed to provide continual renewal of the chloro¬ 
phyll solution during fluorescence measurements. The capillary was 25 mm. 
long and had an internal diameter of 2 mm. The slits were mounted at right 
angles to each other. Each bulb had a capacity of 20 ml. Solution was added 
through the funnel and siphoned through the apparatus, the rate being deter¬ 
mined by the screw clamp. 

A similar capillary cell with the same dimensions was constructed with a 40-ml. 
Pyrex enclosure which could be filled with a cooling medium; the capillary tube 
and the slits were thus surrounded by the cooling liquid. To prevent frost for¬ 
mation over the entire cell, the cooling bath was surrounded by a silvered vacuum 
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jacket. A band around the center portion of this jacket was left unsilvered to 
minimize reflection of the exciting beam. All slits on both types of fluorescence 
cells were 1 mm. wide and 18 mm. in length. All metal parts and light shields 
on lenses, etc., were painted dull black to minimize reflection. 

Adjustment of chlorophyll concentration 

Chlorophyll solutions were used as fresh as possible. The only preparations 
used were those which had high R a and Rb values (greater than 48.0 and 18.0, 
respectively) in ether solution (20). When not in use, they were stored at 3°C. 
Concentrations were adjusted so that log h/I values were approximately 0.40 
in all solvents (cell length 1 cm.) at the red maximum and thus comparable to 
each other in absorbing power in the red region. This corresponded to a concen¬ 
tration of 4 mg. per liter for ethyl ether solution. This adjustment also tended 
to equalize the reabsorption of fluorescence in the various solvents. 

EXPERIMENTAL RESULTS 

Reabsorption of fluorescence 

Since fluorescence arises within the interior of a solution, and since chlorophyll 
has high absorption values in the shorter-wave-length region of the fluorescence 
spectrum, it is inevitable that some reabsorption of fluorescent radiation will 
occur before it has emerged from the solution. This source of error was pointed 
out by Dh£r6 in 1914 (2) and studied more recently by Biermacher (1). The 
amount of fluorescent energy reabsorbed depends upon the wave length, the 
concentration, and the thickness of the solution layer traversed. Before pro¬ 
ceeding with this study it was necessary to investigate these factors so that re¬ 
absorption could be minimized. 

The incandescent exciting source was employed with both types of cell. With 
the square-cornered cell, the slit which defined the exciting beam was moved to 
various positions so that the fluorescence must traverse various thicknesses of 
solution. Figure 3 illustrates results obtained with a comparatively concen¬ 
trated solution of chlorophyll a (45 mg. per liter) in ether. The apparent wave 
length of the principal maximum shifted toward longer wave lengths as the 
thickness of the absorbing solution increased. When this thickness was at a 
minimum (less than 1 mm.), this wave length was 6680 A. 

The effect of concentration was then studied with the slit adjusted for mini¬ 
mum reabsorption. With a fairly concentrated solution (107 mg. per liter) 
the apparent maximum was found at 6722 A.; with a dilute solution (1.67 mg. 
per liter) it was found at 6650 A. Similar differences were noted when different 
concentrations were studied in the capillary cell, but more concentrated solu¬ 
tions could be used. In the capillary cell solutions of 6.7 to 13.4 mg. per liter 
had apparent maxima at 6645 A. As the concentration increased above the 
latter value, the apparent maximum shifted toward the red, this shift amounting 
to 55 A. for a very concentrated solution (428 mg. per liter) which had an appar¬ 
ent maximum at 6700 A. In the square-cornered cell a concentration range of 
64-fold was studied. The wave length of the maximum was constant for con- 
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centrations from 1.7 to 6.7 mg. per liter. For greater concentrations the appar¬ 
ent maximum was shifted toward the red until this shift was 70 A. at a concen- 



Fig. 3. Effect of reabsorption on apparent fluorescence curve of chlorophyll a in ether 

solution. O-O, fluorescence absorbed by minimum layer of chlorophyll solution; 

•-• , fluorescence absorbed by J-mm. layer of chlorophyll solution; O—I—O, fluores¬ 

cence absorbed by 3f-mm. layer of chlorophyll solution; •—|—•, fluorescence absorbed 
by 10-mm. layer of chlorophyll solution. 

tration of 107 mg. per liter. No maximum wave length lower than 6650 A. was 
found with the square-cornered cell, even though much lower concentrations 
were used than those that could be employed in the capillary cell. 
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To obtain the true wave length of this fluorescence maximum it would be 
necessary to extrapolate results to zero concentration or to zero thickness of 
solution layer. From the data obtained, no reliable extrapolation could be 
made, although 0645 A. is considered close to the correct value because it ceased 
to vary with concentration over the lower part of the range studied in the capil¬ 
lary cell. As long as the concentration of the solutions and the geometrical con¬ 
ditions of measurement were known and kept as nearly constant as possible, the 
relative positions of the fluorescence maxima should be comparable when various 
other conditions were varied. 


Effect of excitation time 

It was soon recognized that when the solution was not moving through the 
capillary cell the intensity of fluorescence decreased with time of exposure to the 


TABLE 1 

Change of fluorescence intensity of chlorophyll a solutions with time 


ROLVFNT FLUORESCENCE INTENSITY 


TIME OF IRRADIATION (MINUTES). 

[ i 

i ! 

! 

2 

3 

4 

5 

Ethyl other 

57.5* 

54.0 | 

51.5 




Isopropyl ether 

144 

139 

134 ! 

130 



Acetone 

178 

167 

163 

161 



Cyclohexane 1 

01 0 

49.0 

44.0 

42. S 



Benzene 

110 

71.0 

55.6 

44.0 



Carbon tetrachloride 

90.5 

44.5 

26.0 

21.0 



Recovery of fluorescence after period of irradiation 

Benzene 

156 

148 

143 

133 

128 

125 


Benzene 


Recovery of fluorescence after dark period of 3 min. 



128 



118 



* Relative intensity of fluorescence recorded in centimeters of galvanometer deflection. 


excitation source, especially with dilute solutions. A study of the effect was 
made as follows: After the position of the fluorescence maximum had been deter¬ 
mined, the wave-length drum was set and the incandescent source operated near 
maximum output. The chlorophyll solution was not moved through the capil¬ 
lary cell. The initial fluorescence intensity was measured as quickly as possible 
(15 sec. for the galvanometer response) after the shutter between the fluorescence 
cell and excitation source had been opened. During constant irradiation of the 
solution, the fluorescence intensity was measured at intervals of 1 min. The 
rate of decrease varied among solvents, as shown in table 1. Very dilute solu¬ 
tions were used, thus greatly reducing reabsorption. 

Recovery of fluorescence intensity after a period of darkness was observed in 
numerous solvents. As an example, the data for a more concentrated solution 
of benzene are also presented in table 1. 
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Fluorescence in various solvents 

Representative fluorescence curves for diethyl ether solutions of chlorophylls 
a and b are presented in figure 4. Corrections for variation of photocell sensitiv- 



Fig. 4. Fluorescence spectra of chlorophylls a and b in ethyl ether solution. O, chloro 
phyll a; #, chlorophyll b. 

ity with wave length were applied; the curves are thus on the same relative 
basis. The chlorophyll a (Expt. 9) had an R a value of 48.0 and the chlorophyll 
b (Expt. 10) had an Rb value of 19.2. Their solutions were used under the most 
favorable conditions in the capillary cell, with excitation from the incandescent 
source. The monochromator slits were 0.20 mm. wide, isolating spectral regions 
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of 92,102,120, and 138 A. at 6300, 6600, 7100, and 7600 A., respectively. Max¬ 
ima were found at 6645 and 7200 A. for chlorophyll a and at 6485 and 7080 A. for 
component b . The wave-length differences between the major fluorescence 
maxima and the major red absorption maxima for components a and b were 
similar, ca., 50 A. 

Component a was used for the comparative study of numerous solvents. Un¬ 
less otherwise indicated, the capillary cell was used, with a constant flow of the 
chlorophyll solution through the cell during measurement. When the square- 
cornered cell was used (as when the viscosity of the solution was too high to per¬ 
mit rapid flow through the capillary cell), the diethyl ether solution was diluted 
to bring the fluorescence maximum to 6650 A. and solutions in other solvents 

TABLE 2 


Fluorescence and absorption maxima of chlorophyll a in various solvents 


SOLVENT 

INDEX OF 
REFRACTION 

FLUORES¬ 

CENCE 

MAXIMUM 

ABSORPTION 

MAXIMUM 

IN RED REGION 
(10) 

DIFFERENCE 



A. 

A 

A 

Methanol 

1.33 

6740 

6640 

100 

Ethyl ether . 

1.35 

6645 

6600 

45 

Acetone ... 

1.36 

6700 

6615 

85 

Isopropyl ether. . 

1.37 

6700 

6610 

90 

2-Methyl-l-propanol . . 

1.39 

6740* 

6645 

95 

1 -Butanol. 

1.40 

6735* 

6650 

85 

1,4-Dioxane. 

1.42 

6680* 

6610 

70 

Cyclohexane 

1.43 

6655 

6600 

55 

2 -Ethyl-1 -hexanol 

1.43 

6765* 

6665 

100 

Methyl oleate 

1.46 

6700* 

6620 

80 

Carbon tetrachloride 

1.46 

6715 

6635 

80 

Olive oil 

1.48 

6720* 

6645 

75 

Benzene 

1.50 

6730 

6640 

90 


* Fluorescence measured in square-cornered cell. 


were then diluted in proportion. The fluorescence maximum was more sensitive 
to reabsorption due to high concentration in this cell than in the capillary cell. 
When this precaution was taken, the wave lengths of maxima in various solvents 
were more comparable for the two types of cells. In table 2 are the wave lengths 
of the principal fluorescence maxima and the red absorption maxima, with cor¬ 
responding differences in wave length. Solvents are arranged according to their 
indices of refraction. The wave length of the minor fluorescence maximum did 
not change appreciably with change of solvent. This band was quite broad in 
all cases, with maximum from 7200 to 7300 A. Even when very concentrated 
solutions were employed to obtain large galvanometer deflections, this band 
remained broad and showed no evidence of autoabsorption, since it was so far 
removed from the absorption bands. 
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Effect of temperature 

To obtain low temperatures, the cooling chamber of the special capillary cell 
was filled with powdered dry ice. After the cell had been mounted in position, 
precooled acetone was added to the dry ice. The temperature of the cooling 
mixture was measured by an iron-constantan thermocouple close to thecapillary 
cell, calibrated from —65° to +30°C. against a Sargent thermometer with a 
range from —200° to +30°C. A flow of chlorophyll solution was maintained 
during fluorescence measurements. 

Data for a complete curve were obtained as soon as possible after addition of 
the acetone. Points close to the maximum were checked six times while the 
temperature of the cooling medium w*as rising to room temperature (1 hr.). At 
room temperature another complete curve was determined. During this entire 
experiment, nothing v r as disturbed. The results are summarized in table 3. 
As the temperature increased, the fluorescence intensity decreased and the maxi- 

TABLE 3 


Influence of temperature on fluorescence of chlorophyll a in ethyl ether solution 


TEMPERATURE 

FLUORESCENCE MAXIMUM 

RELATIVE INTENSITY OP FLUORESCENCE 
AT MAXIMUM 

°C\ 

A. 

cm. galvanometer deflection 

-62 

6690 

128 

-43 

6685 

128 

-28 

6675 

124 

-16 

6672 

116 

-4 

6670 

10S 

4-9 

6670 

107 

+28 

6667 

100 


mum shifted towards shorter wave lengths. The half-intensity w r idth of the 
band decreased at low temperatures. 

Results with filtered radiation 

Fluorescence spectra of both components in ether solutions in the square- 
cornered cell were studied w r hcn various filters were placed in position 2, figure 1, 
with the incandescent source. Monochromator slits were 0.3 mm. wide to per¬ 
mit galvanometer deflections as high as 200 cm. The transmission ranges of the 
filters are recorded in table 4. Good curves were obtained in most cases, al¬ 
though a few filters do not transmit sufficient radiation to excite enough fluores¬ 
cence to permit accurate measurement over the entire curve. Almost no 
deflection was obtained with filter RG8. In the case of filter 986, better results 
were obtained for component a than for b, probably owing to differences in energy 
absorbed. 

No differences in wave length of the fluorescence maxima or in relative heights 
of the two maxima were observed in the curves for either component obtained 
by use of different filters. Overall intensity variations were probably due to the 
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differences in excitation intensities and percentages of radiation absorbed. The 
minor fluorescence maximum became better defined when greater deflections 
were obtained. When a fairly concentrated solution of chlorophyll a in ether 
(0.5 cm. thick) was employed as a filter, no change in fluorescence characteristics 
was found in the case of either component. The fluorescence intensity of chloro¬ 
phyll a was reduced much more when a 1-cm. filter of component a solution was 


no s* 

243 

348 

GG 11* 
038 

986 

BG 18* 


VG 3* 


TABLE 4 

Transmission ranges for glass filters 
Filters are Corning glass filters unless marked with an asterisk 


flLTKR 


RANG* OF 1IIGH TRANSMISSION! 

A. 

6900 to infrared 
6200 to infrared 
5650 to infrared 
4900 to infrared 
4300 to infrared 
6800 to infrared 
+ 

2500 to 4100 
3800 in 6400 
3400 to 4700 
+ 

4950 to 6000 
4' 

6700 to 9000 (approx.) 


* Fish-Sehurman glass filters. 

f In these ranges the transmission is 10 per cent or higher. 


TABLE 5 

Filter combinations for isolation of mercury lines 


MLRCURA LINE 

J FILTER USED 

A 


3650 

586 

4047 

306 + 428 -f 587 

4358 

038 -}• 511 

5460 

351 4- 430 4- 512 


applied to the exciting source than when a similar solution of component b was 
used. This follows from the absorption characteristics of these filters. The 
intensity ratios of the two fluorescence bands remained constant, regardless of the 
filter used. 

When the mercury arc was the exciting source, the fluorescence curves of ether 
solutions were very similar to those obtained with an incandescent source. Vari¬ 
ous lines of the mercury arc were then isolated by use of filters (table 5). Excit¬ 
ing intensities were thus greatly reduced, causing galvanometer deflections to be 
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small in some cases. Within the limit of error, curves obtained as follows were 
identical with those obtained with the entire radiation from the arc: in the case 
of chlorophyll a, excitation by the lines 3650, 4047, 4358, and 5460 A.; in the 
case of component b by the line 4358 A. (component b was not studied with other 
lines). 

The transmission values of each filter were measured with the mercury arc and 
photometer for each of the lines considered, as well as for the yellow doubtlet 
of mercury. Transmission was less than 0.05 per cent for lines other than those 
for which the filter combination was designed. For these four filters (transmit¬ 
ting 30 to 45 per cent of their respective lines) the impurity of the radiation was 
less than 0.3 per cent (only the lines mentioned above being considered). It was 
found that these filters transmitted considerable infrared radiation, as shown by 
thermopile measurements. Inability to remove infrared radiation effectively 
by use of filters prevented quantitative measurements on the relative efficiencies 
of various mercury lines in exciting the fluorescence of chlorophyll. 

EVALUATION OF RESULTS 

The investigator of the fluorescence spectrum of chlorophyll is faced with the 
necessity for certain compromises of one type or another. These are due to the 
nature of the problem itself and also to limitations imposed by the experimental 
methods employed. 

Thus reabsorption, although it cannot be entirely eliminated, can be minimized 
in several ways. The use of the capillary-type cell is advisable, but a regulation 
of solution flow is then required. Within the square-cornered cell it is probable 
that convection currents and diffusion help to accomplish renewal of solution in 
the exciting beam, although the efficiency of this cannot equal the regulated flow 
of the capillary cell. Concentration is probably the most important factor. 
The fact that the apparent wave length of the major fluorescence maximum re¬ 
mained constant over an appreciable range of concentration in the case of each 
cell indicates that this wave length must be very close to that of the true fluores¬ 
cence maximum. A lower limit to the concentration that may be used is fixed 
by the sensitivity of the spectrophotometer. For a study of the minor maximum, 
very concentrated solutions may be used because this band does not overlap 
the absorption bands. This band is not as sharp as the major band. High 
concentrations assist in obtaining larger galvanometer deflections for more 
accurate study of the minor band. 

The fluorescence bands are sufficiently broad that definition should not be 
greatly improved by the use of narrower monochromator slits. The ratio of the 
major maximum to the minor one remained almost constant when slit widths 
were decreased from 0.30 to 0.15 mm. and, on another concentration, from 0.15 
to 0.10 mm. On another solution, a slightly sharper curve resulted after slits 
were decreased from 0.20 to 0.10 mm. The use of 0.20-mm. slits seemed to 
be a fair compromise, since it permitted sufficient sensitivity and gave essentially 
the same results as other widths within a range of 50 per cent of this width. Since 
the spectral region isolated was fairly broad and since the sensitivity of the photo- 
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cell varied about 10 per cent within the wave-length limits of this region, there 
were small residual errors in the calibration of the photocell against the thermo¬ 
couple that may have caused the maxima to be somewhat in error both as to 
wave length and intensity. Although the positions of the major maximum 
were easily reproducible to ±10 A. drum reading, the above considerations 
limited the intrinsic accuracy of this determination. 

The dependence of the fluorescence intensity upon the time between initial 
excitation and measurenent of fluorescence may be due to photodecomposition, 
to which chlorophyll is subject (20). The apparent recovery of fluorescence 
after a dark period may be due to diffusion and convection, which occur to some 
extent, even in the capillary cell. Similar effects were noted by Franck and 
Levi (8) with alcoholic extracts of leaves. The irradiated portion of the solu¬ 
tion is thus continually renewed to some extent with fresh chlorophyll that has 
not been irradiated previously. This subject was not studied in detail, since 
errors due to this cause were readily minimized. It may be related to certain 
photochemical reactions discussed by Livingston (11) and Rabinowitch (14). 

Since the wave-length drum was turned from the high-wave-length side to¬ 
ward the blue in determining fluorescence curves or positions of maxima, some 
decrease in intensity would result before the maximum was recorded. It was, 
therefore, necessary to keep solution flowing through the capillary cell to obtain 
the correct ratio between the maxima. The ratio of the major to the minor 
maximum was materially decreased if movement of the solution was not main¬ 
tained, but no change in wave length of the maxima was observed. 

It is interesting to note in table 2 that the wave-length interval between the 
major red absorption maximum and the major fluorescence maximum is less 
for ethyl ether than for any other solvent studied, by a factor of about 2. The 
major fluorescence maximum for component a in diethyl ether occurs at a con¬ 
siderably shorter wave length than that reported earlier by Zscheile (18), prob¬ 
ably owing mostly to the occurrence of less autoabsorption during the present 
measurements. In the case of chlorophyll 6, the central band reported earlier 
(18) was not found and was undoubtedly due to contamination of the component 
b preparation with component a, as found previously from absorption studies 
(20), and as discussed by Biermacher (1) in relation to his fluorescence studies 
and those by Dh6r<? and Raffv (4). 

Since the work of Biermacher (1) is so closely related to this study, several 
critical comparisons of methods and results should be made. He used the 
“hexane method” (3) for removal of final traces of component a from chloro¬ 
phyll b. This method requires long standing (several days or weeks) of solid 
chlorophyll b covered by hexane at room temperature, a procedure which is very 
objectionable for a substance as labile as chlorophyll (20). The exciting source 
of radiation which he employed was a very intense high-current carbon arc. 
His optical system was of quartz or Uviol glass. Considerable ultraviolet was 
undoubtedly present in the exciting radiation which he employed in much of his 
work. It is probable that it caused some photodecomposition, because he recog¬ 
nized the necessity of changing the solution at intervals in his quartz capillary 
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cell during the spectrographic exposure. The solution was not continually 
changing. Biermacher probably reduced autoabsorption to a minimum but 
did not remove the complication of photodecomposition. This may account in 
part for wave-length differences between his results and those reported here. 

Biermacher^ results on autoabsorption are in good general agreement with 
those reported here for conditions of varying concentration or thickness of solu¬ 
tion through which the fluorescence passes before measurement. According to 
Biermacher (1) the disappearance of the major fluorescence band of chlorophyll 
a from the fluorescence spectrum of chlorophyll b preparations in hexane solu¬ 
tion is a more sensitive indication of purity than corresponding absorption 
tests. 

Biermacher has adapted Kundt’s rule, which applies to absorption, to a study 
of fluorescence maxima (1). A consideration of a possible relation between 
the refractive index of the solvent and the position of the major fluorescence 
maximum of chlorophyll a (table 2) leads to the following conclusions: (/) 
when all solvents are considered, no relationship is evident, even if comparisons 
are restricted to a single type of fluorescence cell; (2) among the alcohols, the 
three lower members have identical maxima, and that of the 2-ethvl- 1-hexanol 
solution has a higher wave length; (3) among the three ethers results are dis¬ 
cordant, although this is not so between ethyl ether and isopropyl ether; and 
(4) among the hydrocarbons and among the ester solvents, methyl oleate and 
olive oil, the rule is followed. When two solvents, such as cyclohexane and 2- 
ethvl- 1-hexanol with the same refractive index are compared, very wide differ¬ 
ences occur between the maxima. These solvents are very different in their 
chemical nature. For two other examples, 2 methyl-1-propanol and 1-butanol, 
with almost the same refractive indices and similar chemical properties, the 
positions of fluorescence maxima are essentially identical. 

These considerations are in fair agreement with similar comparisons of chloro¬ 
phyll-absorption data made recently with the same solvents (10) and probably 
agree as well as should be expected, considering the greater experimental errors 
involved in fluorescence measurements. As far as the solvents permit compari¬ 
son, the above relationships are not in agreement with Biermacher^ general 
comparisons (1), even though the numerical values of wave lengths are not in 
good agreement for the same solvents. 

The sharpening of the fluorescence curve at lower temperatures is in agree¬ 
ment with work on benzene and certain other compounds discussed by Pring- 
sheim (13). The changes in wave length and intensity of the major maximum 
with temperature are probably complicated by concurrent changes in absorption. 
Zscheile found the absorption maxima of chlorophyll a in ethyl ether shifted 
toward the red at —196°C. (17). The changes are in general agreement with 
certain considerations of temperature effects upon fluorescence considered by 
Franck and Livingston (9). 

It is apparent that the nature of the fluorescence curve is independent of the 
nature of the exciting source, whether it be a line source or an incandescent 
source of general radiation or filtered radiation from either of these sources. 
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This observation is in agreement with work on Chlorclla (15) and with other 
statements in the literature (7). Sufficient original intensity of excitation and 
sufficient absorption appear to be the two chief factors determining the intensity 
of fluorescence, so long as the wave length is shorter than the fluorescence wave 
lengths. No evidence for anti-Stokes fluorescence was obtained. 

Since all solutions were exposed to air, no data were obtained on the possible 
quenching of fluorescence by oxygen. 

SUMMARY 

1. A fluorescence photoelectric spectrophotometer was employed to study 
factors influencing the fluorescence spectra of solutions of chlorophylls a and 6. 

2. The effects of concentration and thickness of solution were studied in rela¬ 
tion to the apparent wave length of the major fluorescence maximum. 

3. Errors due to reabsorption and to decrease of fluorescence intensity with 
time of irradiation were minimized by the use of a special capillary cell. 

4. The fluorescence spectra of chlorophyll a in thirteen solvents were deter¬ 
mined. Component b was studied in ethyl ether. 

5. The fluorescence maximum of component a in ether solution was shifted 
to the red and the maximum intensity was increased with decreasing tempera¬ 
ture. 

6. Filtered radiation from either an incandescent source or a mercury arc 
produced the same fluorescence spectrum as did general radiation from these 
sources. 
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In a previous paper (1), the catalytic decomposition of hydrogen peroxide 
by natural mineral waters has been described and the mechanism of the process 
has been explained by means of a chain reaction. In order to come to a better 
understanding of the physiological effect of natural mineral waters, the investi- 
tion of their catalytic activity was extended to so-called “peroxidase” reactions. 

It is known that ferrous salts act as catalysts in the oxidation of many organic 
compounds by hydrogen peroxide (Wieland). This effect resembles qualita¬ 
tively the action of the enzyme peroxidase and, in the case of natural mineral 
waters, is sometimes referred to as their “peroxidatic” activity. 

Iq the present studies different types of natural mineral waters from Saratoga 
Springs, New York, were used. These waters are mainly solutions of the halides 
and bicarbonates of alkalies and alkaline-earth alkalies, supersaturated with 
carbon dioxide. In addition they contain small amounts (4-13 mg. per liter) 
of divalent iron and traces of a number of other metals and acids. 2 

The “peroxidatic” activity of the mineral waters toward the oxidation of 
formic acid was investigated. This acid belongs to a group of biochemically 
important compounds, is quite stable, and can easily be determined. Further¬ 
more, its oxidation products do not introduce any new compound into the whole 
reaction system. 

A series of typical experiments is presented in table 1. It shows that the 
free formic acid is completely oxidized if both mineral water and hydrogen 
peroxide are present. Without mineral water, the formic acid is oxidized only 
at a negligible rate. Nevertheless, it is not a simple bimolecular reaction, 


HCOOH + H 2 0 2 = 2H S 0 (1) 

because the experimental results give no constant value for Awm„i. Weiss (5) 
suggested, therefore, the following chain reaction: 

Fe++ + H 2 0 2 « Fe+++ + OH" + OH (2) 

OH + HCOOH - COOH + H 2 0 (3) 

COOH + H 2 0 2 = OH + C0 2 + H 2 0 (4) 

OH + HCOOH = OH -f C0 2 + H s O (5) 


1 Present address: The G. F. Harvey Company, Saratoga SpringB, New York. 

* For a complete analysis of these waters, see O. Baudisch and D. Davidson (Arch. 
Internal. Med. 40,507 (1927)) and the publications of the Saratoga Spa. 
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The chain is broken by 

COOH + OH = H 2 0 + C0 2 (6) 

According to Weiss, the length of the chain depends upon the average acid 
and ferrous-ion concentrations. Therefore, the oxidation of formic acid should 
stop very soon, since all ferrous ions are quickly oxidized by the excess of hydro¬ 
gen peroxide. 

The experiments, however, prove that even after 72 hr. the oxidation of formic 
acid still proceeds at a measurable rate. Furthermore, if new formic acid and 

TABLE 1 

Decomposition of formic acid and hydrogen peroxide by different natural mineral waters 
200 ml. of mineral water 4* 20 ml. of normal formic acid + 60 ml. of hydrogen peroxide 
(1.5 per cent) or distilled water; temperature, 37°C.; 10 ml. each of the reaction mix¬ 
ture titrated with N/20 sodium hydroxide or N/5 potassium permanganate 


TIME 

GEYSER WATER 

COESA WATER 

HATHORN WATER 

DISTILLED 

WATER 

HaOa added | 

HaO added 

HaOa added 

HaO added 

HaOa added 

HtO added 

H*Ojadded 



Titrated with JVT/20 NaOH 



haun 

ml. 

ml. 

ml. 

ml. 

ml. 

ml. 

ml. 

0 







15.25 

24 

5.50 

7.65 

5.90 

8.00 

1.75 

4.85 

15.05 

48 

3. (X) 

7.55 

3.60 

7.90 

1.30 

4.85 

14.90 

72 

0.60 

7.50 

0.75 

7.85 

0.80 

4.80 

14.85 

96 

0.10 

7.50 

0.30 

7.80 

0.60 

4.80 

14.80 

120 

0.05 

, 

7.45 

0.20 

7.75 

0.40 

4.75 

14.80 


Titrated with N/5 KMnO< 


0 

10.35 

0 

10.35 

0 

10.35 

0 

10.35 

24 

7.60 


7.65 


4.80 


10.30 

48 

5.20 


5.40 


4.05 


10.20 

72 

2.50 


2.90 


3.45 


10.10 

96 

2.15 


2.45 


2.90 


10.05 

120 

1.80 


2.10 


2.40 


10.05 


hydrogen peroxide are added, the reaction again continues until the second and 
even a third portion of the acid is oxidized. 

In order to explain this discrepancy the above chain mechanism has to be 
completed by a group of reactions in which ferric ion takes part. From observa¬ 
tions by Kuhn and Wasserman (3) and Simon and coworkers (4), it is known 
that trivalent iron can be reduced quantitatively to divalent iron by hydrogen 
peroxide in acid solution. 

H 2 0 2 H+ + H<V (7) 

Fe+++ + H0 2 - * Fe++ + H0 2 (8) 
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Thus, ferrous ions necessary to start a chain reaction according to reaction 2 
are regained. Furthermore, the radical HO 2 formed in reaction 6 is able to 
start another chain according to 

H0 2 + HCOOH = C0 2 + OH + H 2 0 (9) 

The basic reaction in this new extended mechanism which regulates the oxida¬ 
tion of formic acid, is apparently the equilibrium 6 and it is determined by two 
factors: the concentration of hydrogen peroxide and its dissociation as indicated 
by the pH of the solution. 


TABLE 2 


Influence of the concentration of hydrogen peroxide upon the catalytic oxidation of formic acid 
200 ml. of Hathorn water + 30 ml. of normal formic acid + 60 ml. of hydrogen peroxide of 
different concentrations; temperature, 37°C.; 10 ml. each of the reaction mixture 
titrated with N/20 sodium hydroxide or N /5 potassium permanganate 


TIME 


CONCENTRATION' OF ADDED HYDROGEN PEROXIDE 


0 3 % 


15 % 


3 . 0 % 


7 . 5 % 


Titrated with N/20 NaOH 


hours 

ml. 

ml. 

ml. 

0 




24 

12.05 

10.90 

9.85 

48 

10.90 

8.65 

5.20 

72 

10.30 

4.55 

0.40 

96 

9.75 

1.25 


120 

9.45 

0.75 



Titrated with N/5 KM11O4 


0 

1.95 

9.60 

21.05 

49.90 

24 

1.30 

7.50 

16.25 

40.25 

48 

0.75 

5.70 

lt.20 

29.00 

72 

0.40 

2.50 

5.05 

0.10 

96 

0.15 

0.45 

0.20 


120 

0.10 

0.30 

i 



The experimental proof for the first part of this statement is summarized in 
table 2. It shows clearly that the oxidation of formic acid depends directly 
upon the concentration of hydrogen peroxide. 

The importance of the dissociation of hydrogen peroxide can be shown only 
indirectly by the following consideration: In the course of the gradual oxidation 
of free formic acid the pH of the solution increases constantly, thereby shifting 
the dissociation equilibrium 7 more and more to the right side. This in turn 
increases the rate of reaction 8 and thereby of the whole chain mechanism. In 
other words, one has to expect that the oxidation of formic acid proceeds at an 
ever-increasing rate. This has been verified by the experimental results, as 
shown in table 1. 
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The fact that changes of the pH even in a rather acid medium really affect 
the dissociation of hydrogen peroxide to a measurable degree is proven by a 
series of experiments where formic acid was replaced by various amounts of 
hydrochloric acid. The reaction studied in this case is the catalytic decomposi¬ 
tion of hydrogen peroxide where, according to Oronheim (1), the dissociation 
equilibrium 7 is of the same importance as in the oxidation of formic acid. Since 
hydrochloric acid is not affected by either mineral water or hydrogen peroxide, 
the pH remains constant throughout each experiment. 

The results summarized in table 3 prove the correctness of these statements. 
The decomposition of hydrogen peroxide is dependent upon the pH of the mix¬ 
ture, but for a given pH it proceeds at an almost constant rate. 

The foregoing considerations and experiments leave no doubt that even in 
“peroxidatic” reactions not the absolute amount of ferrous or ferric ions is of 

TABLE 3 

I)( corn position of hydrogen peroxide at different pH 

200 ml. of mineral water (Hathnrn Xo.2) -f 00 nil. of hydrogen peroxide (3 per cent) + 15, 21, 
20, and 30 ml. of normal hydrochloric acid, temperature. 37°C ; 5 ml. of the reaction 
mixture titrated with A'/10 potassium permanganate; K is calculated from the equation 
for monomoleeular reactions 

j»H »r Mixiunr 5 78 5 40 2 88 j 2 48 


HMT 

V/10 
’ KMnOj 

i 

K X 

\ HO 

KM rtf >4 

K X 10» 

v /10 

KM 11 O 4 

K X 103 

A’/10 

KMnO* 

K X 10« 

hour'; 

1 ml 


, m! 


ml 


ml 


0 

. 20.40 


20.10 


20.10 


20.40 


21 

j IS.GO 

: 1 G3 

17 95 

2.21 

17.40 

2.81 

16.10 

4.30 

4K 

! 15 95 

2.75 

1 15.40 

2.75 

14.25 

3. GO 

12.20 

5.04 

72 

• 13.50 

3 02 

13 05 

: 3.oo 

11.50 i 

3.86 

9.20 1 

1 5.10 

9G 

. 11.35 

3.13 

10.95 

! 3.13 

9.20 I 

4.05 

7.05 | 

! 4.82 

121) 

j 9.40 

i 3.37 

9 00 

3.53 ! 

7.25 

4.31 

5.30 i 

5.15 

114 

7.85 

! 3 35 

cc 

j 3.07 1 

1 _1 

5 70 ; 

4.31 

4.05 

5.24 


predominant importance for the catalytic activity, but the conditions which 
regulate their respective reactions with dissociated or undissociated hydrogen 
peroxide. 

Simultaneously with the oxidation of formic acid a catalytic decomposition 
of hydrogen peroxide occurs in the system according to the mechanism outlined 
in the previous paper. The rate of this decomposition as determined by titra¬ 
tion with potassium permanganate (tables 1 to 3) is rather slow, owing to the 
acidity of the mixture. Compared with the above-mentioned mixtures with 
hydrochloric acid, it is, however, somewhat greater in systems containing formic 
acid, owing to an additional effect of the catalytic and peroxidatic reactions. 

A quantitative study of this effect, v T hich in itself is insignificant, leads to 
some quite interesting results. Table 2 contains figures for the simultaneous 
decompositions of formic acid and hydrogen peroxide for different initial con- 
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concentrations of the latter component. The ratio (decomposed hydrogen 
peroxide)/(decomposed formic acid) is approximately 1, if both constituents 
are present in equimolar concentrations. If the concentration of hydrogen 
peroxide is increased, this ratio increases too, but at a lower rate. An explana¬ 
tion of this fact is given by the following consideration: 

The first step for both chain mechanisms is reaction 2 between ferrous ion 
and hydrogen peroxide with the formation of the radical OH. This radical can 
continue the chain with either hydrogen peroxide or formic acid, the probability 
depending upon their relative concentration. If the concentration of hydrogen 
peroxide is increased, its chances for the reaction 

OH + H 2 0 2 « H0 2 + H 2 0 (10) 

increase accordingly. In order that the radical H0 2 can continue the chain, 
it must first dissociate: 

H0 2 H+ + 02- (11) 

Since this equilibrium in the present acid mixture is shifted mostly to the left- 
hand side, there will be a relative accumulation of H0 2 radicals in the system, 
resulting in a greater probability for one of the following reactions: 


H0 2 + OH = H 2 0 + 0 2 

(1-2) 

HO s + COOH = H 2 0 2 + C0 2 

(13) 

ho 2 + ho 2 = h 2 o 2 + 0 2 

(14) 


In each case, the chain will be broken. The fact that the radical H0 2 is 
formed only by the decomposition of hydrogen peroxide explains satisfactorily 
the above-mentioned observation that the rate of decomposition does not increase 
proportionally to the concentration of hydrogen peroxide. 

The importance of the dissociation equilibrium 7, as outlined in the previous 
paragraphs, is due to the fact that it affects not only the length of the chain by 
its direct participation in several of the chain reactions but that it also determines 
the number of chains through reaction 8. The only other way by which an 
alteration of the whole reaction mechanism seems possible is through factors 
influencing the transition of the iron ions between the di- and tri-valent states. 

In order to study this possibility, small amounts of various metal salts were 
added to the reaction mixture. All the metals selected exist in several valence 
states and therefore might be able to influence the oxidation-reduction equi¬ 
librium of the iron salts. They included copper(II) chloride, nickel(II) chloride, 
cobalt(II) chloride, manganese(II) acetate, lead(II) acetate, and palladium(II) 
chloride. 

The experiments were carried out in the described manner with bottled water 
from the spring Hathom No. 2, which contains 12 mg. of divalent iron per liter. 
The results of some typical experiments are shown in table 4. 

It can be seen that Cu* 4 *, Mn 44 ", and to a small extent Pd** 4 * ions have an 
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TABLE 4 

Influence of different metal salts upon the decomposition of formic acid and hydrogen peroxide 

by natural mineral water 

200 ml. of mineral water (Hathorn No. 2) 4- 20 ml. of normal formic acid + 60 ml. of 
hydrogen peroxide (3 per cent) 4" 10 ml. of M/5000 salt solution; temperature, 37°C.; 
10 ml. each of the reaction mixture titrated with iV/20 sodium hydroxide or N/5 potas¬ 
sium permanganate 


ADDED SALT 

CUjPEIC 

NICKEL 

COBALT 

MANGANESE 

LEAD 

PALLADIUM 

NONE 


CHLORIDE 

ACETATE 

ACETATE 

ACETATE 

ACETATE 

CHLORIDE 


TIME 

! 








Titrated with iV/20 NaOH 


hours 

24 

48 

72 

ml. 

6.20 

0.05 

j ml. 

7.40 

1.45 

0.05 

ml. 

7.10 

1.85 

0.20 

ml. 

5.35 

0.40 

ml. 

7.25 

1.45 

0.05 

ml 

6.10 

0.65 

ml. 

7.40 

1.50 

0.05 



Titrated with N/ 5 KMnO 

4 



0 

19.65 

19.65 

19.65 

19.65 

19.65 

19.65 

19.65 

24 

11.45 

13.70 

13.45 

12.00 

13.65 

12.85 

13.65 

48 

1.80 

7.05 

7.10 

5.70 

6.65 

5.65 

6.70 

72 


1.90 

4.90 

0.05 

2.55 

0.55 

2.55 


TABLE 5 

Influence of cupric salts upon the decomposition of formic acid and hydrogen peroxide by 

natural mineral water 


200 ml. of mineral water (Hathorn No. 2) 4- 20 ml. of normal formic acid 4- 60 ml. of 
hydrogen peroxide (3 per cent) 4- cupric chloride; temperature, 37°C.; 10 ml. each of the 
reaction mixture titrated with jV/20 sodium hydroxide or N/ 5 potassium permanganate 


MG. OF CuCl* ADDED. . 

J 1.0 

0.1 

0.01 

NONE 

TIME j 






Titrated with N/20 NaOH 


hours 

ml. 

ml. 

ml. 

ml. 

24 

0.1 

7.05 

8.80 

9.85 

48 


0.20 

1.60 

5.20 

72 



0.05 

0.40 


Titrated with N/ 5 KMnCL 


0 

21.10 

21.10 

21.10 

21.10 

24 

2.10 

13.50 

15.30 

16.30 

48 


3.80 

6.95 

11.25 

72 



0.85 

5.10 


accelerating effect on the decomposition of both formic acid and hydrogen 
peroxide. Ni ++ , Co 44 ", and Pb++ ions have no influence. 
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Since small amounts of copper are supposed to be necessary for the normal 
oxidative function of iron in hemoglobin, a more quantitative investigation of its 
influence was made (table 5). The figures show an increase in the catalytic 
activity with even such a small amount as 10 micrograms of cupric ions added. 
With 1.0 mg. of cupric ions the rate of decomposition is increased about four 
times. Since cupric ions alone are without effect, the result is due to the com¬ 
bined action of iron and copper. 

In the previous paper (1) it was stated that the absolute rate of the catalytic 
activity of natural mineral waters is greatly affected by secondary processes 
between intermediate reaction products and components of the mineral waters. 
Further proof for this statement is given in the following experiments. 

TABLE 6 

Decomposition of formic acid and hydrogen peroxide by deposit from natural mineral waters 
Deposit from 100-400 ml. of mineral water (Hathorn No. 2) -f- 15 ml. of normal formic 
acid + 60 ml. of hydrogen peroxide (3 per cent) + 200 ml. of distilled water; temperature, 
37°C.; 10 ml. each of the reaction mixture titrated with A r /20 sodium hydroxide or N /5 
potassium permanganate 


RESIDUE FROM 

TIME 

100 ml. 

200 ml. 

400 ml. 

200 ml +01 
mg. CuClt 

Titrated with N /20 NaOH 

hours 

ml. 

ml. 

ml. 

ml. 

0 

11.10 

11.10 

11.05 

11.10 

5 

0.80 

0.50 

7.15 

7.40 

24 

1.20 

o.6o ; 

0.10 

0.25 

Titrated with N /5 KMnO* 

0 

21.50 

21.50 

21.50 

21.50 

5 

20.25 

19.50 

17.15 

18.40 

24 

10.50 1 

8.40 

6.80 

2.85 

48 

0.90 

5.65 | 

4.35 



If Saratoga mineral water is left standing in open containers for 1 or 2 days, 
all the iron present is precipitated in the form of basic ferrous and ferric hy¬ 
droxides and carbonates together with part of the calcium and magnesium car¬ 
bonates and bicarbonates. This precipitate was freed from the supernatant 
solution by decantation, suspended in an equal volume of distilled water and 
investigated for its catalytic activity in the previously discussed manner. 

A series of such experiments is presented in table 6. 8 It shows that the rate 
of decomposition of formic acid and hydrogen peroxide is considerably increased, 
as compared with that of fresh mineral water, and that it is dependent upon the 
amount of mineral water from which the precipitate was obtained. These 

8 The basic iron salts are dissolved by the formic acid. Therefore, the experiments 
cannot be compared with the heterogeneous catalysis of amorphous ferric hydroxides 
investigated by Krause and Kaniowska (2). 
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results are another proof that although iron salts are absolutely necessary for 
the studied reactions, their concentration is only of secondary importance. 

SUMMARY 

The catalytic oxidation of formic acid by natural mineral waters and hydrogen 
peroxide was studied. 

The oxidation is started by the ferrous ions present in the mineral water 
and is continued by a chain mechanism. 

The main factors influencing this chain mechanism are the concentration of 
hydrogen peroxide and its dissociation as indicated by the pH of the solution. 

The addition of cupric salts greatly increases the rate of the reaction. 
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SOLUBILITY OF AMMONIUM PERSULFATE IN WATER AND IN 
SOLUTIONS OF SULFURIC ACID AND AMMONIUM SULFATE 

J. F. G\LL, G. L. CHUUCII, and RALPH L. BROWN 
Research Division , Pennsylvania Salt Manufacturing Company , Philadelphia , Pennsylvania 

Received July 20, 1943 
INTRODUCTION 

In spite of the growing importance of per compounds, much of the physical 
data relative to even the inorganic members is lacking. Thus we have found 
only two references to the solubility of ammonium persulfate (1, 2), and these 
report results of single measurements only. We have had occasion to measure the 
solubility of this salt in water and in solutions of sulfuric acid and of ammonium 
sulfate; the results obtained are presented in this paper. 

EXPERIMENTAL 

Solutions of sulfuric acid and ammonium sulfate were prepared from c.p. 
reagents. Ammonium persulfate of the same quality was finely pulverized and 
added in considerable excess to the solutions in brown-glass rubber-stoppered 
bottles. Continuous agitation at constant temperature was obtained by tumb¬ 
ling in a water thermostat held within ±0.5°C. of the desired temperature. In 
most cases two saturation bottles were used at each composition, and samples 
were withdrawn at intervals of 1 hr. or \ hr. Analysis was made for persulfate, 
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Caro's acid, and hydrogen peroxide. 1 The densities of the solutions before and 
during saturation with persulfate were determined by means of the Westphal 
density balance. 


EQUILIBRIUM 

Solubility measurements on persulfates are complicated by hydrolysis to 
permonosulfuric (Caro's) acid and to hydrogen peroxide: 

(NH 4 )2S a 0 8 + H 2 0 HaSOs + (NH 4 ) 2 S0 4 
H£O b + H 2 0 -> U&O 4 + H 2 0 2 
and by decomposition of the hydrogen peroxide: 

H 2 0 2 -> H 2 0 + £0 2 

First attempts to approach saturation equilibrium showed a continued rise, last¬ 
ing many days, in concentration of oxidizing value, which was more rapid in the 
solutions of higher sulfuric acid content. Closer examination showed that 
saturation equilibrium with respect to ammonium persulfate was actually 
achieved within a few hours' time, but that slow hydrolysis to Caro's acid, cata¬ 
lyzed by higher acid concentrations, caused the slow rise in oxidizing value. 

Figure 1 shows typical variation of composition and density with time for one 
of the compositions studied. As will be seen, readings from duplicate sample 
bottles were in good agreement. Saturation with respect to ammonium per¬ 
sulfate was established within an hour. The total oxidizing value rose slowly and 
continuously, owing to development of Caro's acid by hydrolysis of persulfate. 
The persulfate content diminished slowly and continuously, owing to decreasing 
solubility of ammonium persulfate as Caro's acid and ammonium sulfate con¬ 
centrations increased through hydrolysis of the persulfate. No hydrogen 
peroxide was detected in any of the solutions. The density increased slowly with 
time, owing to the increasing total concentration of substances in solution. 

At each composition the curves for persulfate concentration and total oxidizing 
value (each expressed as peroxide equivalent) in all cases were found to extra¬ 
polate to the same point at zero time. This was taken as a further indication 
that true saturation equilibrium was reached. The final values for the solubility 
of ammonium persulfate were therefore taken as the common point of extrapola¬ 
tion of these two curves. Similarly, the density of the saturated solution was 
taken as the value found by extrapolation of density versus time to zero time. 

Analysis of the solid phase was not made; the equilibrium form was assumed to 
be the anhydrous salt, (NH 4 ) 2 S 2 0 8 2 . 

1 Unpublished procedure (developed by F. J. Frere and employed in this laboratory): 
Hydrogen peroxide is titrated directly with ceric sulfate, using orthophenanthroline ferrous 
complex indicator. Caro’s acid is determined in the solution after peroxide determination, 
by reduction with vanadyl sulfate and back-titration with permanganate. The total avail¬ 
able oxygen is determined by iodimetric titration on a separate sample. Persulfate is 
calculated by difference. 

* The existence of a dihydrate, (NHOgSaOg^^O, in equilibrium with saturated solution 
below 35°C. has been reported (Heidt: J. Chem. Phys. 10,298 (1942)). We have been unable 
to prepare crystals by evaporation from the saturated solution at 7°, 26°, or 38°C. which did 
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RESULTS 

Results of the solubility and density measurements are given in table 1, which 
shows compositions and densities before and after saturation with ammonium 
persulfate. Concentrations of sulfuric acid and ammonium sulfate in the 
saturated solutions were not determined analytically, but were calculated by the 
expression 



Fig. 1. Composition and density of ammonium persulfate-sulfuric acid-ammonium 
sulfate solutions versus time. Initially, 400 g. of sulfuric acid per liter and 100 g. of am¬ 
monium sulfate per liter were in contact with solid ammonium persulfate. Temperature 
• 20°C. 

lOOOda - S 
X lOOOdi 

where A and A' are concentrations of sulfuric acid or ammonium sulfate before 
nnH after, respectively, saturation with ammonium persulfate, di and d* the 
HAngj+iftB before saturation and after saturation, respectively, and S is the con¬ 
centration in grams per liter of ammonium persulfate i n the saturated solution. 

not assay above 98 per cent (NH.) ,S >0.. X-ray diffraction patterns of crystals so prepared 
were identical with patterns of the anhydrous salt. We thus fail to confirm the reported 
existence of a dihydrate. 



TABLE 1 

Density and composition of H 2 S04~(NH4) 2 S04 mixtures saturated with (NHOaSjOg 


ORIGINAL COMPOSITION 

INITIAL 

FINAL 

DENSITY 

FINAL COMPOSITION 

H*S04 1 (NH4)*S04 

DENSITY 

H 2 SO 4 

| (NHOtSOi 

(NH 4 ) S SsOs 


15°C. 


grams per liter 

grams per liter 

grams per cm* 

grams per cm* 

grams per liter 

grams per liter 

grams per liter 

0 

0 

0.999 

1.254 

0 

0 

522 

0 

50 

1.028 

1.254 

0 

37.5 

483 

0 

100 

1.056 

1.254 

0 

76.2 

449 

200 

0 

1.125 

• 1.258 

166.9 

0 

319 

200 

50 

1.147 

1.260 

169.3 

42.3 

289 

200 

100 

1.169 

1.263 

171.6 

85.8 

260 

400 

0 

1.242 

1.298 

362.7 

0 

172 

400 

50 

1.260 

1.304 

371.4 

46.4 

134 

400 

100 

1.279 | 

1.311 

376.3 

94.1 

108 

20 °C. 

0 

0 

0.998 

1.266 

0 

0 

543 

0 

50 

1.027 

1.266 

0 

37.0 

505 

0 

100 

1.055 

1.266 

0 

75.1 

474 

200 

0 

1.123 

1.267 

161.1 

0 

362 

200 

50 

1.145 

1.268 

163.2 

40.8 

334 

200 

100 

1.166 

1.269 

164.8 

82.4 

308 

400 

0 

1.238 

1.302 

358.3 

0 

193 

400 

50 

1.257 

1.310 

366.4 

45.8 

159 

400 

100 

1.275 

1.320 

375.9 

93.9 

122 


TABLE 2 

Solubility * of (NH 4 )2S20 8 in solutions of H2SO4 and (NH 4 )2S0 4 


CONCENTRATION 

of HjSO«. 

0 

50 

100 

150 

200 

250 

300 

350 

400 

(NHOtSOi 











15°C. 


0 

520 

448 

388 

334 

288 

247 

212 

178 

145 

25 

496 

428 

370 

318 

274 

233 

197 

162 

132 

50 

474 

408 

352 

303 

258 

218 

182 

148 

116 

75 

451 

389 

335 

286 

242 

203 

166 

132 

101 

100 

428 

369 

318 

271 

1 

227 

190 

154 

120 

88 

20 °C. 

0 

542 

481 

426 

374 

326 

281 

239 

199 ! 

162 

25 

518 

461 

406 

356 1 

310 

265 

224 

183 

146 

50 

496 

441 

390 

340 

295 

250 

208 

169 

131 

75 

475 

421 

371 

324 

278 

235 

194 

155 

116 

100 

452 

401 

352 

307 

263 

219 

178 

139 

100 


* All concentrations are expressed as grams of constituent per liter of solution at the 
temperature indicated. 
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The solubility values were obtained for odd values of ammonium sulfate and 
sulfuric acid concentrations, so that for convenient use of the data a double 
interpolation to rounded values of these concentrations is necessary. The fol¬ 
lowing graphical procedure was developed: On a plot of ammonium sulfate con¬ 
centration vs. sulfuric acid concentration, the compositions studied will be rep¬ 
resented by an array of points. Normals, erected from each such point and 
proportional in length to the solubility of ammonium persulfate in the corre¬ 
sponding composition, will generate a surface (which need not be constructed) 
representing the solubility of ammonium persulfate in all compositions of sulfuric 
acid and ammonium sulfate within the range of compositions investigated. 
Lines drawn in any convenient way joining measured points on the solubility 
surface will be projected onto the ammonium sulfate-sulfuric acid plane as lines 
joining the corresponding compositions. Solubilities may now be plotted against 
units measured along the projected connecting lines and interpolated solubility 
values for rounded concentrations of, e.g., ammonium sulfate, may be read off 
with reference to the field plot of ammonium sulfate vs. sulfuric acid. The so 
rounded solubility values may now be plotted as a family of curves, for constant 
ammonium sulfate, against concentration of sulfuric acid. This plot may now 
be used to obtain solubility values rounded with respect to both ammonium 
sulfate and sulfuric acid. As a check, the process may be repeated, rounding 
first with respect to sulfuric acid and then with respect to ammonium sulfate. 

Table 2 presents the final solubility data for rounded values of ammonium 
sulfate concentration at intervals of 25 g. per liter, and for rounded values of 
sulfuric acid concentration at intervals of 50 g. per liter. The solubility is given 
in grams of (NILLS^Og per liter of solution at the temperature indicated. 

ACCURACY 

Inspection of the experimental data leads to an estimate of error in solubility 
as less than 2-4 per cent; the density data are undoubtedly correct to better than 
1 per cent. 'The uncertainty in both quantities arises largely in the extrapolation 
to zero time. 

Linear interpolation between the rounded values in table 2 will introduce error 
no greater than that of the experimental data. 

SUMMARY 

1. A method for accurate determination of solubility in slowly hydrolyzing 
and decomposing solutions of per compounds w as developed. 

2. The solubility of ammonium persulfate in water and in solutions of sulfuric 
acid and ammonium sulfate, at 15°C. and 20°C., was measured. 

Acknowledgment is made to Pennsylvania Salt Manufacturing Company for 
permission to publish the data of this paper. 
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THE TERNARY SYSTEMS BARIUM CHLORIDE-DIOXANE-WATER 
AND CALCIUM CHLORIDE-DIOXANE-WATER 
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Department of Chemistry, University of Delaware , Newark , Delaware 
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In the further study of ternary systems containing dioxane (6) the systems 
barium chloride-dioxane-water and calcium chloride-dioxane-water have been 
examined. Barium chloride does not appear to form dioxanates, and prelim¬ 
inary investigation indicated no immiscibility in the system; the system should 
be a simple one. In the case of calcium chloride a monodioxanate has been re¬ 
ported by Heines and Yntema (4), and in preliminary tests we found that im¬ 
miscibility resulted in the system at high dioxane concentration® 

PREPARATION OF MATERIALS 

Dioxane: Technical 1,4-dioxane from the Eastman Kodak Company was 
purified by the method described by Eigenberger (3). The product was kept 
over metallic sodium, from which it was distilled when needed. 

Barium chloride: Baker’s c. p. barium chloride was twice recrystallized from 
redistilled water, and then dried at 150°C. for several hours. The anhydrous 
salt was kept over phosphorus pentoxide in a desiccator. 

Calcium chloride: A hot saturated solution of Baker’s c. p. calcium chloride 
(CaCl 2 ) was prepared and filtered, and on cooling large crystals of CaCl 2 *6H 2 0 
were obtained. A saturated solution of the salt was prepared from these crystals 
and kept at 30°C. This solution was carefully analyzed by titration with silver 
nitrate (Mohr’s method) and was the source of most of the solutions and mix¬ 
tures. Some anhydrous calcium chloride was prepared by drying over phos¬ 
phorus pentoxide, and finally fusing in a platinum crucible. Solubility measure¬ 
ments on these salts in water at 25°C. gave the values: barium chloride, 27.09 
per cent by weight and calcium chloride, 45.04 per cent by weight, comparing 
favorably with the values reported by Bassett, Barton, Foster, and Pateman (1) 
for barium chloride, and by Bassett, Gordon, and Henshall (2), and Lee and 
Egerton (5) for calcium chloride. Constant temperature was obtained with a 
water thermostat (25°C. zb 0.05°). 

25°C. ISOTHERM FOR THE BARIUM CHLORIDE-DIOXANE-WATER SYSTEM 

Mixtures of solid phase and mother liquor were prepared artificially by direct 
weighing of the three components. The solution in equilibrium with the cor¬ 
responding solid phase was withdrawn through sintered-glass filters and analyzed 
for barium chloride by titration with silver nitrate. This method was checked 
by evaporation to dryness and weighing the residue, with agreement within 
db0.3 per cent for all samples tested The water content was determined by use 
of the Karl Fischer reagent prepared by the method of Smith, Bryant, and Mitch¬ 
ell (7). The precision was within ±0.3 per cent. 



Fro. 2. Dioxane corner of the 25°C. isotherm of the system barium chloride-dioxane-water 
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TABLE 1 


Data for the 25°C. isotherm of the system barium chloride-dioxane-waler 


COMPOSITION OF THE SOLID PHASE-MOTHER LIQUOR 
MIXTURE 

COMPOSITION OF SOLUTION IN EQUILIBRIUM WITH SOLID 
PHASE 

BaCh 

Dioxane 

HsO 

BaCla 

Dioxane j 

h 2 o 

per cent 

per cent 

per cen 

per cent 

per cent 

per cent 

46.9 

1.4 

51.7 

26.1 

1.8 

72.1 

58.2 

2.1 

39.7 

25.0 

4.0 

71.0 

42.9 

6.0 

51.1 

22.9 

9.6 

67.5 

39.1 

10.5 

50.4 

20.2 

15.8 

64.0 

39.4 

15.5 

45.1 

17.0 

22.6 

60.4 

35.3 

24.6 

40.1 

11.2 

37.2 

51.6 

33.3 

28.3 

38.4 

9.51 

41.2 

49.3 

32.6 

31.0 

36.4 

8.15 

45.6 

46.2 

30.5 

37.4 

32.1 

5.45 

54.4 

40.2 

25.1 

43.2 

31.7 

4.48 

58.0 

37.5 

28.8 

46.4 

24.8 

1.96 

68.7 

29.3 

43.8 

35.6 

20.6 

1.21 

72.4 

26.1 

16.2 

62.7 

21.1 

0.64 

76.1 

23.3 

39.4 

48.2 

12.4 

0.01 

89.9 

10.1 

54.3 

34.1 

11.6 

0.00 

93.73 

6.27 

45.0 

46.5 

8.51 

0 00 

98 20 

1 SO 

19.1 

77.6 

3.30 

0.00 

99.05 

0.95 

66.4 

27.6 

6.03 

0.00 

99.58 

0.42* 


' Equilibrium between two solid phases, BaCL’ZIIsO and BaCl 2 , and saturated solution. 


TABLE 2 

Data for the 25°C. isotherm of the system calcium chloridc-dioxave-n atcr 
Miscible region (one liquid phase) 


COMPOSITION OF THE SOT.1D PHASE-MOTHER LIQUOR COMPOSITION OF SOLUTION IN EQUILIBRIUM WITH SOLID 

MIXTURE PHASE 


CaCla 

Dioxane 

HaO 

CaCla 

Dioxane 

llt<) 

per cent 

per cent 

per cent 

per cent 

per cent 

per cent 

47.4 

0.6 

52.0 

44.8 

1.3 

53.9 

47.3 

2.9 

49.8 

44.5 

2.5 

53.0* 

44.9 

13.7 

41.4 

43.9 

3.7 

52.4 

43.6 

16.3 

40.1 

41.6 

7.3 

51.1 

42.2 

18.9 

38.9 

39.8 

10.0 

50.2 

41.8 

19.7 

38.5 

39.1 

11.1 

49.8 

39.7 

23.6 

36.7 

36 .* 

15.0 

48.5 

38.3 

26.2 

35.5 

33.8 

19.7 

46.5 


Immiscible region (two liquid phases) 


COMPOSITION OF LIGHTER LAYER 

COMPOSITION OF HEAVIER LAY* R 

CaCla 

Dioxane 

HjO 

CaCla 

Dioxane 1 

11*0 

per cent 

per cent 

per cent 

per cent 

per cent 

Per cent 

28.6 

27.9 

43.5 

0.00 

98.54 

1.46f 

19.3 

32.8 

47.9 

0.00 

95.98 

4.02 

12.8 

40.2 

47.0 

0.05 

92.71 

7.24 

6.41 

54.0 

39.6 

0.99 

80.5 

18.5 


* Equilibrium between two solid phases, CaCl 2 *6Hi:0 and CaCl 2 - (C 2 H4) 2 0 2 *2H 2 0, and 
saturated solution. 

t Equilibrium between solid phase, CaClj- (C 2 H 4 ) 2 0 2 *2H 2 0, and two liquid phases. 
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The data for this isotherm are given in table 1 and in figures 1 and 2. 

The isothermally invariant point was determined from three different mix¬ 
tures (indicated by the crosses) and the average value is given. It should be 
noted that the dihydrate is stable over most of the range of dioxane concentra¬ 
tion, and only above 99.58 per cent dioxane is the anhydrous salt the equilibrium 
solid phase. 

2f>°(\ ISOTHERM FOR THE SYSTEM CALCIUM CHLORIDE-DIOXANE-WATER 

Mixtures of solid phase and mother liquor were prepared artificially by direct 
weighing of the three components or by use of the saturated aqueous solution of 



Fig. 3 . 25 °C. isotherm for the system calcium chloricle-dioxane-water 


calcium chloride referred to above. Analysis was made as described under the 
barium chloride-dioxane-water system. 

In the immiscible region, mixtures of approximate composition v r ere prepared, 
and each layer was analyzed for calcium chloride and water as before. 

Data for the isotherm are given in table 2 and in figure 3. 

The isothermally invariant points were determined in triplicate and the aver¬ 
age value is included in the table. Region I is an area in w hich CaCl 2 • 6H 2 0 is 
the equilibrium solid phase; region II is one where the solvate CaCl 2 • (C 2 H 4 )20 2 -2 
H 2 0 is the solid phase in equilibrium with the saturated solution; and region III 
is the immiscible portion of the system. The region beyond 98.5 per cent dioxane 
was not investigated. 
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The solvate CaCU • (CjH^jO* • 2HjO was separated from solution and dried 
over a mixture of an excess of this solvate and some partially desolvated material 
in a desiccator. This was continued over a period of 3 months, until no further 
change in mass resulted. No decomposition of the crystals was indicated during 
the process. Analysis of these crystals for water and calcium chloride gave 
the following results: 



EXPERIMENTAL 

THEORETICAL FOR 
CaClt* (CiH4)jO»*2HiO 


per cent 

per cent 

Calcium chloride. 

47.2 

47.22 

Dioxane. 

37.3 

37.45 

Water. . 

15.5 

15.33 


Attempts to dry the solvate over other mixtures failed; no constant mass was 
obtained after 3 months, and obvious decomposition of the solvate occurred. 
The isotherm also indicates this composition of the solvate in region II. 

SUMMARY 

1. The 25°C. isotherms for the systems barium chloride-dioxane-water and 
calcium chloride-dioxane-water have been presented. 

2. A new solvate, CaClj • (CaH^Ch • 2H 2 0, has been separated and identified. 
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1. INTRODUCTION 

The presence of carboxyl groups in cellulose and oxycellulose has been con¬ 
firmed by a number of investigators. Purified cotton wool contains about one 
carboxyl group per three hundred glucose residues, whereas oxycellulose may 
contain one carboxyl group per fifty glucose residues. In view of the relatively 
small number of these groups, we cannot assume with certainty that all, or even 
the majority, of the ions which constitute the diffuse double layer in a cellulose- 
water interface originate from the dissociation of carboxyl groups. However, 
these groups may be expected to be a contributing factor to the {'-potential. 
An investigation on the electrokinetic properties of cellulose of varying carboxyl 
content was therefore undertaken. The method employed was the streaming- 
potential method due to Briggs (3), who was the first worker to take the surface 
conductivity into account. 


II. EXPERIMENTAL 

The cell employed (diameter of the center cell 1.5 cm., distance between the 
electrodes 3.3 cm.) was narrower than that used by Briggs. It was found 
easier to pack the cellulose evenly in a cell of the above dimensions than in a 
wider cell. The electrodes were plates of pure platinum, 2 mm. thick, into 
which holes were drilled. The streaming potential was measured with a Cam¬ 
bridge valve potentiometer. This instrument measures the e.m.f. with an ac¬ 
curacy of about 0.2 millivolt, which is quite sufficient in view of the uncertainties 
introduced from other sources (see later). The resistance was determined by a 
Wheatstone net, using Tinsley inductionless shielded resistance boxes and a 
Sullivan triple range ratio arm and Wagner earth. The resistance was measured 
during streaming, i.e., in the same condition as the streaming potential. The 
alternating current (~1000 cycles) was supplied by a valve oscillator. 

A certain amount of polarization cannot be avoided during the streaming- 
potential measurements by the Briggs method, as indicated by a residual poten¬ 
tial between the electrodes, whose magnitude and sign varied without any evident 
rule. This residual potential was determined before and after each streaming 
potential and resistance measurement and was subtracted from the experi¬ 
mental potential. With the platinum electrodes employed in this investigation 
it was usually not greater than a few millivolts. 

To calculate the conductance of the cell filled with cellulose it was necessary 
to determine the “cell constant" for each filling. This was done after each 
experiment, using potassium chloride solutions of various concentrations. 
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Very little variation of the cell constant with concentration was found (usually 
below 1 to 2 per cent); hence extrapolation was generally not necessary (N/10 
potassium chloride taken as standard). 

The samples under investigation were purified cottons, cotton wool, oxidized 
cellulose, mercerized cellulose, and a number of samples of regenerated cellulose 
(artificial silk). For methods of preparation and purification see reference 13. 
In most cases “hydrogen celluloses”, i.e., celluloses containing free carboxyl 
groups were used; the metal ions were removed by the acid and distilled water 
treatment described previously (13). In a number of experiments, however, 
metal ions (e.g., calcium) were purposely introduced (e.g., by leaving the hydro¬ 
gen cellulose in contact with concentrated calcium acetate solution and subse¬ 
quently washing with distilled water). The carboxyl group content (acid value) 
was in all cases determined by the calcium acetate method (13). 

The distilled water employed had a specific conductivity of about 1.5 X 10~ 6 
mhos. 1 In some experiments it was freed from carbon dioxide and the streaming 
potential measured with exclusion of carbon dioxide. No change in the experi¬ 
mental potential was found; it is, however, possible that cellulose contains ad¬ 
sorbed carbon dioxide which may be difficult to remove. 


III. THE EVALUATION OF f-POTENTIAL AND SURFACE CONDUCTIVITY FROM THE 

EXPERIMENTAL DATA 

The ^-potential is calculated using the well-known Helmholtz-Snioluchowski 
equation, as modified by Briggs: 


t 


Ant) Ek 

~d'~p 


( 1 ) 


where r\ is the viscosity, D the dielectric constant (80), P the pressure under 
which the liquid is forced through the diaphragm, E the streaming potential, 
and k the effective specific conductivity of the cellulose diaphragm soaked with 
liquid, which thus includes bulk conductivity and surface conductivity. 

This equation will not hold when the capillary diameter, or its equivalent in a 
diaphragm, fails below a certain limit and comes into the order of magnitude of 
the thickness of the double layer (4, 8, 17, 22). However, apart from this, there 
are indications that the Briggs equation may not be the correct function between 
f and surface conductivity. It appears that, in systems which possess a high 
conductivity, the Briggs equation yields too low values for f {vide infra; cf. 
also reference 6). 

The values obtained for f depend to a considerable extent on the evenness and 
tightness of packing of the cellulose. In extreme cases, the results may show 
variations of about =bl0 per cent, even when equal amounts of cellulose are used. 

1 Our cellulose easily picks up ions from water. If several liters of distilled water, 
showing no positive reaction for copper (diethyl dithiocarbamate test), are filtered through 
a small pad of cellulose, a positive test is obtained in the pad. Obviously, the water con¬ 
tained copper in an amount below the sensitivity of the test, and the metal was concen¬ 
trated in the pad during filtration. 
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The difficulties of reproducing results are greater with distilled water than with 
salt solutions, and appear to increase with increasing purity of the water. Apart 
from irregularities, observed by Briggs, when the cellulose is too loosely packed, 
we have observed further irregularities when the cellulose is very tightly packed. 
The f-potential found with very tightly packed diaphragms is lower than that 
found with diaphragms of medium tightness of packing, and decreases during 
the experiment. In one experiment the rate of flow fell from 20 ml. per minute 
(p = 10 cm.) to 1.6 ml. per minute (p = 10 cm.) after 2.5 liters of water were 
passed through the diaphragm, and did not assume a steady value on further 
streaming. At the same time, E/P, which at constant resistance is proportional 
to f, fell from 10.2 to 5.1, whilst the resistance of the cell remained constant. 
The rate of flow remained low after the streaming was interrupted and the ex¬ 
periment started again. This shows that the observed effects are mainly due to 
an increasing amount of felting of the cellulose; a retardation of the flow rate due 
to a back k.m.f. may also occur, but is an effect of a smaller order. 

The low values for {* in the case of tightly packed diaphragms may in part be 
due to a breakdown of the Briggs equation when the “capillary diameter” is 
reduced. It is conceivable that in a tightly packed cotton wool diaphragm in 
distilled water, the average distance between the fibers may be of the order of 
magnitude of the thickness of the double layer. This may also account for the 
irregularity of the f values. When, afterwards, an electrolyte solution is passed 
through the diaphragm, with concomitant reduction of the double-layer thick¬ 
ness, the f values become much more reproducible. Moreover, the rate of flow 
of an electrolyte solution streamed through a tightly packed diaphragm is some¬ 
what larger than that of distilled water. The reduction of the double-layer 
thickness by the electrolyte apparently reduces the effect of a back e.m.f. on the 
rate of flow. 

Two important factors which may cause, in any diaphragm of fibrous material, 
the f-potential as calculated by the Briggs equation to be lower than the true 
f-potential have recently been pointed out by Bikerman (7): (1 ) In the case of 
surfaces which are not smooth, the flow of liquid streaming between the micro¬ 
scopical “protuberances” of the surface is less rapid than that calculated from 
hydrodynamic equations postulating an ideally smooth surface. (2) In the case 
of solids possessing a fibrous structure and immobilizing water (swollen mem¬ 
branes), the cross section (S/) available for ionic migration (and hence deter¬ 
mining the conductivity of the system) is greater than the cross section (Si) 
available for the streaming liquid. Hence the right-hand side of the Briggs 
equation has to be multiplied by S 2 /S 1 , which is always greater than unity. 

Bikerman’s factor S 2 /S 1 may, in part, account for some of the irregularities 
mentioned above. Slight variations of packing may produce an appreciable 
variation of S 2 /S 1 , and hence explain partly the difficulties in reproducing 
results. Moreover, with increasing tightness of packing, S 2 /Si will increase 
and hence f as calculated by the Briggs equation will be smaller than the true f. 

It is possible to estimate S 2 /Si roughly from the specific volume of cellulose 
(0.647, according to reference 12) and the volume increase on swelling in water 
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(cotton, 40-45 per cent; regenerated celluloses, 60-70 per cent, according to 
reference 11). With diaphragms of medium tightness, i.e., 1.5 g. of cellulose 
in our 5.85 cm. 3 cell, S 2 /S 1 is estimated as of the order of 1.1. If the packing is 
tighter, e.g., 2.5 g. in 5.85 cm., 3 S 2 /S 1 rises to about 1.2. # 

Thus the factor S 2 /S 1 does at first sight not seem to account for the large drop 
of f on streaming large quantities of water through a tightly packed diaphragm. 
However, “felting” which takes place during this process may immobilize quan¬ 
tities of water much in excess of those immobilized by actual swelling, and thqs 
produce a considerable increase of S 2 /S 1 . 

Kanamaru and coworkers (14) have observed a decrease of f with increasing 
time of contact between cellulose and water which they regard as an indication 
for a progressive hydration of the cellulose (c/., however, Bikerman (7)). We 
are inclined to interpret the drop of the apparent f-potential as being due to an 
increasing amount of felting, rather than to actual solvation. With diaphragms 
of medium tightness, we find no variation exceeding ±6 per cent during the 
first 3 to 4 days. As our experiments were not usually extended over longer 
than about 48 hr., no such time effect need be taken into consideration, since the 
variations with different fillings of the cell exceed this amount. After longer 
periods we generally find a decrease in f. 

It is evident from the foregoing considerations that absolute values for f are 
unlikely to be obtained by the streaming-potential method. However, for the 
system cellulose-water this method (or the equivalent electroosmosis) is the 
only method that is experimentally feasible. Results of comparative signifi¬ 
cance can be obtained only by careful standardization of the experimental 
conditions, 2 and the results obtained have to be discussed in conjunction with 
the modifying factors mentioned above. In this investigation, the amount of 
cellulose in the cell was always kept near 1.5 g., in order to have as little as pos¬ 
sible variation of tightness of packing. Great pains were taken to pack the cellu¬ 
lose evenly in the cell. The constancy of E/PR (R = resistance) with varying 
pressure (P), which is postulated by the Briggs equation, provided we are dealing 
with Newtonian flow, proved to be a good criterion for even and unvaried pack¬ 
ing. Experiments which showed a drift in E/PR v y ere discarded. 

The most reasonable way of expressing the surface conductivity would be as 

K —where k = C/P, Kb is the specific conductivity of the liquid in bulk, a is the 
a 

effective surface area per gram of cellulose, C is the cell constant, and R is the 
observed resistance. However, since a is unknown, and cannot easily be esti¬ 
mated, the density of packing (d) was substituted for it, i.e., the weight of cellu¬ 
lose per milliliter of diaphragm space: 

K — Kb 

*• T 

k. is thus the surface conductivity per unit weight. It is a measure for the sur¬ 
face conductivity per unit effective surface only if the specific effective surface 

* This was early appreciated by Briggs and Gortner and coworkers. 
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is the same in all cases. The procedure is quite permissible when the surface 
conductivity of the same diaphragm in relation to the electrolyte concentration 
is investigated. On comparison of various celluloses, however, a possible 
variation of the specific effective surface must be considered. k 8 varies very 
little with vaiying tightness of packing. 

IV. RESULTS AND DISCUSSION 

A . Systems involving distilled water 

The results are summarized in table 1. A is the acid value in milliequivalents 
per gram of cellulose; for hydrogen celluloses A is also the carboxyl group con¬ 
tent; in all the other cases it is the free carboxyl hydrogen. W is the weight of 
the cellulose diaphragm, dried at 100°C. All the other symbols, defined pre¬ 
viously, refer to 20°C. 

The samples listed under (a) in table 1 are celluloses containing free carboxyl 
groups (“hydrogen celluloses ,, ). The reproducibility of f in all systems involv¬ 
ing distilled water is poor. Nevertheless, it may be seen that there is a general 
trend towards lower f with increasing A value, i.e., increasing carboxyl group 
content. On the other hand, there is a marked increase in surface conductivity 
with increasing A value. 

It appears reasonable that even if the f-potential is determined only in part 
by the dissociation of the carboxyl groups of the cellulose, the f-potential should 
increase with increasing surface density of the carboxyl groups. This effect will 
be modified by a simultaneous decrease of the double-layer thickness (owing to 
the increase of charge density); nevertheless, it is surprising that a decrease of f 
should result. It may be argued that the f-potential maj r not be determined at 
all by the carboxyl groups; in this case, however, the increase of surface conduc¬ 
tivity with increasing carboxyl-group content would be difficult to understand 
except on assumptions different from those made usually (c/. section B, end). 
The decrease of f is very unlikely to be explained by Bikerman\s factor 82 /Si. 
From the scanty knowledge about the swelling of cellulose and oxycellulose (19), 
there is little indication that S 2 /S 1 should differ appreciably in the two cases; 
nor is it likely that inhomogeneities of the surfaces should falsify results to a 
different extent in the two cases, as the oxycelluloses are prepared from the 
same cotton wool. There is, however, a possibility that f is in error, in the 
systems with high acid value, because of an inadequacy of the Briggs equation 
mentioned above. It has been found with systems in which the surface con¬ 
ductivity is high, e.g., parchment paper of high acid value (2), that f calculated 
by the Briggs equation has extraordinarily low values. 

According to G. M. Willis of this Department, parchment papers have A 
values of the order of 35 to 45 X 10~ 3 . These are higher than the A values of 
cotton wool, but lower than those of most oxycelluloses. The surface conduc¬ 
tivity of the parchment papers has not been determined. It appears reasonable 
to assume that the surface conductivity of a parchment paper is higher than 
that of cellulose, even if the acid value were the same, since the acidity of the 
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TABLE 1 


CELLULOSES 

AX 10* 


£ 

F 

IN MILLI¬ 
VOLTS 
PEE CEN¬ 
TIMETER 
OF 

MERCURY 

kX io« 

MHOS 

Kb X 10« 

MHOS 

*.x io« 

MHOS 

r 

(o) Hydrogen celluloses: 








Cotton D. 

4.2 

1.37 

86 

4.05 

1.54 

11 

37 



1.52 

73 

4.4 

1.60 

11 

34 

Cotton B. 

5.6 

1.47 

78 

4.15 

1.50 

11 

34.5 



1.26 

97 

3.65 

1.51 

10 

37.5 

Cotton A. . 

8.3 

1.30 

99 

3.60 

1.50 

10 

38 

Cotton wool. 

20.5 

1.60 

25 

9.9 

1.56 

31 

26.5 



1.59 

27.2 

10.2 

1.52 

33 

29 

Oxycellulose E . 

52.2 

1.25 

19.4 

10.2 

1.45 

42 1 

21 



1.33 

18.3 

11.1 

1.50 

43 

21.5 

Oxycellulose A. 

79.0 

1.36 

15.5 

19.2 

1.52 

78 

31 



1.30 

14.9 

15.7 

1.50 

66 

25 

Oxycellulose D . 

104.8 

1.61 

9.0 

24.1 

1.50 

84 

23 



1.55 

10.2 

18.4 

1.48 

66 

20 

Oxycellulose C. 

132 

1.47 

11.0 

18.4 

1.50 

70 

21.5 



1.47 

7.9 

19.6 

1.51 

74 

16.5 

(5) Calcium-containing Celluloses: 








Cotton wool. 

8.8 

1.33 

40.8 

5.78 

1.45 

20 

25 



1.50 

32 

6.65 

1.48 

20 

23 

Oxycellulose C. 

33.6 

1.36 

17 

10.5 

1.35 

41 

19 



1.26 

20 

10.1 

1.32 

42 

21 

(c) Mercerized celluloses: 








Cotton wool. 

5.6 

1.52 

27 

6.84 

1.35 

22 

20 



1.50 

29 

6.5 

1.40 

21 

20 

Cotton wool, hydrogen-satu¬ 








rated . .... 

13 

1.18 

26.5 

7.2 

1.37 

30 

20 



1.47 

29.8 

8.6 

1.43 

30 

27 



1.25 

28 

7.3 

1.37 

29 

22 

(d) Regenerated celluloses: 








Copper silk. 

19.7 

1.39 

10.5 

12.7 

1.50 

48 

14 



1.61 

9.2 

15.3 

1.48 

52 

15 

Viscose. 

34.0 

1.35 

10.3 

15.5 

1.37 

63 

17 



2.09 

5.7 

26.5 

1.36 

72 

16 


















ELECTROKINETIC PROPERTIES OF CELLULOSE 


661 


former is partly due to SO3H groups which may be assumed to be more strongly 
ionized than COOH groups. 

Partial substitution 8 of hydrogen by calcium (in the calcium celluloses, table 
1 (b)) or by sodium (in the mercerized cellulose, table 1 (c)) causes a slight de¬ 
crease of f. Regenerated celluloses give small values for f. This may in part 
be due to a larger factor S 2 /S 1 , as the regenerated celluloses show stronger 
swelling than native celluloses ( cf . reference 11). 

Most investigators of surface conductivity in the past have been concerned 
with systems containing electrolytes, and often relatively inert surfaces, such as 
glass. The effects are generally interpreted as being due to an ionic atmosphere 
which derives its constituents mainly from the solution. In the system cellu¬ 
lose-water, the surface contains dissociating carboxyl groups. A rough esti¬ 
mate, based on our previous computation of an acid dissociation constant of 
cellulose (13), shows that the dissociation of the carboxyl groups may yield 
sufficient hydrogen ions to account for the experimental surface conductivity. 

The surface conductivities are better reproducible than the f-potentials, except 
for some of the oxycelluloses, where duplication may be more difficult because 
of the inhomogeneity of the samples. There is a marked increase of k 8 with 
increasing carboxvl-group content (A value) among the hydrogen celluloses. 

Although the increase of k h with increasing A is very plausible, caution must be 
exercised. k 8 is defined per unit weight; on the other hand, the specific effective 
surface may vary for various samples. Nevertheless, the oxidized celluloses 
have all been prepared from cotton wool. Although during oxidation the fibers 
may break and become shorter, this need not involve an appreciable increase in 
the effective surface. 4 

Table 1 shows an effect which points very clearly to the carboxyl hydrogen 
as a factor contributing strongly to the surface conductivity in distilled water. 
Partial substitution of carboxyl hydrogen by calcium (with a corresponding 
decrease of the acid value) leads in all cases to a reduction of the surface conduc¬ 
tivity. In the case of cotton wool k s X 10 6 drops from 32 to 20; with oxidized 
cellulose C drops from 72 to 41. This may be qualitatively explained by the 
fact that the mobility of the calcium ion is smaller than that of the hydrogen 
ion. A similar effect is shown with mercerized cellulose where the product 
containing free carboxyl has a surface conductivity (k«) of about 30, whereas the 
ordinary mercerized cellulose, which has most of its carboxyl hydrogen sub¬ 
stituted by sodium (low acid value), has a surface conductivity ( k 8 ) of 21, probably 
due to the mobility of Na + being smaller than that of H + . 5 These observations 

* The hydrogen is only partially substituted, as A is not zero. For the method of sub¬ 
stitution, see section II. 

4 A comparison of #e« of the regenerated celluloses with that of the native celluloses is not 
feasible, because of the extreme difference of texture and specific effective surface. 

6 In addition, the structure of the surface layer has to be considered. Since salts of car¬ 
boxylic acids are more strongly ionized than the acids themselves, there may be more ions 
in the diffuse part of the double layer in the case of the calcium and sodium celluloses than 
in the case of the hydrogen cellulose. This would counteract the mobility effect; although 
the “free” mobility of H + is greater than that of lCa‘ H ' or Na + , there will be less H + present 
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on the change of «. with substitution of carboxyl hydrogen by calcium or sodium 
are not affected by any uncertainty due to the fact that k 9 is defined per unit mass. 
As the substitution is carried out on the same sample of cellulose, we are con¬ 
cerned with the same effective surface. 

It is interesting that there is apparently no relation between surface conduc¬ 
tivity and f-potential in distilled water. All the mathematical relations be¬ 
tween f and k$ (4, 5, 6, 10) postulate that these two quantities vary together. 
There is, however, a possibility that the parts of the double layer which deter¬ 
mine Kg and those which determine f are not identical. This point will be dis¬ 
cussed further in the next section. 


NXIO 4 



Fig. 1 . Plot of {"-potential against concentration (in N X 10 4 ) for several electrolytes, 
a, sulfuric acid; b, hydrochloric acid; c, potassium nitrate; d, sodium chloride; e, calcium 
chloride and barium chloride; f, thorium nitrate; g, lanthanum nitrate. 

B, Systems involving electrolyte solutions 

Figure 1 shows the f-potential of hydrogen cellulose (cotton wool) in a number 
of electrolyte solutions plotted against the concentration. The curves are simi¬ 
lar to those obtained by Briggs and by Bull and Gortner (9) with purified wood 
celluloses and filter papers. Our £ values are higher than those of the other 
investigators; moreover, we find a stronger sign reversal in the case of thorium 
nitrate. It is unlikely that these curves should be strongly in error by neglect 
of Bikerman’s factor S 2 /S 1 or of surface roughness, as these are little influenced 

in the diffuse part of the double layer. On the other hand, there are indications that the 
calcium- and sodium-substituted celluloses behave as “insoluble salts,” as it is very difficult 
to hydrolyze the metal ions away completely by treatment with water (13). In this case, 
the metal ions would be expected to be mainly in the fixed part of the double layer; hence a 
very great reduction of will result when hydrogen is replaced by calcium or sodium. 
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at the very low electrolyte concentrations under investigation. Our curves 
for alkali chlorides, like those of many other investigators of various systems, 
show a maximum at low concentration. Many authors, in particular Bikerman 
(5, 7) and A. J. Rutgers (18), suggest that this maximum may be spurious and 
may not be found if the true f is measured. Bikerman (5) originally suggested 
that the experimental maximum may be due to the fact that, when the surface 
conductivity is determined with high frequency a.c. (in our case ^ 1000 cycles), 
only part of it may be measured, and as a consequence, too low values for f 
would be obtained in systems in which the surface conductivity is a large fraction 
of the total conductivity, i.e., at low electrolyte concentration and in distilled 
water. In Bikerman’s quantitative theory of surface conductivity, it is assumed 
that the surface conductivity is composed of a term depending on electroosmosis 
(first investigated by Smoluchowski), and a term depending on the ionic mobil¬ 
ities; at 1000 cycles we may be above the dispersion region with regard to the 
electroosmotic term. It may, however, be shown that in order to make the 
maximum disappear in our potassium chloride curve, the total surface conduc¬ 
tivity would have to be at least twice as high as that determined experimentally 
at 1000 cycles. It is therefore possible to test this point in a semiquantitative 
manner by measuring the resistance of our system containing distilled water or 
very dilute electrolyte solution first with 1000-cycle a.c. and afterwards with 
ordinary 50-cycle a.c. and vibration galvanometer. The latter arrangement is 
not very sensitive in our system of high resistance, but preliminary experiments 
have shown beyond doubt that there is no difference in resistance exceeding a 
few r per cent between the experiment at 1000 cycles and that at 50 cycles. Hence, 
the electroosmotic term is either very small, or its dispersion region is above 1000 
cycles. Urban, Feldman, and White (20) came to a similar conclusion with 
regard to the electroosmotic term of the surface conductivity in Pyrex slits. 
Rosenhead and Miller (5), in a mathematical analysis, found that the dispersion 
region is at frequencies higher than 10 5 cycles. At any rate, there is little doubt 
that the total surface conductivity has been measured in our arrangement as 
well as in those of other investigators. Since the maximum in the f-C curve 
for potassium chloride can thus not be explained by a dispersion of the surface 
conductivity, and since a possible slight variation of S 2 /S 1 (see above) is unlikely 
to account for it, 6 w r e are faced with the alternative of either regarding the maxi¬ 
mum as real, or assuming that the experimental f is too low at ]o\v concentrations 
and in distilled water, owing to a possible inadequacy of the Briggs equation 
referred to previously; this would make itself felt to an increasing extent at low 
concentrations, when the contribution of the surface conductivity to the total 
conductivity is high. The latter possibility can be substantiated only after 
further theoretical research regarding the Briggs equation. 

The lowering of the f-potential of cellulose by lanthanum and thorium salts 
(with sign reversal in the case of the latter) is, in accordance with the assump- 

6 We also satisfied ourselves that the maximum is not due to an exchange reaction be¬ 
tween hydrogen cellulose and the salt ( cf . 13). Curves obtained with hydrogen cellulose 
and with sodium-substituted cellulose are almost identical. 
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tions of other workers, due to preferential adsorption of cations. 7 The position 
is, however, not so clear in the case of salts of uni- and bi-valent cations, even if 
it be assumed that the maximum in the f-C curve is spurious. 

In figure 2 the surface conductivity is plotted against concentration. An 
expression 


*« — Kw 

u + v 

where k w = (k — Kb)d (cf . section III, end) in distilled water and u and v are the 
mobilities of cation and anion of the salt, may be called the reduced surface 
conductivity. This notation renders possible a comparison of the contribution 
of various electrolytes to the surface conductivity, almost independent of their 
individual ionic mobilities. It is seen that the curves (figure 3) of the reduced 
surface conductivity of various electrolytes of the same valency type almost coin- 



N x I0 4 

Fig. 2. Plot of k , X 10 6 against concentration, a, sulfuric acid; b, hydrochloric acid; c, 
potassium nitrate; d, sodium chloride; e, calcium chloride and barium chloride; f, thorium 
nitrate; g, lanthanum nitrate. 


cide. If the surface conductivity is regarded as being due to the ions in the mo¬ 
bile part of the Stem double layer, the above expression may be regarded as a 
measure of the inequality of adsorption of the ions of opposite sign. In first ap¬ 
proximation it may also be regarded as an estimate of the charge density in the 
mobile part of the double layer (c/. also the calculations of Cole (10)). 

The salts furnishing tervalent and quadrivalent cations cause a lowering of the 
surface conductivity (k s ) at low concentration (figure 2). This is understand- 

7 With lanthanum nitrate, and to a lesser degree with thorium nitrate, rapid changes of 
f occurred in very dilute solutions, which impaired the accuracy. Possibly in these solu¬ 
tions we are not merely concerned with ion adsorption and a change in charge density but, 
in part, with an actual deposition of hydrolysis products. A suggestion that the hydrolysis 
products and not the ions may be partly operative in the surface discharge by adsorption 
may also be seen in the fact that the quadrivalent and hexavalent ions of complex cobalt 
salts lower the ^-potential of glass less than the tervalent and quadrivalent lanthanum and 
thorium ions (15). 
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able, as the f-potential is simultaneously decreased, although the shape of the 
f-C curve is not easy to interpret. More experiments will be necessary with 
high-valent ions. 

In the case of uni-univalent, and bi-univalent electrolytes k. as well as K -^~ -- 

U -f- V 

show a marked increase with the bulk concentration (C) of electrolyte (in equiv¬ 
alents per liter). This increase is slightly less with the hi- than with uni-univalent 
electrolytes, which presumably means that the inequality of adsorption is less 
with bi- than with uni-univalent electrolytes, or, in other words, there may 
be more ion-pair adsorption in the first case than in the second. It is not easy 
to reconcile the increase of surface conductivity with the simultaneous decrease 
of f- potential . If the decrease of f is attributed to a preferential adsorption of 
cations on the negatively charged surface, a simultaneous decrease, and not an 



NxlO 4 


Fig. 3. Plot of ~ against concentration for several electrolytes, a, sulfuric acid; b, 

hydrochloric acid; c, potassium nitrate; d, sodium chloride; e, calcium chloride and barium 
chloride; f, thorium nitrate; g, lanthanum nitrate. 


increase of the surface conductivity would be expected, if we assume that the 
surface conductivity is determined by the diffuse part of the double layer. On 
the basis of the latter assumption, the increase of surface conductivity and charge 
density of a negatively charged surface on addition of electrolyte may be under¬ 
stood, if the primary process is assumed to be preferential anion adsorption. 
The simultaneous decrease of f (with or without initial maximum) would have 
to be interpreted as being due to a reduction of the thickness of the double layer 
on addition of electrolytes. That this occurs at lower concentration with bi- 
than with uni-univalent salts would be understandable on the basis of the 
ionic strength principle. The fact that hydrochloric acid lowers the f-potential 
more strongly than sodium chloride may be explained on the assumption that a 
common-ion effect of hydrochloric acid on the “dissociation” of the hydrogen 
cellulose is superimposed on the other effects. 
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If the hypothesis of preferential anion adsorption be accepted as a working 
hypothesis, the surface conductivity is then mainly determined by the cations 
in the diffuse part of the Stem double layer. Neglecting the electroosmotic 
term of the surface conductivity, and also the interionic forces in the diffuse 
double layer, we may write 


*»—*» = const. X C, X u 

where C, is the average excess cation concentration in the diffuse double layer 
and u the mobility of the cation. Hence — — — , which is proportional to C„ 

may be regarded as a truer measure for the surface charge density than . 



NxlO* 

K a — 

Fig. 4. Plot of —-— against concentration, a, sulfuric acid; b, hydrochloric acid; c, 
potassium nitrate; d, sodium chloride; e, calcium chloride and barium chloride. 


In figure 4, — is plotted against the bulk concentration of the electrolyte 

(in equivalents per liter). The general shape of the curves thus obtained is not 
unlike the charge density curves of Abramson, calculated from f-potential data. 
Like Abramson’s curves (1) they may be regarded as adsorption curves, if the 
above reasoning is permissible. The curves for acids are below those for salts. 
This is compatible with the assumption made previously that the large influence 
of acids on the f-potential is partly a result of a repression of ionization of car¬ 
boxyl groups. 

Preferential anion adsorption on negatively charged surfaces in order to ex¬ 
plain curves has been suggested previously. Nevertheless, a weak point in 
this hypothesis is the primary process. It is feasible that an inert surface may 
be negatively charged in an electrolyte solution, because anions, owing to their 
greater polarizability, may be more strongly adsorbed than cations. However, 
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after a certain amount of anion adsorption has occurred, further selective adsorp¬ 
tion will be resisted by the electrostatic repulsion between them and the nega¬ 
tively charged surface. Preferential anion adsorption will occur on the negative 
cellulose surface only as long as the charge density is low. 

Because of this difficulty the mechanism outlined above may have to be 
abandoned. On the other hand, if, in accordance with many workers in the field, 
the assumption is made that the lowering of the f-potential on addition of alkali 
and alkaline-earth salts, as well as of acids, is mainly due to a preferential ad¬ 
sorption of cations with actual surface discharge, this assumption would he very 
difficult to reconcile with the simultaneous strong increase of the surface conduc¬ 
tivity. The dilemma may be resolved by the rather unorthodox assumption 
tha^ the parts of the double layer which determine the f-potential, and those 
which determine the surface conductivity, are not identical. If, for instance, we 
assume that adsorbed ions present in the “inner Stern layer”, which cannot be 
sheared off in a streaming-potential experiment, still possess mobility in an elec¬ 
tric field, we could understand why, on addition of electrolyte, the f-potential, 
determined only by the ions in the outer (diffuse) Stern layer, decreases, whereas 
the surface conductivity determined by the ions in the inner and outer layers 
simultaneously increases. 8 It is needless to say that if this assumption were 
correct, all mathematical theories of surface conductivity would be very incom¬ 
plete. Nevertheless, a similar assumption has been envisaged by Urban, White, 
and coworkers (21, 23) in their discussions on surface conductivity. Moreover, 
Monaghan, White, and Urban (16) discuss the possibility that the streaming 
potential may be determined only by the outer layer, whereas electroosmosis 
may be determined by both layers. 

Whatever the final solution of these problems, any theory explaining the 
processes that occur on an initially negative surface when electrolytes are added 
will have to explain the simultaneous decrease of f-potential and increase of sur¬ 
face conductivity. 

SUMMARY 

1. Experimental conditions and theoretical considerations affecting the 
streaming-potential method in the case of cellulose are investigated and dis¬ 
cussed. 

2. In distilled w'ater, the f-potential decreases and the surface conductivity 
increases with increasing carboxyl-group content of cellulose. Substitution of 
carboxyl hydrogen by calcium and sodium lowers the surface conductivity, but 
affects the f-potential little. A theoretical interpretation of these results is 
given. 

3. The maximum in the f-C curve for alkali chlorides is not due to a dispersion 
of the surface conductivity. 

8 Bikerman (J. Chem. Phys. 9 , 88 (1941)) has recently suggested that the immobile layer 
in electrokinetics may simply be due to the roughness of all solid surfaces. The independ¬ 
ent variation of surface conductivity and ^-potential would be compatible with Bikerman's 
assumption, as the immobile layer may contribute to the ionic mobility term of the surface 
conductivity. 
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4. For uni-univalent and bi-univalent electrolytes, the surface conductivity 
shows a marked increase with concentration. The f-C curves, in these cases, 
are found to be similar to those obtained by Briggs and by Bull and Gortner with 
different celluloses. The difficulty of reconciling the increase of surface conduc¬ 
tivity with a simultaneous decrease of f-potential is pointed out, and two tenta¬ 
tive explanations suggested. 

5. The investigation is concerned with purified cotton, cotton wool, oxycellu- 
lose, mercerized cellulose, and regenerated cellulose. 
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Yellow-fluorescing zinc silicates have been prepared by two rather extreme 
methods. The first and older method (3, 7) involves the fusion of preformed, 
crystalline, and green-fluorescing zinc silicate at temperatures between about 
1400° and 1550°C. and subsequent controlled quenching in cold air, water, or the 
like. The second and more recent method (1) utilizes the fluxing action of 
halide salts, which are added in fairly large amounts and act as “catalysts” for 
the phosphor formation at far lower temperatures (around 850°C.). Quenched 
phosphors may be made from mixtures containing zinc oxide and silica over a wide 
range of proportions which may even exceed the stoichiometric orthosilicate ratio 
of 2:1 toward products with excess zinc oxide; however, the most uniform and 
brightest phosphors are obtained with materials having the eutectic composition 
or around 1 mole of zinc oxide for each mole of silica. The second method, on the 
other hand, yields good products only if the silica is present in considerable excess, 
namely, between 2 and 4 moles of silica for each mole of zinc oxide. 

The brightness of the best quenched phosphors amounts to about 65 per cent of 
standard green zinc silicate under \2537 excitation. Low-temperature, fluxed 
yellow zinc silicate seldom exceeds about 45 per cent. Both types of materials 
are inactive toward long-wave ultraviolet but give a brilliant yellow under 
cathode-ray bombardment, where normal zinc silicate gives a bright green. 

Fonda has presented rather conclusive evidence that the low-temperature 
preparations of yellow phosphor in particular are amorphous in character. 
Microscopic examination revealed their isotropic nature. X-ray diffraction 
patterns show only the lines of those (crystalline) constituents which are present 
in excess over their respective amounts required to form orthosilicates. Thus, 
samples made at low temperatures with excess quartz as a source of silica gave 
only a typical quartz pattern; samples with excess zinc oxide gave only zinc oxide 
lines; and products made with amorphous silica gave again a different pattern, 
showing only weak lines of cristobalite, the crystalline modification of silica into 
which amorphous silica is converted upon heating to some 800°C. for a short time. 
Rooksby and McKeag (6) conclude, from a single pattern of their low-temper¬ 
ature zinc silicate, that it is identical with a crystalline /^-modification of yellow- 
fluorescing zinc silicate (Z^SiCM which they obtained by fusion. Their pattern 
for the low-temperature phosphor reveals only one-half the number of lines of 
corresponding character and spacing compared with Fonda’s; it may equally 
well be interpreted as a but slightly distorted cristobalite pattern. They give no 
contrasting pattern for low-temperature zinc silicate made with quartz or excess 
zinc oxide and disregard the importance of these preparations in elucidating the 
nature and interpretation of the phosphors made from amorphous silica. 

Strongly supporting, although indirect, evidence for the amorphous habitus of 



670 


HERMAN C. FROELICH 


the yellow phosphor has been given by Pabst (6; see also 8), who investigated with 
precision the kinetics of zinc silicate formation for 2:1 and 1:1 compositions. 
His x-ray patterns of heat-treated mixtures disclose sharp lines pertaining only to 
zinc oxide and normal crystalline zinc silicate lattices. The crystallization of 
zinc silicate begins at about 776°C. and at a very slow rate. Over 140 hr. of heat 
treatment at 800°C. are required to produce as little as 10 per cent crystalline 
zinc silicate. Ten per cent was determined to be near the approximate lower 
limit of sensitivity of the x-ray method with Cu K« radiation, which was also used 
by Fonda and by Rooksby and McKeag. Inasmuch as the formation of yellow 
phosphor is complete after minutes or a few hours of heating at the most, it is 
evident that no detectable amounts of crystalline silicate can be formed. On the 
other hand, if the oxide mixture is heated excessively long in order to obtain 
diffraction patterns with typical though weak silicate lines, then a green-fluoresc¬ 
ing phosphor is produced, as expected. These results, as well as thermodynamic 
considerations, rule out the possibility that both the low- and the high-tem¬ 
perature forms of yellow zinc silicate phosphor can be crystalline; they do not 
preclude an amorphous nature for both. 

Thus it may be considered established that zinc silicate forms a stable, low- 
temperature amorphous modification in ortho proportions which upon pro¬ 
longed heating is converted into the normal crystalline hexagonal form, while at 
high temperatures, short of the melting point, only the crystalline modification 
results. When manganese activates the amorphous form, a yellow phosphor is 
produced; when it activates the crystalline form, the fluorescent color is green. 
The interesting correlation between fluorescent color and the coordination num¬ 
ber of manganese, i.e., its function as a network former or network modifier, 
respectively, have recently been pointed out by Lin wood and Weyl (4). 

A third method has been developed in this laboratory which permits the pro¬ 
duction of bright yellow zinc silicate phosphors at low temperatures without 
fluxes. It consists in firing a mixture of zinc oxide, silica, and preformed man¬ 
ganese silicate (MnSiOa) in an atmosphere of steam under careful exclusion of 
oxygen, and is based upon the following chemical considerations: 

The formation of a zinc silicate phosphor is commonly regarded as the solution 
of “manganese oxide” in a zinc silicate matrix, a process brought about through 
diffusion during the heat treatment of an intimate mixture of the ingredient 
oxides. In reality, however, the process is not so simple but takes place in a 
number of separate steps either concurrently or successively, depending upon the 
individual rate coefficients. The reaction will be considered for material which is 
completely dehydrated and which contains the manganese in the form of that 
oxide which is stable in air at the temperature of phosphor formation. This 
stable compound is the oxide Mn 2 0«, possibly contaminated with trifling amounts 
of the other oxides, but hereafter simply called Mn*0*. The pure lower oxide 
(MnO) is not stable in air at some 800°C., and if it is formed from other MnO- 
yielding compounds, it is rapidly oxidized to Mn 2 Os. Thus the reacting mixture 
actually consists of ZnO, Mn 2 Oj, and Si0 2 . When subjected to heat treatment it 
responds in a different manner than a mixture of ZnO, MnO, and SiOa if the latter 
were stable in air. 
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The reaction between zinc oxide and silica proceeds with increasing velocity 
from very low temperatures on. The primary reaction product is an amorphous 
orthosilicate complex which begins to crystallize from about 775°C. on. At 
800°C. it takes roughly 1 week for 10 per cent crystalline material to form; at 
1200°C. or higher the speed of crystallization is so great that no amorphous ma¬ 
terial can be detected. 

On the other hand, Mn 2 0 3 and Si0 2 do not react to any extent at some 800°C. 
They combine only with extreme sluggishness at high temperatures in air, but the 
reaction does not go to completion during reasonable heating periods. A mixture 
of these two oxides remains dark brown after several days’ heating in air at 
800°C\; it retains practically the same oxidizing factor which it had prior to the 
calcination, thus indicating the absence of a reaction. Very little, if any, 
MnSiOs is formed, the product remaining a mechanical mixture of Mn 2 0 2 
and Si0 2 . 

Yet it is certain that the manganese in silicate phosphors is present as the 
lower oxide, MnO, or a silicate of MnO. (For the purposes of this discussion it is 
immaterial whether the silicate actually formed is MnSi0 3 or Mn 2 Si0 4 .) Thus it 
is evident that the phosphor formation must involve a reduction of the higher 
oxide Mn 2 0 3 to the lower oxide MnO. The overall equation for the phosphor 
formation should therefore be correctly formulated: 

2nZnO + Mn 2 0 3 + (n + l)Si0 2 = ttZn 2 Si 04 -Mn 2 Si 0 4 + §0 2 

where n» 1. The experimental observations indicate that zinc oxide or zinc 
silicate acts as a catalyst for the decomposition of Mn 2 0 3 with liberation of 
oxygen gas. 

Several methods are known to enforce a reaction between Mn 2 0 3 and Si0 2 at 
very high temperatures. At low temperatures only one method gave good re¬ 
sults: namely, heating the oxide mixture in an atmosphere of steam and a reducing 
gas such as hydrogen. 1 The reduction of Mn 2 0 3 in hydrogen begins above about 
300°C., while the steam functions as a non-persistent catalyst for both the re¬ 
duction and the reaction between silica and freshly formed manganous oxide. 
The brown mixture of Mn 2 0 3 and Si0 2 turns perfectly white after a short firing 
time at 800°C. There is good evidence that this low-temperature manganese 
silicate is also amorphous. If the reduction and reaction are carried out at higher 
temperatures, such as 1100°C., a pinker and crystalline product results. Sig¬ 
nificantly, this crystalline manganese silicate does not produce a yellow phosphor 
with either of the low-temperature methods; the phosphors turn out green. 

Synthetic manganese silicates are rather unstable products. When reheated in 
air they are attacked by oxygen and disintegrate according to the following 
equations: 

2MnSiO# + f0 2 = Mn 2 0 3 + 2Si0 2 
or 

Mn 2 SiOi + J0 2 = Mn 2 0 3 + Si0 2 

1 This method was used in this laboratory prior to the publication of the paper by K. K. 
Kelley (J. Am. Chem. Soc. W, 782 (1943)). . 
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Dark brown products form again from previously white material at 800°C., and at 
higher temperatures the attack by oxygen is but slightly less severe. Low-tem¬ 
perature manganese silicate disintegrates faster than the crystalline high-tem¬ 
perature form. This’explains why a mixture of zinc oxide, silica, and preformed 
manganese silicate, heated in air to some 800°C., does not produce a good 
phosphor. 

The tendency of manganese silicate to oxidize and disintegrate is so strong that 
it prevails even in high-temperature phosphors (1100~1300°C.) of zinc silicate 
which contain the manganese silicate dissolved throughout their lattices. When 
these phosphors are reheated in air to temperatures as low as 500°C., some super¬ 
ficial disintegration sets in, which is manifest by a slight browning of the material, 
a slight loss of fluorescent brightness, and a strongly positive test for high valent 
manganese. In atmospheres of more strongly oxidizing character, such as 
ozonized oxygen or air, the attack occurs already at temperatures below 70°C. 

The reluctance of Mn 2 0 8 and Si0 2 to combine makes the mechanism of phos¬ 
phor synthesis somewhat complicated. In the case of the binary, single activated 
matrix zinc silicate a minimum of five steps is involved which, however, do not 
necessarily occur in the order listed: (1) reaction between zinc oxide and silica to 
form amorphous zinc silicate in ortho proportions; (2) conversion of the amorph¬ 
ous form into crystalline silicate; ( 3 ) reduction of Mn 2 0 3 to MnC); (4) formation of 
manganese silicate; (5) complete solution of manganous oxide or manganese 
silicate throughout the zinc silicate matrix, whether amorphous or crystalline, to 
bring the phosphor formation to conclusion. 

As usual, the slowest of the above steps is the rate-determining factor and, de¬ 
pending upon which reaction occurs the fastest, end products of different proper¬ 
ties are obtained. The natural and fluorescent colors of the finished products are 
thus determined by the chosen experimental conditions, which control the rate of 
the individual reaction steps involved. For low-temperature phosphors the 
fluorescence is yellow when the formation of manganous oxide and manganese 
silicate is faster than their solution in zinc silicate, which in turn must occur faster 
than the formation of zinc silicate. The fluorescence is, of course, green when the 
formation of crystalline zinc silicate is the fastest step. This is true for mixtures 
heated in air at all temperatures below the fusion point; it does not imply, how¬ 
ever, that all such mixtures eventually turn out with equal brightness. 

When the synthesis of more complicated phosphors such as zinc beryllium 
silicates is considered, a fourth component, BeO, adds at least one more rate¬ 
determining step. In this case it can be demonstrated that the solution of 
beryllium oxide in zinc silicate phosphor is the slowest process, because the 
phosphor colors develop always from green toward orange-red and never in the 
reverse order. The degree of redness is a direct measure of the solubility of 
beryllium oxide in the phosphor matrix. Once the limit of solubility for a given 
temperature has been reached, no further deepening of the fluorescent color 
occurs no matter how long the heating or how much more beryllium oxide is 
added (2). The solubility is considerably below proportions of beryllium oxide 
which would give a stoichiometric (1,1): (1) orthosilicate, ZnBeSiOi, with 15 per 
cent beryllium oxide. 
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The foregoing considerations have shown that the absence of a reaction between 
Mn 2 0 8 and Si0 2 is responsible for the fact that a bright yellow phosphor is not 
formed when a mixture of zinc oxide, silica, and any manganese oxide is brought to 
reaction in dry air or oxygen at some 800°C. On the other hand, they also point 
the way toward a feasible method of preparation. Obviously, the experimental 
conditions must be chosen such that manganous oxide or manganese silicate can 
form and remain unoxidized until the phosphor formation is complete; further¬ 
more, the solution of (amorphous) manganese silicate in amorphous zinc silicate 
must be complete before the latter begins to crystallize. Numerous variations of 
the implicit principle have taught that it is most convenient to control the rate 
of solution of preformed low-temperature manganese silicate in freshly formed 
zinc silicate. This method has produced uniformly bright powders. Thus steps 
3 and 4 have been removed as variables in the process of phosphor synthesis. 
Step 1 proceeds rapidly. If a good gaseous catalyst is found for step 5, the reac¬ 
tion is adequately controlled and the crystallization of zinc silicate becomes by 
far the slowest reaction, which no longer interferes with the development of a 
bright yellow phosphor. Steam has been found to be a good and non-persistent 
catalyst for step 5. 

Accordingly, a good method for the preparation of yellow phosphor is as fol¬ 
lows: Manganese carbonate for oxide) and silica are well mixed in approximately 
molar proportions, preferably with a slight excess of silica, and heated in steam 
and hydrogen at 8(X) 850°(\ until the product is white. This requires about 1 
hr.—more or less depending upon the batch size. After cooling in hydrogen a 
weighed amount of this silicate is ball milled with zinc oxide and silica and then 
heated in a brisk current of steam, under careful exclusion of air, at 800-850°C., 
until maximum brightness has been attained. The proportions should be 1-1.5 
moles of zinc oxide for each mole of silica, and sufficient manganese silicate to 
give about 3 per cent of manganous oxide in the finished product. Instead of 
steam alone, a mixture of steam and pure nitrogen, carbon dioxide, or other 
neutral gas may be used. The phosphor is cooled in the neutral atmosphere and 
is then stable in air at room temperature. Finely divided, amorphous, and 
partly hydrated silica has produced the brightest phosphors. 

The presence of steam is essential for the phosphor formation; powders heated 
in dry nitrogen did not fluoresce. From 1.5 to 2 hr. Of heating time are required 
at 850°C. to develop full brightness in the phosphors; in this respect they are 
somewhat inferior to fluxed products, which are finished after about £ to 1 hr. 
However, they have certain advantages. The brightness of steamed phosphors is 
considerably improved and approaches that of quenched products; they contain 
no fluxes which are difficult or impossible to remove; and their particle size is ex¬ 
ceedingly fine. 

The fact that low-temperature yellow phosphor may now be prepared in a so 
much brighter form speaks also against Rooksby and McKeag’s conclusion that 
the low-temperature form is merely a case of less perfect development of the 
high-temperature form and that “the yellow fluorescence is most intense in 
instances of most perfect crystal development”. It would indeed be an excep¬ 
tion to all practical experience if most perfect crystals were obtained from a melt 
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chilled during a second or less. Quenching is more nearly an ideal condition for 
ti»e development of most imperfect crystals, or for the prevention of crystalliza¬ 
tion altogether. 

Phosphors containing 1 per cent of manganous oxide have the same color as 
those with 3 per cent but are somewhat less bright. Phosphors with 5 per cent of 
manganous oxide are redder. This is due to a reduction in brightness of the green 
component of the fluorescent light, rather than to an increase of red or to a sub¬ 
stantial shift of the peak.* The response of 5 per cent phosphors to cathode rays 
is very much weaker than that of 1 to 3 per cent materials. Figure 1 shows the 



spectral sensitivity of low-temperature, steamed, yellow zinc silicate toward 
ultraviolet light of various wave lengths, with a sharp peak at X2537. Figilre 2 
gives the emission curves for steamed and fluxed yellow zinc silicates, both ex¬ 
pressed in relative per cent of their peak emission under X2537 excitation. In 
absolute terms the curve for the steamed phosphor would be much higher. 
Noteworthy is the consistent gain in brightness of the red part of the spectrum. 
An x-ray pattern of the steamed material was taken by Dr. Fonda, and a gain it 

* These percentages refer to the total weight of the calcined product. It would be more 
correct to express them in terms of the amount of zinc silicate contained in the phosphor 
without counting the inactive excess silica. 
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was confirmed that the phosphor is amorphous, with only a few weak lines of 
cristobalite showing. 

So far it has not been possible to make a bright low-temperature yellow phos¬ 
phor in stoichiometric ortho proportions according to the above method. Ortho¬ 
silicate compositions were slow to develop fluorescence and then turned out mostly 
weak green. Linwood and Weyl (4) have given a plausible explanation why an 
excess of silica may be helpful or necessary in forcing the manganese-matrix 
complex to fluoresce yellow-red. Significantly, yellow phosphors could not be 
obtained from precipitated zinc silicates (from zinc salt and alkali silicate); all 
products turned out to be green fluorescing. 



When steamed phosphors are reheated in air to some 700°C., they also lose some 
of their fluorescent brightness. The loss is roughly inversely proportional to the 
heating time used for the phosphor synthesis. However, a good phosphor with¬ 
stands all temperatures encountered in the processing of a fluorescent lamp, and 
high lumen outputs have been obtained with it. Quenching did not increase the 
brightness or temperature stability of steamed phosphors. 

The formation of red zinc silicate phosphors has not been observed by the 
steam-firing method. While samples of incipient fluorescence appeared to be 
reddish rather than yellow, a matching color could be obtained by mechanical 
dilution of bright yellow phosphor with inactive silica. 
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Several attempts have been made to obtain this yellow phosphor in a one-step 
firing process. Only fair results were had with a mixture of zinc oxide, silica, and 
manganous oxide (to give 1 to 3 per cent MnO, with ratios up to 1.5:1) fired in 
steam and hydrogen at 800°C. A small amount (1 per cent) of boric acid may be 
added as a catalyst, which slowly volatilizes in whole or in part and produces 
more uniform material. Zinc oxide, of course, is easily reduced to the metal, 
which distills out of the reaction product and condenses in the cooler parts of the 
furnace. (The vapor pressure of zinc is roughly one-third of an atmosphere at 
800°C.) However, according to the reversible reaction 

ZnO + H 2 = Zn + H 2 0 - 27 Cal. 

the reduction may be suppressed if only a small amount of hydrogen is used along 
with plenty of steam. The amount of hydrogen must be just sufficient to assure 
the formation and stability of manganous oxide. Nevertheless, some loss of 
zinc is unavoidable. Thus a batch composition with 1.5 moles of zinc oxide will, 
at the end of the firing, be reduced to 1.3:1 or lower. Even these products are 
more basic than the eutectic. Both the uniformity and the brightness of 
phosphors synthesized in steam and hydrogen are improved if a double firing 
scheme is employed or if preformed manganese silicate, as well as preformed zinc 
silicate, are used. The latter is obtained by calcining a mixture of zinc oxide and 
silica at 750°C. for several hours. The method offers no obvious advantage over 
the steam-nitrogen firing, except that it often yields brighter phosphors. 

The brightness of fluxed materials may likewise be improved if the firing is 
carried out in a neutral atmosphere, either in the presence or in the absence of 
steam. In this case the activator had best be added in the form of a compound of 
bivalent manganese, such as manganous chloride. It may be mentioned here 
that the general principle outlined for the production of yellow zinc silicate phos¬ 
phor is also applicable to other types of phosphors which contain bivalent 
manganese as the activator. 

A simple method has been used for the rapid determination of the mole ratios 
of zinc oxide to silica in samples of unknown history. A weighed amount of 
sample, usually about 0.2 g., is suspended in 25 cc. of water and 25 cc. of 0.2 N 
sulfuric acid is added with vigorous shaking. Although very dilute, the acid 
decomposes both amorphous and crystalline zinc silicate phosphors completely. 
The excess acid may be back-titrated with 0.2 N sodium hydroxide and methyl 
red indicator, which gives a sharp end point. The difference represents the 
equivalent of acid used for the neutralization of ZdlO + MnO. If the amount of 
manganous oxide is taken into account, the percentage of zinc oxide may be 
computed easily. Thus a determination of the mole ratios takes but a few 
minutes. 

It is difficult to explain the action of halide catalysts on the basis of the fore¬ 
going. It might be inferred from the above that they catalyze the decomposition 
of the higher manganese oxides into manganous oxide and oxygen. It can be 
shown experimentally that this is not the case. Neither manganese oxides alone 
nor mixtures with silica turn white or liberate oxygen when heated in potassium 
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chloride, cadmium chloride, or a mixture of the two. Characteristically, a 
yellow phosphor is obtained with these fluxes when zinc oxide and silica or pre¬ 
calcined, low-temperature, amorphous zinc silicate are used; crystalline zinc 
silicate which ivas precalcined at 1000°C. or higher gave only a green phosphor 
with manganous oxide and flux. 

In order to establish the crystalline or amorphous nature of the various zinc 
silicate phosphors, another method is proposed. No doubt the heats of forma¬ 
tion and the free energies of the different products are not equal. Since they are 
all easily decomposed by dilute sulfuric acid, precision determinations of the heat 
of decomposition in a calorimeter should give a reliable indication as to the 
identity of the various materials. The most valuable information on the lattice 
construction of these phosphors, however, will eventually be obtained by precise 
Fourier analysis of their diffraction patterns, a method which has given such 
good results on other silicates. 


SUMMARY 

It has been shown that one of the most important steps in the formation of a 
zinc silicate phosphor is the production of the oxide or silicate of manganese in its 
bivalent state. If this step is eliminated as a variable in the phosphor prepara¬ 
tion, such as by preformation of manganese silicate at low temperatures, yellow 
phosphors of high brightness may be obtained. Steam is a good gaseous catalyst 
for the reaction, which must be carried out in the complete absence of oxygen. 
Rooksby and McKeag’s interpretation of the low-temperature forms of yellow 
zinc silicate is shown to be erroneous. 

Acknowledgment is due Miss I. Montz, who assisted in the preparation of the 
samples, to Dr. G. R. Fonda for the x-ray pattern, and to Dr. B. T. Barnes for the 
sensitivity and emission curves. 
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Thixotropy is the reversible isothermal gel-sol transformation which may be 
brought about by stirring, shaking, or similar procedures. A thorough histori¬ 
cal treatment of thixotropy is not necessary here, in view of the splendid review 
article written by H. Freundlich (3). 

Within recent years the glass electrode and apparatus to be used in connec¬ 
tion with it have been extensively developed. The glass electrode is the only 
instrument which is suitable for use in measuring the pH of materials in the 
gel state; accordingly, it is now possible to study the pH changes which may 
accompany the first gelation of a gel-forming material, the thixotropic lique¬ 
faction, and the subsequent re-gelation of the sol thus produced. 

The literature reveals a number of studies of pH changes during the processes 
preceding the first gelation of a gel-forming material (1, 5, 7, 8, 9,10), but none 
appears to have been made during the complete first gelation of a gel-forming 
material, the thixotropic liquefaction, and the re-gelation of the sol produced by 
the thixotropic liquefaction. We shall call the process up to and including the 
first gelation “primary gelation” and the gelation of any sol originally a gel but 
liquefied by shaking “secondary gelation.” 

THEORETICAL CONSIDERATIONS 

The scaffolding hypothesis (4, 6, 11) has been one of many which have been 
advanced to describe the structure of thixotropic gels. According to it the gel 
consists of a network of particles aggregated in the form of chains and cross 
chains, the particles being in actual contact. This structure is pictured as a 
scaffolding extending throughout the gel and providing complete molecular 
binding from one side of the container to the other (4). There is some experi¬ 
mental evidence supporting this hypothesis (4, 6, 11). 

It is a well-known fact that gels, sols, and suspensions of particles approach¬ 
ing colloidal dimensions have very large surfaces on which adsorption could 
occur. If we consider the scaffolding hypothesis, might one not theorize that 
when particles link together there will be a decrease in surface? It is also a 
well-known fact that the hydrogen ion is often very actively adsorbed, and thus 
one might expect that a change in surface would bring about a change in pH 
of the dispersion medium, provided it is not buffered too much. If during pri¬ 
mary gelation, thixotropic liquefaction, and secondary gelation changes in 
structure produce changes in surface available for adsorption, pH changes as 

1 Present address: Department of Chemistry, Harvard University, Cambridge, Massa¬ 
chusetts. 
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well as changes in ionic activity of other ions might possibly be expected. The 
change in pH might be sufficiently large to be measurable. The fact that other 
investigators have observed pH changes during the early processes of primary 
gelations of a number of gels (1, 5, 7, 8, 10) might also lead one to expect pH 
changes during the later processes of primary gelation, the thixotropic liquefac¬ 
tion, and the secondary gelation; however, the pH changes noted during the 
initial processes of primary gelations might have been due to the establishment 
of equilibrium conditions after the mixing of the gel components and not in 
any way connected with the formation of the gel’s structure. 

EXPERIMENTAL PROCEDURE 

The systems which were studied were thorium molybdate, bentonite, and 
ferric hydroxide. The gelation time of each system was determined using the 
inverted-tube method. It was realized that this method was quite arbitrary, 
but it has been used many times in investigations of thixotropy and is convenient 
for obtaining relative data. Broughton and Squires (2) discussed the inverted- 
tube method and concluded that it was capable of giving consistent results. 

It was necessary to determine gelation times in vials of the same size as those 
in which the gel was to be placed during the pH determinations (inside height 
2.8 cm., inside diameter 1.7 cm.), since the time of re-gelation of a thixotropic 
gel-forming material is dependent upon the amount of glass surface in contact 
with it and thus upon the dimensions of the vessel. Glass rods were made of 
the same size and shape as the glass and calomel electrodes, except in cases when 
a bridge made direct contact with the gel in place of the calomel electrode. 
Then glass rods were made of the same size and shape as the glass electrode and 
the end of the bridge dipping into the gel. The false glass electrode and the 
false calomel electrode or bridge, depending upon which was used during the 
pH determinations, were placed in rubber stoppers so that they could be held 
rigidly in the gel by placing the rubber stoppers in the gelation vials during the 
experiments used to determine the gelation times. 

In all experiments the temperatures of the room and of the solutions were 
kept at 25°C. =b 1°. 


RESULTS 

Thorium molybdate system 

The thorium molybdate gel-forming system was prepared by thoroughly 
mixing 2 ml. of a potassium molybdate solution (12.000 g. of K 2 Mo0 4 per liter), 
5 ml. of thorium nitrate solution (55.481 g. of Th(N0g)4-4H20 per liter), and 
0.5 ml. of distilled water. When this mixture was allowed to remain undis¬ 
turbed, a gel showing thixotropy was formed. The average primary gelation 
time of the gel was found to be 24 min. with a maximum variation of 3 min., and 
the average secondary gelation time 25 min. with a maximum variation of 3 
min. 

In preliminary attempts to measure the pH changes during the primary gela- 
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tion, thixotropic liquefaction, and secondary gelation, the saturated calomel 
and glass electrodes were dipped directly into the gel-forming thorium molyb¬ 
date. It was found that the gel-forming material would diffuse into the calo¬ 
mel electrode and solidify there, thus interfering with its operation. 

It was obvious that some way must be found to avoid direct contact between 
the calomel electrode and the thorium molybdate gel-forming system. To 
accomplish this the glass electrode was placed in the gel-forming material and the 
calomel electrode in a separate vessel containing a saturated potassium chloride 
solution. The gel-forming material and the saturated potassium chloride solu¬ 
tion were connected by a bridge. An agar bridge containing a saturated po¬ 
tassium chloride solution did not give satisfactory results, but a bridge contain¬ 
ing thorium molybdate gel, prepared in the same manner as the gel-forming 
material, did solve the problem. 

In pH determinations of the type using the glass and saturated calomel elec¬ 
trodes, there is always a liquid-junction potential between a saturated potas¬ 
sium chloride solution and the sample whose pH is desired. This liquid-junc¬ 
tion potential is kept to a minimum, because the transference numbers of the 
potassium and the chloride ions are about the same and because the concentra¬ 
tion of these ions is much larger than the concentration of the ions of the system 
in contact with the saturated potassium chloride solution. For this reason the 
diffusion of the potassium and chloride ions chiefly controls the liquid-j unction 
potential. In the experiments with the thorium molybdate gel bridge, this 
liquid-junction potential occurred between the thorium molybdate in the bridge 
and the saturated potassium chloride solution. In the use of the glass electrode 
we are required to correct for its asymmetry potential by standardization with a 
standard buffer. As nearly as possible the liquid-junction potentials in the 
standardization and in the actual pH determinations should be about the same 
and consist of one junction potential between the saturated potassium chloride 
solution and the sample whose pH is being determined. If in the standardiza¬ 
tion the gel-forming thorium molybdate was merely replaced with the standard 
buffer, this would not have been the case, as there would have been junction 
potentials between the saturated potassium chloride solution and the thorium 
molybdate gel in the bridge and between the same material in the bridge and the 
standard buffer. For this reason, in the standardization the glass and calomel 
electrodes were dipped directly into the standard buffer, thus giving as nearly as 
possible liquid-junction potentials similar to those existing in the actual pH 
determinations. 

After the pH meter had been standardized, the gel components were mixed, 
placed in the bridges, and allowed to solidify there. Then a fresh sample of the 
gel-forming material was made, 2 ml. of the mixture was pipetted into a gela¬ 
tion vial, and the pH readings were taken at specific times. After the material 
had been a gel for 6 min., the vial with its gel was removed from the bridge and 
glass electrode. The gel was liquefied by shaking, and the first pH readings 
made 25 sec. after liquefaction (removing, shaking, replacing of the liquefied 
gel, and taking of the first pH readings required about 1 min.). The readings 
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were then continued during the secondary gelation. After each experiment 
with this system had been completed, the pH meter was checked with the stand¬ 
ard buffer to make certain that it had been giving correct readings. The data 
given in table 1 are representative of four experiments performed on the thorium 
molybdate system using this method. The maximum variation in each group 

TABLE 1 

pH changes in thixotropic gel systems 


TIME 

pH VALUES 

Thorium molybdate 
system 

Ferric hydroxide 
system 

Bentonite system 


minutes 





1 

2.57 

4.50 

4.87 ' 


2 

2.58 

4.48 

4.87* 


3 

2.59 

4.47 

4.87 


4 

2.61 

4.46 

4.87 


5 

2.61 

4.45 

4.87 


6 

2.62 

4.44 



7 

2.62 

4.44 



8 

2.62 

4.43 


► Primary gelation 

9 

2.62 

4.42 



10 

2.62 

4.42 

4.87 


15 

2.62 

4.41 

4.87 


20 

2.62 

4.40* 

4.87 

1 

25 

2.62* 

4.40 

4.87 

: 

30 

2.62 

4.40 

4.87 J 

: 

Thixotropic lique¬ 





faction of all gels 

31 

2.62 

4.40 

4.87 ' 


32 

2.62 

4.40 

4.87 


33 

2.62 


4.87 


34 

35 

2.62 

2.62 

4.40 

4.87 

4.87 

> Secondary gelation 

40 

2.62 

4.40f 

4.87 


45 

2.62 

4.40 



50 

2.62 

4.40 

4.87| 


55 

2.62f 

; 



60 

2.62 





* pH at approximate primary gelation time, 
t pH at approximate secondary gelation time. 


of four pH readings taken at a specific time after each experiment was started 
is 0.02 pH. 


Ferric hydroxide system 

The ferric hydroxide gel-forming system was prepared by mixing 10 ml. of 
6 per cent “Dialyzed Iron” (Merck) with 5.3 ml. of distilled water and then add¬ 
ing to this 1 ml. of 0.493 N sodium hydroxide. This mixture was shaken vigor- 
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ously, and when it was set aside a gel showing thixotropy was formed. The 
average primary gelation time was found to be 20 min. and the average second¬ 
ary gelation time 10 min., both with a maximum variation of 4 min. 

When the pH readings during the gelations were taken by placing the elec¬ 
trodes directly in the gel-forming mixture without any precautions, the initial 
readings of each experiment differed widely and non-reproducible pH changes 
upon thixotropic liquefaction were obtained. These difficulties could not be 
corrected by using bridges in the manner described under the thorium molyb¬ 
date system. 

Two things had to be done in order to obtain initial pH readings which were 
identical within the limits of error (±0.02 pH). If after each gelation experi¬ 
ment the glass and calomel electrodes were placed in concentrated hydrochloric 
acid for 5 min. and then washed off with distilled water, the initial pH readings 
when the electrodes were placed in the gel-forming material were the same. 
It was thought that the concentrated hydrochloric acid dissolved the material 
which had been strongly adsorbed from previous experiments on the glass elec¬ 
trode and thus interfered with its operation. It was also discovered that if the 
electrodes had been in standard buffer immediately preceding the gelation ex¬ 
periments erratic initial readings were obtained. This source of trouble was 
eliminated by allowing the electrodes to remain in a ferric hydroxide gel-form¬ 
ing system for an hour after they had been in the standard buffer and before 
they were treated with concentrated hydrochloric acid. 

In preliminary experiments the procedure used during the thixotropic lique¬ 
faction giving inconsistent results was the following: After the last pH reading 
during the primary gelation, the gel in its vial was removed from the electrodes 
and shaken. The electrodes w r ere washed off with distilled w ater and the excess 
water removed with lens paper. The electrodes were then replaced in the 
liquefied gel and the pH readings were taken during the secondary gelation. 
However, when the electrodes were removed from the gel and replaced in con¬ 
tact with the liquefied gel without any treatment, the variations obtained in pH 
when the gel was shaken disappeared. 

The final experimental method used for the ferric hydroxide system was the 
following: Before each set of gelation experiments the glass and calomel elec¬ 
trodes were placed in concentrated hydrochloric acid for 5 min. and then washed 
off with distilled water. Using a standard buffer, the Beckman pH Meter was 
set to give correct readings. The electrodes which were used in the standardiza¬ 
tion were placed in the ferric hydroxide system for 1 hr., treated with concen¬ 
trated hydrochloric acid for 5 min., and washed off with distilled water. They 
were then placed in 3 ml. of the freshly prepared gel-forming mixture, and pH 
readings were taken at intervals until the material had become a gel and con¬ 
stant pH readings were obtained. The gel and its vial were removed frohi the 
electrodes, shaken until the gel liquefied, and replaced in contact with the elec¬ 
trodes. The first reading during the secondary gelation was taken 25 sec. 
after the gel was liquefied (the removing of the gel, shaking, replacing of the 
liquefied gel, and taking of the first reading required about 1 min.). The pH 
readings were continued for about 10 min. after the system had again become 
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a gel. After the experiment was complete, the electrodes were removed from 
the gel and 'washed off with distilled winter, and the pH meter was again checked 
with the standard buffer to show’ that correct readings had been obtained. 
The complete process was repeated in each set of gelation experiments. The 
data given in table 1 are representative of four experiments performed on the 
ferric hydroxide system using the above method. The maximum variation in 
each group of four pH readings taken at a specific time after each experiment 
was started was 0.02 pH. 


Bentonite system 

The bentonite system was prepared from a bentonite suspension made by 
dispersing 20 g. of bentonite (Volclay from the American Colloid Company, 
Chicago, Illinois) in 1000 ml. of distilled water. This dispersion was allowed 
to settle for not less than 6 days nor more than 3 weeks. It w as then decanted 
from the settled material before use. To 900 ml. of this decanted suspension 
was added 11 ml. of 0.197 N hydrochloric acid. The unacidified bentonite sus¬ 
pension had a pH of about 7.80; thus it was desirable to use an acid bentonite 
suspension to prepare the systems to be studied, since this avoided a possible 
error due to absorption of carbon dioxide from the air. The gelation times of a 
number of sj'stems using various ratios of the suspension, 2.5 N potassium chlo¬ 
ride, and distilled water were determined in order to find a ratio of reagents pro¬ 
ducing a system with desirable gelation times. A system having an average 
primary gelation time of 2 min. with a maximum variation of 2 min. and an 
average secondary gelation time of 20 min. with a maximum variation of 5 min. 
was made by diluting 200 ml. of the acidified bentonite suspension with 32.5 
ml. of distilled water; then to 11.64 ml. of this suspension 0.37 ml. of 2.5 N po¬ 
tassium chloride solution was added drop by drop with shaking. The diluted 
acidified bentonite suspension used above contained 0.1233 g. of solid material 
per 10 ml. 

The pH meter was set to give correct readings by using a standard buffer, 
and the electrodes w’ere thoroughly washed with distilled water. Immediately 
after the gel-forming mixture, prepared as outlined above, was made, 4 ml. of it 
was pipetted into a gelation vial. The glass and calomel electrodes were placed 
directly in the mixture and the pH readings w ere taken at specific times. After 
the material had been a gel for approximately 28 min., it was removed from the 
electrodes and liquefied by shaking. During the thixotropic liquefaction the 
electrodes were not treated in any w 7 ay. They were replaced and the first 
reading during the secondary gelation was taken 25 sec. after the gel was lique¬ 
fied (the removing of the gel, shaking, replacing of the liquefied gel, and taking 
of the first reading required about 1 min.). The pH readings were continued 
until the material had undergone secondary gelation. The electrodes w r ere 
not washed off with distilled water nor the excess gel material removed in any 
mechanical way before a new sample w r as introduced. Contrary to the proce¬ 
dure used in investigating the other systems, the pH meter w r as not checked with 
the standard buffer to make sure that it had been giving correct readings until 
all the gelation experiments had been completed; it seemed that a treatment 
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similar to that used in the case of ferric hydroxide systems, which was thought 
to remove the standard buffer adsorbed on the glass electrode, was not sufficient 
to give good results for the bentonite system. 

The data given in table 1 are representative of three experiments performed 
on the bentonite system using the above method. The maximum variation in 
each group of three pH readings taken at a specific time after each experiment 
was started is 0.03 pH. 


DISCUSSION OF RESULTS 

During the primary gelation the pH of a thorium molybdate system increased 
from 2.57 to 2.62, that of ferric hydroxide decreased from 4.50 to 4.40, and that 
of bentonite remained constant. During the thixotropic liquefactions and 
secondary gelations no changes in pH of any of the three systems were observed, 
using the glass electrode. 

Prakash and Dhar (8), using a thorium molybdate system also, obtained in¬ 
creases in pH (from 2.16 to 2.39) with a quinhydrone electrode during the pre¬ 
liminary processes of primary gelation while the system still remained a sol. 
Their system was prepared by mixing 10 ml. of a thorium nitrate solution 
(48.1400 g. per liter) and 2 ml. of a potassium molybdate solution (12.0000 g. 
per liter). In the preparation of the authors’ system more potassium molyb¬ 
date was used, so it seems reasonable that their system would be more alkaline 
than that of Prakash and Dhar (the final pH of the authors’ system was 2.62, 
as compared with 2.39). However, Prakash and Dhar continued pH readings 
for only 80 min., whereas the primary gelation time of their gel was 5 hr. and 30 
min. Their last readings had been constant for 10 min. when they were dis¬ 
continued. 

The data here reported, as well as those of Prakash and Dhar, disagree with 
those of Prasad and Desai (9) who, with a quinhydrone electrode, also measured 
the pH changes of a thorium molybdate system during the early stages of pri¬ 
mary gelation. They found the pH constant at 2,96. Their system was pre¬ 
pared by mixing 5 ml. of a thorium nitrate solution (60 g. per liter), 1 ml. of 
potassium molybdate solution (100 g. per liter), and 4 ml. of water. 

In the case of the ferric hydroxide system Prakash and Dhar (8) found an 
increase in pH during the early stages of primary gelation from 2.91 to 3.26. 
They prepared their system by mixing the following solutions: 6 ml. of M/2 
ferric chloride, 3.75 ml. of 2.84 N sodium acetate, 1.5 ml. of 4 N ammonium 
sulfate, and 0.45 ml. of 4.26 N ammonium hydroxide. The volume was made 
up to 30 ml. by adding water. Perhaps the difference in the direction of pH 
change during the primary gelations might be due to the fact that there were 
different ions in the two ferric hydroxide systems which were undergoing ad¬ 
sorption. 


SUMMARY 

1. During the primary gelations ferric hydroxide and thorium molybdate 
gel-forming systems showed pH changes, but a bentonite system showed no pH 
change. 
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2. During the thixotropic liquefaction there is no pH change within the limits 
of experimental error in the cases of a thorium molybdate, a ferric hydroxide, 
and a bentonite gel. 

3. During the secondary gelation there is no change in pH within the limits 
of experimental error in the cases of a thorium molybdate, a ferric hydroxide, 
and a bentonite system. 
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In another research carried out in this laboratory (8) the solubility of naph¬ 
thalene was determined in methanol, ethanol, 1-propanol, and 1-but.anol (along 
with isomers of the last two) at several temperatures, and the effect of water on 
the solubility was determined for methanol and ethanol in the vicinity of 50°C. 
These last two experiments yielded results which indicated that further work 
was desirable; accordingly, very shortly thereafter about thirty runs were made 
on four different aqueous solutions of ethanol. An indication of a solubility gap 
was encountered with the solution containing about 82 per cent ethanol, and 
abundant evidence of such a gap was found for the 72 per cent ethanol solution. 
Further work seemed desirable with ethanol, and it also appeared of interest to 
study the other aliphatic alcohols mentioned above from this and other points 

1 Present address: E. I. du Pont de Nemours and Company, Inc., Buffalo, New York. 

* Present address: E. I. du Pont de Nemours and Company, Inc., Wilmington, Delaware. 

3 Present address: Eastman Kodak Company, Rochester, New York. 

4 Present address: Standard Oil Company of New Jersey, Bayonne, New Jersey. 
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of view. Specific parts of the problem were then assigned to each of the present 
authors. 

At the time this work was undertaken 5 the only results which could be found 
on these ternary systems were those of Miss Christiansen (2). For both metha¬ 
nol and ethanol she reported isotherms at 0° and 25°C., and for 1-propanol a 
single 5 isotherm at 25°C. No experimental work could be found on the ternary 
system involving 1-butanol. 

It has been found necessary to discontinue this work; hence, although there 
is much ground still to be covered and some points to be investigated more care¬ 
fully, it seems desirable to place on record what has been done thus far. The 
present paper is accordingly concerned only with the upper or, within the solubil¬ 
ity gap, the two upper transformations in these systems and, when taken along 
with published data on the respective contiguous binary systems, gives a fairly 
good idea of the nature of the ternary ditectic surface, the line of three-phase 
monotectic equilibrium (and the corresponding tie lines or ruled surface), and 
the ternary dichortic surface. As far as these researches go, it appears that these 
systems conform to type XIII discussed by Marsh (5), but with 1-butanol it 
would be expected that with compositions richer in water and less rich in naph¬ 
thalene another solubility gap would be encountered. 

MATERIALS, APPARATUS, AND PROCEDURE 

The naphthalene was purified as described in earlier papers from this labora¬ 
tory (8, 9). Since the conclusion of this work, Ward (11) has reported a melting 
point of 80.25-80.3°C. for a sample of naphthalene purified with great care; 
this is 0.13° to 0.18°C. higher than the melting point of the samples used in the 
present research. It is felt, however, that the* solubility results would be in¬ 
fluenced very little if at all by any small impurities in the solute. 

The methanol and 1-propanol samples had been carefully preserved from the 
earlier research and were used without further treatment; the ethanol used in a 
considerable portion of the runs was from the same source but two other samples 
purified in the same way as the first by two different experimenters were also 
employed, and since little or no observable difference could be noted in the results 
it is believed that all three samples were of essentially the same purity. The 
1-butanol was a fresh sample purified somewhat more carefully than the first; 
it yielded physical constants almost identical with those recorded earlier and 
four determinations of the solubility of naphthalene in it at several temperatures 
agreed very satisfactorily with the results obtained independently by Ward (10) 
and Sunier (8). It seems unnecessary to give these two sets of data here, espe¬ 
cially since they are on record elsewhere (6). 

* Since the present work was completed Spiridonova (7) has reported the results of a few 
experiments on the system naphthalene-water-ethanol using a precipitation method (water 
added drop by drop), the work being carried out apparently at 15°C. 

• Inspection of the original article of Miss Christiansen and of Arrhenius’ (1) discussion 
of it shows that all ol her measurements on this latter system were confined to the tem¬ 
perature 25°C. The Iidemational Critical Tables (4) thus incorrectly connect four measure¬ 
ments with the temperature 0°C. and four with the temperature 25°C. 
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Distilled water was employed in making up the moderate amounts of the 
binary solutions used in charging the solubility tubes. 

The only change in the apparatus was, at temperatures above 80°C., the use 
of a transparent oil as a bath liquid and minor changes in the electric heaters. 

The procedure was the same as that employed earlier. 

EXPERIMENTAL RESULTS 

In tables 1 to 4 will be found the experimental results on the four systems. 
The uncertainty in the temperature values is believed to be one unit (in a few 
cases two) in the last figure except for temperatures recorded to hundredths of a 
degree, where it is three units (in a few cases five). This variable precision is due 
to several reasons, such as the following: some of the measurements were more 
preliminary in nature, in other cases difficulties on the experimental side were 
encountered, and in still other cases it did not seem necessary to determine the 
particular transformation temperature with greater precision. In a few cases 
the temperatures appear out of line; several other determinations are, in prin¬ 
ciple, duplicate or triplicate* determinations: both types are* included and will 
serve* to give* an iele*a of the* ove*rall precision of measurement. 

An asterisk (*) is employed in those cases where no (or in a fe*w cases incon¬ 
clusive*) observations were* made on a particular transformation temperature. A 
plus (+) or minus ( — ) sign following a temperature value means that this 
temperature is the lower or upper limit, respectively; the true value may be a 
few tenths or many degree's above* or be*low the* value given. 

DISCUSSION OF RESULTS 

General 

Since considerably more work was done on the system naphthalene-water- 
ethanol, it will be discussed first and in greater detail. It will be convenient to 
discuss the*se systems under three subheads corresponding to the transformations 
given in tables 1 to 4 and in the order: s —» h, s + h —U, h —> b- 

The transformation s —> l\: the ternary ditectic surface 

Arrhenius (1) has shown that Miss Christiansen’s data (2) on the three 
aliphatic alcohols may be represented within the limits of experimental error 
by equations of the form log Nn = — K + R log Na, where Nn and N A stand 
for the mole per cent of naphthalene in the ternary mixture and the mole per 
cent of the particular alcohol in the binary solution, respectively. He found 
that the values of R at 0° and 25°C. were so nearly equal that it appeared likely 
that R was independent of temperature, at least at these low temperatures. It 
seemed well, therefore, to subject the present data to Arrhenius’ treatment. 

The data in table 2 were accordingly brought to the mole per cent basis and 
large plots of log Nn versus 1000/7 7 were constructed, making use of Miss Chris¬ 
tiansen’s values at 25° and 0°C.; this procedure seemed justified, since a slight 
extrapolation of her 25°C. curve gave a value of the solubility of naphthalene 
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TABLE 1 


The solubility of naphthalene in aqueous solutions of methanol 


TUBE NO. 

WEIOHT OF 
CiqHb 

WEIGHT OF 
SOLUTION 

i 

; METHANOL IN 
BINARY 
SOLUTION 

CiqHb in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

8-+h 

s + It -♦ 1* 

h — la 


grams 

grams 

weight per cent 

weight per cent 

°C. 

°C. 

°C. 

1 

0.215 

2.106 

95.45 

9.26 

35.67 



2 

0.404 

2.017 

95.45 

16.69 

50.60 



3 

0.817 

1.529 

95.45 

34.83 

63.83 



4 

1.367 

1.648 

95.45 

45.27 

66.76 



5 

1.583 

0.561 

95.45 

73.83 

70.16 



6 

1.499 

0.466 

95.45 

76.29 

70.45 



7 

1.678 

0.116 

95.45 

93.53 

73.68 



8 

1.298 

1.235 

93.24 

51.24 

68.75 



9 

1.454 

0.775 

93.24 

65.23 

70.10 



10 

1.478 

0.664 

93.24 

69.00 

70.38 



11 

1.046 

0.456 

93.24 

69.64 

70.46 



12 

1.250 

0.439 

93.24 

74.01 

70.42 



13 

1.406 

0.419 

93.24 

77.04 

71.05 



14 

1.556 

0.460 

93.24 

77.18 

71.00 



15 

1.519 

0.374 

93.24 

80.24 

71.31 



16 

1.513 

0.340 

93.24 

81.65 

71.40 


■ 

17 

1.846 

0.403 

93.24 

82.08 

71.50 



18 

1.701 

0.292 

93.24 

85.35 

72.10 



19 

1.686 

0.228 

93.24 

88.09 

72.38 


, 

20 

2.301 

0.172 

93.24 

93.05 

73.50 



21 

1.653 

0.679 

90.40 

70.88 


71.5 

72.56 

22 

1.953 

0.627 

90.40 

75.70 


71.9 

76.40 

23 

1.899 

0.512 

90.40 

78.77 


* 

78.78 

24 

1.942 

0.429 

90.40 

81.91 


♦ 

80.63 

25 

1.872 

0.321 

90.40 

85.36 


* 

81.38 

26 

1.743 

0.199 

90.40 

89.75 


* 

79.28 

27 

1.733 

0.171 

90.40 

91.02 


73.4 

78.40 

28 

1.976 

0.156 

90.40 

92.68 

73.75 



29 

2.088 

0.158 

90.40 

92.97 

73.94 



30 

0.519 

1.431 

89.62 

26.62 

66.15 



31 

0.932 

1.098 

89.62 

45.91 

70.60 



32 

1.394 

0.754 

89.62 

64.90 


72 

73 

33 

1.280 

0.383 

89.62 

76.97 


71.95 

81.8 

34 

1.430 

0.417 

89.62 

77.42 


* 

82.25 

35 

1.499 

0.375 

89.62 

79.99 


♦ 

83.99 

36 

1.355 

0.249 

89.62 

84.48 


72.5 

86 

37 

1.619 

0.199 

89.62 

89.05 


* 

86.3 

38 

2.000 

0.102 

89.62 

95.15 


74.71 

77.99 


in pure ethanol which agreed very well with the value given by Sunier (8). Then 
at rounded temperatures (30°, 35°, up to 70°C.) values of log N n were read off 
and plotted versus log N E \ those curves which were straight lines readily yielded 




TABLE 2 


The solubility of naphthalene in aqueous solutions of ethanol 


TUBE NO. 

WEIGHT OP 

CioHs 

WEIGHT OP 
SOLUTION 

ETHANOL IN 
BINARY 
SOLUTION 

CioHs in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

S — ll s + li-h I 1 -+I 2 


grams 

grams 

weight per cent 

weight per cent 

°C. °C. 

°c. 

1 

0.2140 

2.071 

96.11 

9.37 

27.5 


2 

0.3230 

1.896 

96.11 

14.56 

39.5 


3 

0.480 

1.864 

96.11 

20.48 

47.8 


4 

0.619 

2.014 

96.11 

23.51 

50.8 


5 

0.755 

1.721 

96.11 

30.84 

55.9 


6 

0.946 

1.461 

96.11 

39.30 

60.2 


7 

1.317 

1.109 

96.11 

54.29 

64.8 


8 

2.629 

0.754 

96.11 

77.71 

69.4 


9 

0.1977 

2.077 

91.01 

8.69 

32.5 


10 

0.2831 

1.670 

91.01 

14.49 

45.2 


11 

0.672 

1.949 

91.01 

25.64 

56.9 


12 

0.743 

1.820 

91.01 

28.99 

59.0 


13 

0.934 

1.567 

91.01 

37.35 

62.6 


14 

1.688 

0.793 

91.01 

68.04 

69.1 


15 

2.707 

0.647 

91.01 

80.71 

71.1 


16 

0.234 

1.796 

88.08 

11.53 

43.0 j 


17 

0.492 

1.366 

88.08 

26.48 

59.89 ! 


18 

0.847 

1.497 

88.08 

36.13 

64.23 ! 


19 

1.027 

0.916 

88.08 

52.86 

68.07 : 


20 

1.228 

0.752 

88.08 

62.02 

69.24 ! 


21 

1.462 

0.726 

88.08 

66.82 

69.87 ! 


22 

1.619 

0.514 

88.08 

75.90 

71.03 j 


23 

1.840 

0.578 

88.08 

76.10 

71.1 j 


24 

1.694 

0.294 

88.08 

85.21 

72.31 ! 


25 

1.916 

0.221 

88.08 

89.66 

; 73.0 

75+ 

26 

1.906 

0.123 

88.08 

93.94 

! 74.82 

77+ 

27 

1.962 

0.063 

88.08 

96.89 

76.39 

77+ 

28 

1.348 

0.705 

84.72 

65.66 

70. S 


29 

1.696 

0.571 

84.72 

74.81 

71.78 


30 

1.771 

0.495 

84.72 

78.16 

72.1 

74.9 

31 

2.067 

0.469 

84.72 

81.51 

72.4 

84.8 

32 

1.918 

0.345 

84.72 

84.76 

73 

91+ 

33 

1.843 

0.314 

84.72 

85.44 

72.9 

90+ 

34 

2.013 

0.258 

84.72 

8S.64 

73 

94+ 

35 

1.927 

0.194 

84.72 

90.85 

73.9 

92+ 

36 

1.954 

0.122 

84.72 

94.12 

74.9 ! 

91+ 

37 

2.051 

0.053 

84.72 

97.48 

76.8 


38 

1.577 

0.751 

82.31 

67.74 

71.64 


39 

2.212 

0.540 

82.31 

80.38 

* 

97+ 

40 

0.164 

1.715 

81.23 

8.73 

44.34 


41 

0.238 

1.788 

81.23 

11.75 

51.11 


42 

0.854 

1.190 

81.23 

41.78 

69.41 


43 

1.005 

0.754 

81.23 

57.14 

71.07 
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TABLE 2—Continued 


WEIGHT OF 

CioHi 

WEIGHT OF 
SOLUTION 

ETHANOL XN 
BINARY 
SOLUTION 

CwH* in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

i '■"* ll 


It b 

grams 

grams 

1 

* 

! 

weight par cant 

•c. 

•c. 

# C. 

1.366 

0.790 

81.23 

63.36 

71.48 



1.420 

0.791 

81.23 

64.22 

71.5 



1.552 

0.798 

81.23 

66.04 


71.55 

75.52 

1.504 

0.722 

81.23 

67.57 


71.7 

77.45 

1.471 

0.643 

81.23 

69.58 


72.0 

81.8 

1.402 

0.467 

81.23 

75.01 


72.05 

94.5 

1.877 

0.300 

81.23 

86.22 


73.2 

118 

1.806 

0.236 

81.23 

88.44 


73.4 

110+ 

2.052 

0.221 

81.23 

90.28 


73.8 

106+ 

1.920 

0.204 

81.23 

90.40 


73.8 

101+ 

2.704 

0.278 

81.23 

90.68 


• 

99.6+ 

1.766 

0.162 

81.23 

91.60 


74.2 

91+ 

1.905 

0.161 

81.23 

92.21 


74.40 

115+ 

2.149 

0.136 

81.23 

94.05 


74.92 

* 

1.831 

0.099 

81.23 

94.87 


* 

99+ 

2.069 

0.098 

81.23 

95.46 


75.65 

97+ 

2.007 

0.066 

81.23 

96.82 


76.42 

76.7+ 

1.974 

0.052 

81.23 

97.43 


76.80 

77.1+ 

1.930 

0.030 

81.23 

98.47 

77.80 



1.933 

0.011 

81.23 

99.43 

79.27 



0.400 

2.076 

78.37 

16.16 

60.04 



0.629 

1.312 

78.37 

32.41 

69.02 



1.179 

1.098 

78.37 

51.78 

* 



0.717 

1.213 

75.26 

37.15 

71.60 



0.925 

1.377 

76.26 

40.18 


71.69 

73.24 

1.322 

0.834 

75.26 

61.32 


72.2 

* 

1.318 

0.751 

75.26 

63.70 


72.25 

• 

2.017 

0.160 

75.26 

93.08 


74.95 

96.8+ 

2.010 

0.118 

75.26 

94.46 


75.6 

87.9+ 

2.007 

0.087 

75.26 

95.85 


76.18 

A 

2.086 

0.086 

75.26 

96.04 


76.30 

* 

2.020 

0.070 

75.26 

96.65 


76.67 

* 

2.001 

0.040 

75.26 

98.04 


77.96 

* 

2.050 

0.028 

75.26 

98.65 


78.26 

• 

2.004 

0.021 

75.26 

98.96 


78.57 

* 

0.683 

1.710 

75.05 

28.54 

70 



0.633 

1.544 

75.05 

29.08 

70.34 



0.829 

1.583 

75.05 

34.37 

71.31 



0.756 

1.281 

75.05 

37.11 

71.64 



0.930 

1.422 

75.05 

39.54 


71.76 

73.83 

1.032 

1.433 

75.05 

41.87 


71.79 

75.83 

1.145 

0.683 

75.05 

62.64 


72.29 

* 

1.302 

0.766 

75.05 

62.96 


72.30 

• 

1.267 

0.717 

75.05 

63.86 


72.32 

* 

1.677 

0.880 

75.05 

65.58 


72.34 

♦ 
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TABLE 2 —Concluded 


TUBE NO. 

WEIGHT OF 

CuHs 

WEIGHT OF 
SOLUTION 

ETHANOL IN 
BINARY 
SOLUTION 

CioHs in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

8—*h 

s 1» —► la 

h-1* 


grams 

grams 

1. 

tr 

* 

i 

weight per cent 

# C. 

•c. 

•c. 

89 

1.413 

0.737 

75.05 

65.72 


72.33 

* 

90 

1.189 

0.618 

75.05 

65.80 


72.31 

* 

91 

1.442 

0.713 

75.05 

66.91 


72.30 

* 

92 

1.473 

0.701 

75.05 

67.76 


72.4 

* 

93 

1.994 

0.060 

75.05 

97.08 


77.1 

* 

94 

1.963 

0.047 

75.05 

97.66 


77.40 

* 

95 

0.1726 

2.428 

71.81 

6.64 

49.2 



96 

0.2634 

1.796 

71.81 

12.79 

63.3 



97 

0.406 

1.971 

71.81 

17.08 

66.8 



98 

0.616 

1.883 

71.81 

24.65 

70.8 



99 

0.667 

1.877 

71.81 

26.22 

71.4 



100 

0.668 

1.725 

71.81 

27.92 

71.8 



101 

0.720 

1.657 

71.81 

30.29 


72 

74.1 

102 

0.699 

1.599 

71.81 

30.42 


72 

74.5 

103 

0.657 

1.431 

71.81 

31.47 


72 

76.2 

104 

0.652 

1.410 

71.81 

31.62 


72 

77.0 

105 

0.844 

1.540 

71.81 

35.40 


* 

81.8 

106 

2.148 

0.130 

71.81 

94.29 


* 

82.5+ 

107 

2.189 

0.019 

71.81 

99.14 


79.1 

81.8+ 

108 

2.319 

0.009 

71.81 

99.61 

79.6 



109 

0.600 

1.589 

71.79 

27.41 

71.79 



110 

0.589 

1.490 

71.79 

28.33 

71.93 



111 

0.530 

1.285 

71.79 

29.20 


72.02 

73.6 

112 

0.583 

1.410 

71.79 

29.25 


72.01 

73.5 

113 

* 0.594 

1.428 

71.79 

29.38 


71.98 

73.5 

114 

0.565 

1.298 

71.79 

30.33, 


72.00 

74.65 

115 

0.586 

1.325 

71.79 

30.67* 


72.00 

75.00 

116 

0.710 

1.536 

71.79 

31.61 


72.00 

77.7 

117 

0.668 

1.428 

71.79 

31.87 


* 

80.31 

118 

0.707 

1.328 

71.79 

34.74 


72.07 

80.95 

119 

0.767 

1.332 

71.79 

36.54 


72.06 

84.3 

120 

0.687 

1.191 

71.79 

36.58 


72.06 

83.92 


K and R. From 30° to 56°C. the values of R were quite constant, the average 
being 2.710, and the values of R obtained from a study of the data of Miss 
Christiansen at 0° and 26°C. agree well with it. At temperatures above 65°C. 
it was difficult to pass a straight line through the points, owing to curvature, 
perhaps explicable by the proximity to the solubility gap; hence these points are 
omitted. The values of K and R will be found in table 5. It is necessary to 
retain all of the figures in both K and R in order to attain the probable accuracy 
of the values of the solubility of naphthalene in pure ethanol; as the value of 
Nm becomes smaller, it is probable that there is considerable uncertainty in the 
last figure of both K and R. 

From Miss Christiansen’s data at 25°C. Arrhenius gives the slope 2.8, a value 
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which accords satisfactorily with the value 2.710 given in table 5. At 0°C. he 
gives the value 3.0, but there are only four experimental points and two of these 
are very nearly pure ethanol; since the points deviate considerably from the best 

TABLE 3 


The solubility of naphthalene in aqueous solutions of 1-propanol 


TUBE NO. 

WEIGHT OF 

CloHs 

WEIGHT OF 
SOLUTION 

1 -PROPANOL IN 
BINARY 
SOLUTION 

CioHs in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

s -+ ll 

s + h -4 ll 

li-i* 


grams 

grams 

weight per cent 

weight per cent 

°C. 

°C. 

° c . 

1 

0.284 

1.814 

89.95 

13.54 

40.91 



2 

0.421 

2.004 

89.95 

17.36 

46.67 



3 

0.482 

1.478 

89.95 

24.59 

53.6 



4 

0.652 

1.376 

89.95 

32.15 

58.5 



5 

0.831 

1:326 

89.95 

38.53 

61.24 



6 

1.110 

0.934 

89.95 

54.31 

65.82 



7 

1.296 

0.776 

89.95 

62.55 

67.53 



8 

1.386 

0.366 

89.95 

79.11 

70.77 



9 

0.708 

1.417 

84.22 

33.32 

62.02 



10 

0.693 

1.382 

84.22 

33.40 

62.05 



11 

0.795 

1.311 

84.22 

37.75 

63.73 



12 

0.864 

1.216 

84.22 

41.54 

64.89 



13 

0.918 

1.093 

84.22 

45.65 

65.93 



14 

1.188 

0.970 

84.22 

55.05 

68.24 



15 

1.093 

0.769 

84.22 

58.70 

68.62 



16 

1 . 20 S | 

0.692 

| 84.22 

63.58 

69.50 



17 

1.408 j 

0.612 

84.22 

69.70 


70.14 

86 + 

18 

i.sii j 

0.544 

84.22 

73.53 


70.62 

86 + 

19 

0.297 

1.593 

80.06 

15.71 

52.13 

% 


20 

> 0.443 

1.586 

. 80.06 

21.83 

58.19 



21 

0.577 

1.501 

80.06 

27.77 

61.92 



22 

0.782 

1.235 

80.06 

38.77 

66.05 



23 

0.912 

1.117 

80.06 

44.95 

67.50 



24 

0.934 

1.047 

80.06 

47.15 

67.95 



25 

1.010 

1.023 

80.06 

49.68 

68.47 



26 ‘ 

1.009 

1.003 

80.06 

50.15 

68.50 



27 

1.005 

0.955 

80.06 

51.28 

68.68 



28 

, 1.001 

0.925 

80.06 

51.97 

68.74 



29 

1.001 

0.906 

80.06 

52.49 


68.78 

70 . 5 + 

30 

1.000 

0.878 

80.06 

53.25 


68.91 

69 . 5 + 

31 

1.100 

0.890 

80.06 

55.28 


69.2 

80 . 3 + 

32 

1.207 1 

0.905 

80.06 

57.15 


69.07 

81 + 

33 . 

1,396 

0.602 

80.06 

69.87 


70.25 

81 + 

34 

, 1.587 

0.320 

80.06 

83.22 


72.0 

81 + 


straight line there is considerable uncertainty in the slope. From the present 
work it Would appear better to call the slope 2.710, and a curve so drawn fits 
the upper three points quite well. 
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TABLE 4 


The 8oluhihty of naphthalene in aqueous solutions of 1 -butanol 


TUBE NO. 

WEIGHT OF 
CioHs 

WEIGHT OF 
SOLUTION 

1-BUTANOL 
IN BINARY 
SOLUTION 

CioHs in 

TERNARY 

SOLUTION 

TRANSFORMATION TEMPERATURE 

s —► ll 

S + ll - h 

li —* la 


grams 

grams 

weight per cent 

weight per cent 

° C . 

°C. 

°C. 

1 

0.163 

1.809 

94.71 

8.27 

21.76 



2 

0.223 

1.796 

94.71 

11.05 

29.59 



3 

0.310 

1.586 

94.71 

16.35 

39.57 



4 

0.497 

1.530 

94.71 

24.52 

49.0 



5 

0.609 

1.504 

94.71 

28.82 

52.7 



6 

0.685 

1.441 

94.71 

32.22 

54.99 



7 

0.814 

1.149 

94.71 

41.67 

59.44 



8 

1.045 

1.012 

94.71 

50.80 

62.90 



9 

1.253 

0.864 

94.71 

59.19 

65.43 



10 

1.504 

0.521 

94.71 

74.27 

69.23 



11 

1.656 

0.311 

94.71 

84.19 

71.8 



12 

1.761 

0.207 

94.71 

89.48 

73.55 



13 

1.889 

0.099 

94.71 

95.02 

76.13 



14 

0.183 

1.650 

89.71 

9.98 

30.73 



15 

0.326 

1.640 

89.71 

16.58 

43.50 



16 

0.443 

1.643 

89.71 

21.24 

51.7 



17 

0.631 

1.405 

89.71 

30.99 

56.74 



18 

0.842 

1.305 

89.71 

39.22 

60.86 



19 

1.016 

0.967 

89.71 

51.24 

64.93 



20 

1.297 

0 . 88 G 

89.71 

59 41 

67.00 



21 

1.503 

0.501 

89.71 

75.00 


70.14 

100 + 

22 

1.738 

0.260 

89.71 

86.99 ! 


73.05 

100 + 

23 

1.864 

0.136 

89.71 

93.20 i 


75.18 

100 - 

24 

1.918 

0.119 

89.71 

94.16 


* 

100 - 

25 

1.961 

0.044 

89.71 

97.81 


* , 

100 - 

26 

0.266 

1.733 

85.04 

13.31 

41.79 



27 

0.367 

1.649 

85.04 

18.20 

48.8 



28 

0.537 

1.487 

85.04 

26.53 

56.43 



29 

0.775 

1.352 

85.04 

36.44 


61.72 

* 

30 

0.927 

1.087 

85.04 

46.03 

; 

64.48 

64 . 6 + 

31 

1.166 

0.855 

85.04 

57.69 


67.15 

93 + 

32 

1.586 

0.427 

85.04 

78.79 


71.23 

* 

33 

1.798 

0.184 

85.04 

90.72 


74.51 

76 + 

34 

1.915 

0.141 

85.04 

93.14 

■ 

75.42 

* 

35 

1.970 

0.053 

85.04 

97.48 


77.69 

♦ 

36 

0.336 

1.794 

81.31 

15.77 


47.28 

64.8 

37 

0.475 

1.589 

81.31 

23.01 


54.69 

75 + 

38 

0.664 

1.378 

81.31 

32.52 


60.33 

98 + 

39 

0.816 

1.075 

81.31 

43.15 


64.05 

* 

40 

0.986 

0.940 

81.31 

54.19 


66.02 

90 + 

41 

1.217 

0.862 

81.31 

58.54 


67.60 

150 + 

42 

1.515 

0.429 

81.31 

77.93 


71.11 

115 + 

43 

1.800 

0.188 

81.31 

90.54 


74.44 

85 + 

44 

1.865 

0.084 

81.31 

95.69 


76.71 

* 

45 

1.979 

0.061 

81.31 

97.01 


77.47 

* 
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If the equation proposed by Arrhenius is fundamentally correct, the values of 
K should yield the solubility of naphthalene in pure water at the various temper¬ 
atures. Tljje values so obtained appear too small 7 and it is evident that the 
different alcohols yield different K values, whereas K should be independent of 
the alcohol employed. It therefore appears either that this particular form of 
equation is not valid over the whole range of concentration or that the present 
data are not sufficiently precise to make it possible to evaluate K and R satis¬ 
factorily. It is almost certain that the slopes will not be found constant at all 
temperatures and concentrations, because this would require that the log Ns 
versus 1000 /T curves for two different solutions should be equidistant at all 
temperatures and, at constant temperature, equal differential heats of solution 
regardless of the concentration. In spite of these shortcomings of the equation 
proposed by Arrhenius, it appears to be very useful for purposes of calculation, 
at least for the range of concentration employed in this research. 

With 1-butanol there appeared to be some curvature in the log Ns versus log 
N b lines at lower temperatures. This may be due to the expected solubility 
gap at rather low concentrations of naphthalene and high concentrations of 
water. The values of K lead to values of the solubility of naphthalene in pure 
water somewhat larger than the expected order of magnitude. 

The data on 1-propanol are not sufficiently numerous to evaluate K and R 
to better than one hundredth of a unit; the values of the solubility of naphthalene 
in pure 1-propanol calculated from these constants will thus hardly equal in ac¬ 
curacy the rounded values published earlier. Arrhenius gives 2 as the value of 
the slope at 25°C.; this accords well with the present value, and Miss Chris¬ 
tiansen’s curve gives a solubility of naphthalene in pure 1-propanol which agrees 
very satisfactorily with that published earlier. The values of K lead to values 
of the solubility of naphthalene in pure water of the expected order of magnitude. 

In the case of methanol the measurements are again rather few in number and, 
as mentioned in an earlier paper, there is some question as to the purity of the 
methanol. The values of R cannot be considered more than limiting slopes. 
Arrhenius gives 4.1 for R at 25°C.; this agrees well with the value given in table 
5, which was obtained after carefully studying Miss Christiansen’s work along 
with the present work at higher temperatures. At 0°C. he gives the value 4.8, 
which appears definitely out of line with the trend of the R values in table 6, 
but his value is based on only three points, so that the case is much the same as 
discussed under ethanol. It will be noted that with methanol alone does the 
value of R change with temperature to such a degree as could hardly be at¬ 
tributed to experimental error. The values of K are seen to be very negative; 
it would appear, therefore, that the log N n versus log N M curves would show 
definite curvature at lower values of Ny and Nu- 

Attention has been called, in the earlier paper, to the fact that Ward’s results 
on the solubility of naphthalene in methanol are about 8 per cent higher than 
those reported for the sample of methanol used in this research. A very slight 

7 The only values of the solubility of naphthalene in pure water which have been found 
(3) lead to K values of —3.57 and —3.38 at 0° and 25°C., respectively. 
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extrapolation of Miss Christiansen's curve at 25°C. yields a value identical with 
Ward's. In view of these facts it seemed right to consider whether these two 
sets of results could be brought into agreement on the assumption that the 
methanol used in these researches contained a certain amount of water. The 
temperature 50.6°C. was chosen for this study because both Sunier and DeRight 
had independently made up and run tubes containing different amounts of water; 
calculations of N# and N M for these tubes and for the “pure" methanol were then 
made, assuming the percentages of water to be 0.2, 0.6, and 1.0; then the loga¬ 
rithms of these three values and Ward's value were plotted. With 0.6 per cent 
water the four points fell quite well on a straight line of slope almost the same as 
that of the three points on the original basis; with 0.2 per cent water the curve 
showed a curvature in a direction not noted in any other case; while for 1.0 per 
cent water all four points fell on a smooth curve with moderate curvature in a 
direction observed in several other cases. This tends to prove that the methanol 


TABLE 5 

Constants for equations for the ternary ditectic surface 


1 

ALCOHOL 

CON¬ 

STANT 

VALUES OP CONSTANTS AT 

RANGE OF 
CONCENTRA¬ 
TION. MOLE 
PER CENT 
ALCOHOL IN 
BINARY 
SOLUTION 

0*C. 

25°C. 

3Q°C. 

35°C. 

40°C. 

45°C. 

50 # C. 

55°C. 

60°C. 


/ 

K. 


-8.19 

-8.28 

-8.36 

-8.46 

-8.55 

-8.66 

-8.78 

-8.86 

90-100 

Metnanol. . 


R .... 


4.27 

4.36 

4.44 

4.54 

4.63 

4.74 

4.86 

4.98 



/ 

K . 

-5.168 

-4.808 

-4.730 

-4.649 

, -4.559 

-4.462 

-4.349 

-4.221 


50-100 

iiithanoi 

\ 

R . 

2.710 

2.710 

2.710 

2.710 

2.710 

2.710 

2.710 

2.710 




i 

K.. . 


-3.10 

-3.01 

-2.92 

-2.83 

-2.73 

-2.62 

-2.48 


55-100 

l»Propanol 

\ 

R . 


1.00 

1.90 

1.90 

1.90 

1.90 

1.90 

1.90 




j 

K . 



—1.958 

-1.874 

-1.778 

-1.678 

-1.572 

-1.455 

-1.302 

60-100 

A-Dwanoi... 

i 

R . 



1.421 

j 1.421 

1.421 

1.421 

1.421 

1.421 

1.421 



contained about 0.6 per cent water, but it is not positive proof, since Ward's 
methanol may have contained some water or some component which tended to 
increase the solubility of naphthalene. It is apparently necessary to leave this 
question still open; if in the future it should be proven that a small percentage 
(such as 0.6 per cent) of water was present in the methanol, the only changes 
necessary in table 1 will be in the values in column 4; as regards table 5, it is 
almost certain that the limiting slopes will be found satisfactory and the values 
of K will be made more positive by 0.02 to 0.03 units depending on the tem¬ 
perature. 

The transformation s + li the three-phase monotectic equilibrium curve 
and quantities derivable from it 

Sectional graphs (5) of weight per cent versus temperature were constructed 
from the data in columns 5 to 8 of table 2. In figure 1 will be found curves for 
three solutions, experimental points being omitted since the scale is so small. 
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Fig. 1 . Sectional graphs for three solutions in the system naphthalene-water-ethanol 


TABLE 6 

Data on the three-phase monotectic equilibria existing in the four systems 


ALCOHOL 

ALCOHOL IN 
BINARY 
SOLUTION 

POSITION ON SECTIONAL GRAPH 

Lower intersection of four 
phase areas 

Upper intersection of four 
phase areas 

CioHs in 
ternary solution 

Temperature 

CioIIs in 
ternary solution 

Temperature 


weight per cent 

weight per cent 

°C. 

weight per cent 

°C. 

Methanol. j 

89.62 

64 

71.5 

95.5 

75.1 

90.40 

69.2 

71.5 

92.1 

73.6 # 


71.80 

28.8 

72.00 

99.4 

79.4 


76.05 

38.2 

71.74 




75.26 

38.3 

71.72 

99.0 

78.6 

Ethanol. 

78.37 

53 

(71.47) 



81.23 

64.2 

71.50 

98.0 

77.6 


82.31 

69 

71.6 




84.72 

76.3 

71.9 

97.2 

76.7 


88.08 

86 

72.5 

97.0 

76.5 

1-Propanol. 

80.06 

84.22 

52.2 

67 

68.76 

69.8 



► 

81.31 

14 

45 



1-Butanol. 

85.04 

45 

64 




89.71 

70 

69 

98 

78 


The intersections of four 8 phase areas (for example, the points a, b, c , d, and e 
in figure 1) gave the points listed under ethanol in table 6. 

8 The upper boundary of the “fourth” phase area is given by the line akb (for one 
sectional graph); the lower boundary does not fall within the scope of the present paper. 
The reader may gain an idea of the probable shape of the lower boundary by studying 
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The first three of the lower intersections gave little if any difficulty on the 
experimental side; the fourth is based on rather meager data,—two s —» h deter¬ 
minations carried out with care and a third tube, not run carefully in the solubil¬ 
ity apparatus, which became very milky in appearance on supercooling. The 
observation of this phenomenon, which almost invariably occurred when the 
percentage of naphthalene was slightly less than that corresponding to the point, 
served to fix the lower limit of concentration for this point, the temperature being 
obtained from a curve to be discussed later and therefore put in parentheses. 
The fifth (point a, figure 1) gave some difficulty on the experimental side, owing 
to the opalescence which appeared and persisted for considerable periods of 
time; with tube number 44 this was especially true and with the next tube to a 
lesser extent. At one time a bluish color was seen in tube 45. There may be an 
uncertainty of 0.05° in the temperature given for this intersection and consider¬ 
able uncertainty in the composition because of the supposed proximity to the 
plait point. The sixth point is based on rather meager data,—the supercooling 
phenomenon mentioned above but observed carefully by two independent 
workers who found that the cloudiness appeared at 70.4°C. (the temperature, 
71.64°C., given in table 2 for the transformation s —* h is believed to be about 
0.05°C. high). The seventh point offered no difficulty but the eighth did to 
some extent, owing to opalescence and the formation of bubbles during the run. 

At the upper intersections of four phase areas there was in almost every case 
some difficulty in determining conclusively the character of the transformation 
or the exact temperature of transformation; as the amount of second liquid phase 
became smaller it could be noted merely by the phenomenon of non-wetting of 
the walls of the tube. A simple calculation employing the lever principle on the 
suitable tie lines showed that in certain cases the ratio of weights of the two liq¬ 
uid phases approached 400 to 1 and with a total weight of 2 g. the lesser phase 
would weigh only 5 mg. and thus might escape notice. The curves showing the 
course of the l\ —» 1 2 transformation were so nearly vertical in this region as to 
assist materially in fixing the intersections more precisely, thus compensating 
to a considerable degree for the difficulty just mentioned. 

These intersections when plotted on triangular coordinate paper fall very near 
to or directly on a smooth curve (curve E , figure 2). The points a, b, c, and 
d in this figure are the points so designated in figure 1. A slight extension of the 
curve to the W-N plane yields a value of the solubility of water in naphthalene 
around 0.1 per cent, the temperature being very near 80°C. (this would be a 
quadruple point for this binary system). Sunier, in an unpublished research, 
found that a tube containing naphthalene and 2.3 per cent water showed an 
s + U —»1 2 transformation at about 79.9°C., and up to 82.5°C. there seemed to be 
no change in the size of the two small droplets of water-rich phase; this observa¬ 
tion is in qualitative agreement with the above values. Data (4) on the mutual 

Marsh’s discussion (5) of type XIII. A number of observations not recorded in this 
paper are believed to be in accord with that discussion. The notation s + li —► Is is 
used in this paper to denote the phases in equilibrium at the upper boundary of the 
“fourth” phase area and on the three-phase monotectic equilibrium curve. 
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solubility of benzene and water and of toluene and water also seem in line* with 
the above values. 

The quantities derivable from the three-phase monoteetic equilibrium curve 
are the tie lines making up the ruled surface and the plait point which may be 
considered the “last” tie line. From the various experimental points on the 
curve, perpendiculars were dropped to the W-N plane; these values when plot¬ 
ted versus the temperatures given in table 6 yielded a smooth curve which passes 
through a minimum. On this curve at the first three temperatures given in 



Fig. 2. Projection on N-W-A plane of (a) three-phase monoteetic equilibrium curves 
(M , E , P, and B) for all four systems, (b) tie line ( dt ) on ruled surface at 72.00°C., and (c) 
85°C. isothermal ( mn ) on ternary dichortic surface for the system naphthalcne-water- 
ethanol. 


TABLE 7 


Compositions of conjugate solutions in equilibrium with solid naphthalene in the system 

naphthalene-water-ethanol 


TEMPERATURE 

CioIIa 

CzHjOH 

HsO 

CioHs 

CaHiOH 

h 2 o 

°c. 

weight per cent 

weight per cent 

weight per cent 

weight per cent 

weight per cent 

weight per cent 

72.00 

28.8 

51.2 

20.0 

78.2 

18.5 

3.3 

71.75 

37.2 

46.8 

16.0 

73.1 

22.4 

4.5 

71.50 

60.0 

38.9 

11.1 

64.2 

29.2 

6.6 

71.45 

67.6 

33.8 

8.7 

57.5 

33.8 

8.7 


table 7 there were two values for each temperature; these were accordingly read 
off, and at these values on the triangular plot perpendiculars were erected and 
extended to the curve. These two points at each temperature therefore gave 
the compositions of the conjugate solutions in equilibrium with solid naph¬ 
thalene; they are given in table 7 and a typical example is found in figure 2, 
points d and t, which applies at the temperature 72.00°C. The plait point is, 
simply enough, the lowest point on the plot but must be treated in the same way; 
the result so obtained is plotted in figure 2. 
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The positions of the tie lines were also determined by reading off from the 
working sectional graphs the intersections of the horizontal temperature lines 
with the respective slightly curved lines representing the s + U I 2 transforma¬ 
tion; by way of illustration, in figure 1 if the compositions corresponding to the 
points d y hy and k are read off and then plotted on the respective section lines 
indicated at the left of figure 2, they fall on or nearly on the line eft. The re¬ 
sults obtained by this second method agreed satisfactorily with those listed in 
table 7 but are not given, because they are believed to be somewhat inferior in 
precision owing to the scarcity of experimental points on certain sectional graphs. 
The plait point was also determined by extending the curve connecting the mid¬ 
points of the tie lines, and the result agreed satisfactorily with that given in 
table 7. 

With methanol the observations are not sufficiently numerous to enable one 
to say definitely that the plait point has been reached, but it appears to be in 
the vicinity of 71.5°C. and a composition around 65 per cent of naphthalene. 
Tube No. 32 appeared opalescent over a several degree range of temperature; 
hence the values given in table 6 for this lower intersection of four phase areas 
are only approximate. The other three intersections appear much more satis¬ 
factory. The uncertainty as to the purity of the methanol produces a little un¬ 
certainty in the position of the section lines; if, say, 0.6 per cent of water was 
present in the methanol this would shift curve M (figure 2) very slightly upward, 
to a lesser extent as the percentage of naphthalene is increased. With the re¬ 
maining two alcohols it is evident that the plait point has not been reached, and 
it is accordingly possible to determine the positions of the tie lines only qualita¬ 
tively. With methanol the plot of projected values versus temperature resembles 
that for ethanol, but with 1-propanol the curve is quite a little lower and with 
1-butanol it is low r er still and of a different shape. 

On examining figure 2 it appears impossible to correlate the four curves by 
any rational means; however, if the compositions are all brought to the mole per 
cent basis, correlation is quite easy. There is a very regular and relatively large 
change as one passes from methanol to ethanol and thence to 1-propanol, but 
the curve for 1-butanol falls near that for ethanol, between ethanol and methanol, 
and thus at first sight it appears out of line. However, when the temperature is 
considered it is very evident that raising it to around 70°C. w r ould shift the curve 
in the right direction and undoubtedly to a position one w T ould normally expect. 
It is quite evident that the character of the contiguous binary system 1 -butanol - 
water, displaying as it does two liquid phases over a considerable range of concen¬ 
tration and temperature, greatly affects the shape of the three-phase monotectic 
equilibrium curve. 

The transformation h —+ U: the ternary dichortic surface 

Reference has already been made to experimental difficulties encountered in 
the system naphthalene-water-ethanol when the composition of the system w r as 
near that of the upper intersection of four phase areas. As the concentration of 
naphthalene was decreased by small amounts, the liquid phase present in the 
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smaller amount generally gave the appearance of very fine bubbles which re¬ 
flected light very well. On stopping the eccentric these bubbles gradually rose 
to the surface and formed a very thin layer; thus they were of lower specific 
gravity than the main body of the liquid. Generally speaking, it was very 
difficult to tell at what temperature the system became homogeneous, no per¬ 
fectly satisfactory criterion of homogeneity having as yet been discovered. By 
way of illustration it may be said that in tubes having numbers between 51 and 
56, bubbles could be produced, by rather vigorous shaking of the rocker arm, 
over a range of several degrees. With tube No. 56 the bubbles were not stable 
above 107°C. but up to 115°C. the walls of the tube were not wet well by the 
liquid; this temperature is accordingly set as the lower limit of homogeneity. 

With the binary solutions having compositions greater than 80 per cent ethanol 
and thus giving lower intersections of four phase areas to the right of the plait 
point, the presence of bubbles was noted on both branches of the h —* 1 2 curve, 
but as one approached the lower intersection of four phase areas the bubbles 
were larger and the transformation temperature could be determined quite pre¬ 
cisely. On the other hand, with those binary solutions having compositions 
smaller than 80 per cent ethanol, as the lower intersection of four phase areas 
was approached the liquid phase present in the smaller amount had the appear¬ 
ance ot oily droplets, which were quite dull compared to the bright shiny bubbles 
referred to above; these droplets rapidly collected at the bottom of the tube when 
it was brought to rest and thus were denser than the main body of the liquid. 
The explanation of these seemingly strange facts is found when the position of 
the tie lines is carefully considered; a few examples will therefore be given. 
Tube No. 49 gave a transformation temperature of 72.05°C.; thus the 72.00°C. 
tie line will serve for purposes of discussion. By applying the lever principle 
at the point 75.01 per cent naphthalene on the appropriate sectional line it is 
seen that the ratio of the weight of the lighter to denser phase is about 0.1, and 
this accords with observations not recorded in table 2. Tube No. 30 is in much 
the same category. Tube No. 33 is also much the same but is on a different tie 
line. In that group of binary solutions having compositions less than 80 per 
cent ethanol tube No. 104 may be considered. Here the observation was made 
that the ratio of volume of denser to volume of lighter phase was about 0.1; 
this accords with the result of a study similar to that given above (tube No. 116 
gives the transformation temperature much more precisely, but no observations 
on relative amounts of phases were noted for this tube). In all of the above cal¬ 
culations the densities of the two phases are considered equal; this is only ap¬ 
proximately correct, but is sufficiently so for present purposes. 

In table 8 will be found a few values pertaining to the ternary dichortic sur¬ 
face for the systems involving methanol and ethanol; these have been read off 
from the sectional graphs. In the case of ethanol the points m, n, p, and r 
(figure 1) correspond to the values found in table 8 at 85.0°C. and the points 
m and n are also plotted in figure 2. It is seen from this table and the portion 
of the 85°C. isotherm plotted in figure 2 how very rapidly the temperature 
changes with slight changes in the concentration. With methanol the data are 
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adequate for drawing the complete curve for both solutions, the maxima oc¬ 
curring at about 87°C. and 87 per cent naphthalene and 82°C. and 85 per cent 
naphthalene, respectively. As to ethanol, only with the solution containing 
81.23 per cent ethanol was this possible, the maximum being apparently at about 
120°C. and a percentage of naphthalene between 90 and 95; to have plotted all 
of the values would have extended the scale and, furthermore, there is some 
uncertainty in the points on the right-hand branch of the curve, for reasons al¬ 
ready given. 

With 1-propanol and 1-butanol the observations are not sufficiently numerous 
to allow drawing the appropriate lines on the sectional graphs; hence no values 
are given in table 8 for these systems. However, an inspection of table 4 shows 
that for the system involving 1-butanol the ternary dichortic surface has prob- 


TABLE 8 


Data pertaining to the ternary dichortic surface for the systems naphthalene-water-methanol 

and naphthalene-^water-ethanol 


ALCOHOL 


Methanol 


Methanol... 


Ethanol 


Ethanol 


ALCOHOL IN 
BINARY SOLUTION 


NAPHTHALENE IN TERNARY SOLUTION 


TEMPERATURE 


Left-hand branch 
of curve 


Right-hand branch 
of curve 


weight per cent 

89.62 

90.40 

71.80 

81.23 


°c. 

J weight per cent 

weight per cent 

75.0 

68.2 

• 

80.0 

74.4 

94.3 

85.0 

82.3 

90.7 

75.0 

73.7 

92.0 

o o 

ss? 

80.3 

89.5 

75.0 | 

30.7 


80.0 

33.8 

99.4 

85.0 

36.9 

99.3 

75.0 

66.2 


80.0 

68.7 

97.9 

85.0 

71.0 

97.6 


ably much the same pitch as that of the first two. Measurements were carried 
in one case (tube No. 41) to 15()°(k but homogeneity had not occurred, and other 
tubes near it showed that high temperatures are required to produce homo¬ 
geneity. 

It may be well to mention that since this work was completed Washburn (12) 
has correlated, from the standpoint of polarity, several researches on binodal 
curves at 25°C. in systems involving hydrocarbon-water-alcohol, the hydro¬ 
carbons employed being in general liquids and the alcohols being among the 
lower ones in the aliphatic series. There appears to be no reason to doubt that 
any such correlation could be carried over to the present systems. In the 
present researches an isotherm on the ternary dichortic surface corresponds to a 
binodal curve of Washburn, the temperature differing by at least 50°(\ And 
since the three-phase monotectic equilibrium curve when projected on to the 
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N-W-A plane is of very similar shape to the isotherms just mentioned, it 
should be possible to extend the correlation to it, especially if the temperature 
is considered, as mentioned earlier. It hardly seems necessary to discuss this 
point further, in view of the work mentioned. 

SUMMARY 

Over two hundred determinations of the upper or, within the solubility gap, 
the upper two transformations using the synthetic method have been made on 
four naphthalene-water-aliphatic alcohol systems, the alcohols being methanol, 
ethanol, 1-propanol, and 1-butanol. Equations of the type proposed by Ar¬ 
rhenius are given for a considerable portion of the ternary ditectic surfaces. 
The three-phase monotectic equilibrium curves, within certain ranges of concen¬ 
tration, have been determined and quantities derivable from the curve for the 
system involving ethanol are given along with methods of so doing. The general 
course of the ternary dichortic surfaces has been established. 

In addition to the facts stated in the first paragraph it is well to add that the 
work of the present authors has been carried out under the supervision of Dr. 
A. A. Sunier and that he has checked all, or nearly all, of the calculations and 
has prepared this paper for publication. 
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SURFACE TENSION AND ACTIVITY OF SULFUR DIOXIDE 
SOLUTIONS OF POTASSIUM THIOCYANATE 
W. G. EVERSOLE, T. F. HART 1 , and G. H. WAGNER 1 
Division of Physical Chemistry , State University of Iowa , Iowa City , Iowa 
Received July 7 ,1948 

In a recent investigation in this laboratory (6) determinations were made of 
the surface tension of liquid sulfur dioxide and of solutions of potassium thio¬ 
cyanate in liquid sulfur dioxide in the concentration range of 0.008 to 0.800 
molal. 

In the present investigation the surface-tension measurements have been ex¬ 
tended down to 0.0001 molal solutions, and the activity coefficients of potassium 
thiocyanate in liquid sulfur dioxide have been determined. The data have been 
used to test the validity of current surface-tension theories (1, 2, 8, 10) for this 
particular system. 

DETERMINATION OF ACTIVITY COEFFICIENTS 

The determination of activity coefficients of a solute in dilute solution from 
vapor-pressure data, although sound theoretically, is limited practically by the 
small magnitude of the vapor-pressure lowering in solvents of low vapor pres¬ 
sure. In solvents of high vapor pressure, the vapor-pressure lowering in dilute 
solutions is correspondingly increased, and it has been found possible to make 
satisfactory measurements at concentrations as low as 0.003 molal in sulfur 
dioxide solutions at temperatures near room temperature. 

The sulfur dioxide and potassium thiocyanate used were purified in the same 
manner as in the previous investigation (6). 

The apparatus used to determine the vapor-pressure lowering is pictured 
schematically in figure I. The technique of its operation has been previously 
reported by Eversoie and Hanson (4). The constant-temperature bath used 
in this investigation was controlled to ±0.002°C., and the results of the differen¬ 
tial vapor-pressure measurements were duplicated to ±0.001 cm. The attain¬ 
ment of thermal equilibrium was assured by approaching the desired tempera¬ 
ture from both sides. 

The activity coefficients,/*, were calculated using the equation 

In /at = -h' — 2 j£ dr* (1) 

where 



r * 


2m 

K 


2(64.06) 

1000 


m 


m = molality of the solution 

AP 

ai = activity of the solvent = 1 —=5- 

Po 

2l7l 

N * mole fraction of the solute =* » , 

A. ± 2m 

1 Present address: Linde Air Products Company, Buffalo, New York. 
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The integral of equation 1 was evaluated graphically using experimental values 
for finite concentrations and extrapolating to infinite dilution, as described in a 
previous communication (5). The experimental data used in these calculations 
are tabulated in table 1. The curves used for the graphical integration are given 
in figure 2. It has been shown (5) that if values of f N are known, it is possible to 
calculate values for the molar activity, a y . The equation relating a y and f N is 



0t y = f N N ipora 

where 

N\ = mole fraction of the solvent 
= 1 - N 

Po = density of the solvent, and 
m = molality of the solution. 

The values for f N and a y at various concentrations for the three temperatures 
investigated are tabulated in table 2. 

EXTENSION OF SURFACE-TENSION MEASUREMENTS 

In extending the measurements of surface tension to lower concentrations, 
two modifications of the method previously described by Eversole, Wagner, and 
Bailey (6) were necessary. Since dilute solutions of known concentration in 
liquid sulfur dioxide cannot be prepared by accurate dilution of a more concen¬ 
trated standard solution, it was necessary to determine the small amount of 
potassium thiocyanate used (as little as 0.96 mg.) by a modified Volhard anal¬ 
ysis. To provide a large enough volume to permit an accurate analysis of the 
most dilute solutions it was necessary to increase the volume of the apparatus. 
This was accomplished by constructing a new apparatus of larger bore but of 
approximately the same length. The capillaries and quartz bob used for this 
investigation were the ones used previously, but a new helix was used. This 
helix was calibrated in liquid sulfur dioxide, using density values already reported 
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TABLE 1 

Vapor-'pressure data 


m ' 

AP 

m 

, 1/2 

N 




15°C. 



0.0000 

U.000 

1.00000 

0.00000 

0.00000 

18.43 

0.0035 

0.057 

0.99972 

0.02118 

0.00045 

18.06 

0.0076 

0.100 

0.99951 

0.03120 

0.00097 

16.05 

0.0093 

0.118 

0.99943 

0.03452 

0.00119 

15.02 

0.0119 

0.136 

0.99934 

0.03905 

0.00152 

14.50 

0.0209 

0.270 

0.99869 

0.05175 

0.00267 

9.83 

0.0243 

0.270 

0.99869 

0.05580 

0.00310 

10.34 

0.0406 

0 490 

0 99762 

0.07212 

0.00517 

7 48 

0.0638 

0.660 

0 99080 

0.09041 

0.00811 

6.67 

0.0985 

0.975 

0.99527 

0.11234 

0.01246 

5.50 

0.1164 

1.178 

0 99428 

0.12212 

0.01469 

4.98 

0.1377 

1 292 

0 99373 

0 13282 

0.01734 

4.78 

0.1846 

1.595 

0 99226 

0.15379 

0.02310 

4.29 

0.2104 

1.752 

0.99149 

0.16418 

0.02625 

4.08 

0 2229 

1 856 

0 99099 

0.16899 

0.02777 

3.96 

0.3322 

2 378 

! 0 98845 | 

0.20630 

0.04082 

3 42 

0.3966 

2.650 

! 0.98713 

0.22542 ; 

| 0.04836 

3.20 

0.5957 

3.360 

; 0 98369 

0.27626 ! 

0 07091 

2 71 

0.9594 

4.460 

0 97835 ! 

1 ; 

0.35060 1 

1 

0.10916 

1 

2.18 


20 °C. 


0.0000 

0 000 

1 (XXXX) 

0.00000 

0 00000 

19.99 

0.0035 

0.067 

0.99973 

0.02118 

0.00045 

18.45 

0.0093 

0 146 

0.99940 

0.03452 

0.00119 

18.61 

0.0120 

0 202 

0.99918 

0.03921 

0 00154 

14.48 

0.0210 

0.325 

0.99868 

0.05187 

0.00268 

11.82 

0.0243 

0.355 

0 99855 

0.05580 

0.00310 

9.75 

0 0406 

0.610 

0.99751 

0 07212 

0.00517 

9.56 

0.0639 

0.780 

0 99682 

0.09048 

0 00812 

7.19 

0.0987 

1.163 

0.99526 

0.11245 

0.01249 

6.71 

0.1167 

1 305 

0.99568 

0.12228 

0.01473 

5.50 

0.1379 

1.528 

0.99377 

0.13292 

0.01736 

4 80 

0.1848 

1 872 

0.99237 

0.15387 

0.02313 

4.32 

0.2110 

1.940 

0 99209 

0.16442 

0.02632 

4.22 

0.2232 

2.147 

0.99125 

0.16910 

0.02780 

4.01 

0.3331 

2.734 

0.98886 

0.20658 

0.04093 

3.47 

0.3980 

2.970 

0.98789 

0.22581 

0.04852 

3.26 

0.5967 

| 3.800 

0.98451 

0 27649 

0.07102 

2 75 

0.9609 

5.090 

0.97925 

0.35087 

0 10962 

2.20 

25°C. 

0.0000 

0.000 

1.00000 

0.00000 

0 00000 

22.21 

0.0035 

0.080 

0.99972 

0.02118 

0 00045 

18.22 

0.0093 

0.150 

0.99948 

0.03452 

0.00119 

i 

16.40 









TABLE 1 —Continued 


m 

AP 

«i 

25°C.-C 

f i/i 

'ontinued 

N 

A' 

W 

0.0120 

0.278 

0.99904 

0.03921 

0.00154 

9.61 

0.0210 

0.375 

0.99871 

0.06187 

0.00268 

10.00 

0.0244 

0.456 

0.99843 

0.05591 

0.00312 

8.87 

0.0407 

0.730 

0.99749 

0.07221 

0.00519 

7.13 

0.0640 

0.900 

0.99690 

0.09055 

0.00813 

6.81 

0.0989 

1.321 

0.99545 

0.11257 

0.01251 

5.63 

0.1170 

1.515 

0.99479 

0.12243 

0.01477 

5.26 

0.1382 

1.905 

0.99345 

0,13306 

0.01740 

4.66 

0.1850 

2.161 

0.99256 

0.15396 

0.02315 

4.37 

0.2116 

2.270 

0.99219 

0.16465 

0.02639 

4.24 

0.2235 

2.470 

0.99150 

0.16922 

0.02784 

4.06 

0.3341 

3.116 

0.98928 

0.20689 

0.04105 

3.52 

0.3995 

3.420 

0.98823 

0.22624 

0.04869 

3.29 

0.5975 

4.240 

0.98541 

0.27668 

0.07111 

2.79 

0.9625 

5.705 

0.98037 

0.35116 

0.10978 

2.23 



r* 

Fig. 2. Data for potassium thiocyanate in liquid sulfur dioxide. O, 15°C.; Q, 20°C. 
©, 25°C. 
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(6). Tbe calibration of the capillaries was checked at the same time, using pre¬ 
viously reported values for the surface tension of liquid sulfur dioxide. Using 
this modified method and apparatus it was possible to determine the densities, 

TABLE 2 


Activity coefficients and molar activities 





m 

I — df>« 



Jo «** 


15 ° C . 


0.0001 

0.06598 

0.820 

0.00011 

0.0005 

0.1474 

0.643 

0.00045 

0.0010 

0.2083 

0.535 

0.00075 

0.0050 

0.4618 

0.253 

0.00176 

0.0100 

0.6354 

0.166 

0.00231 

0.0500 

1.0607 

0.068 

0.00472 

0.1000 

1.2581 

0.044 

0.00606 

0.5000 

1.7991 

0.014 

0.00918 

1.0000 

2.0603 

0.007 

0.00866 

20 ° C . 

0.0001 

0.07156 

0.807 

0.00011 

0.0005 

0.1599 

0.619 

0.00043 

0.0010 

0.2259 

0.508 

0.00070 

0.0050 

0.4947 

0.238 

0.00164 

0.0100 

0.6643 

0.160 

0.00221 

0.0500 

1.0933 

0.064 

0.00440 

0.1000 

1.2885 

0.041 

0.00560 

0.5000 

1.8368 

0.013 

0.00845 

1.0000 

2.1022 

0.007 

0.00858 

25 ° C . 

0.0001 

0.07951 

0.787 

0.00011 

0.0005 

0.1777 

0.587 

0.00040 

0.0010 

0.2510 

0.471 

0.00065 

0.0050 

0.5438 

0.205 

0.00140 

0.0100 

0.7238 

0.138 

0.00189 

0.0500 

1.1539 

0.056 

0.00381 

0.1000 

1.3505 

0.037 

0.00500 

0.5000 

1.9015 

0.011 

0.00708 

1.0000 

2.1644 

0.006 

0.00728 


surface tensions, and concentrations of solutions down to a concentration of 
about 0.0001 molal. 

The results of these measurements are recorded in table 3, where D is the den¬ 
sity of the solution and d is the density of the vapor. 



708 


W. G. EVERSOLE, T. F. HART, AND G. H. WAGNER 


TABLE 3 


Densities and surface tensions 


m 

D 

d 

9 


15°C. <ro 

, « 22.926 


0.00017 

1.39574 

0.00760 

22.940 

0.00107 

1.39652 

0.00760 

23.031 

20°C. <r„ = 21.970 

0.00012 

1.38303 

0.00908 

22.020 

0.00017 

1.38256 

0.00908 

21.974 

0.00107 

1.38334 

0.00908 

22.091 

0.00541 

1.38495 

0.00908 

21.974 


25°C. (T 0 

- 21.025 


0.00012 

1.36913 

0.01070 

21.066 

0.00017 

1.36902 

0.01070 

21.019 

0.00107 

1.36972 

0.01070 

21.137 

0.00542 

1.37094 

0.01070 

21.035 



m 

Fig. 3. Relative surface tension of solutions of potassium thiocyanate in liquid sulfur 

'linvirio 0 + 9.^°^ - ovnorimnnf cil • — Onoairor-Qomuraa annnlinn 

TEST OF THE ONSAGER-SAMARAS EQUATION 

Onsager and Samaras (10) have derived a limiting law for the surface tension 
of solutions of strong electrolytes which is, for uni-univalent electrolytes, 

, 79.517 , v , /1.143 X 10~ 13 (Z) 0 r) 3 \ 

'"" + -6,- wl0 H-7- ) 

where 

<r = surface tension of the solution, 

Co = surface tension of the solvent, 

Do = dielectric constant of the solvent, 
y = molarity of the solution, and 

T = absolute temperature at which the measurement is made. 
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If the molarity were replaced by the molar activity in the above equation, it 
might be expected that agreement between the theory and experiment would be 
possible even at moderate concentrations. Using the values for the molar activ¬ 
ities obtained in this investigation, the authors have plotted the values of the 
Onsager-Samaras equation along with the experimental values. The results 
are shown in figure 3, where the relative surface tension (<t/<tq) is plotted against 
the molality of the solution for the dilute concentration range. 

From this graph it is obvious that the Onsager-vSamaras equation is in agree¬ 
ment with experimental observation with respect to the limiting slope at infinite 
dilution but fails to agree at higher concentrations. The curve gives no indica¬ 
tion of the existence of a “Jones-Ray” minimum (3,.7, 9). 

SUMMARY 

1 . The activity coefficients of potassium thiocyanate in liquid sulfur dioxide 
at 15°, 20°, and 25°C. have been determined from vapor-pressure measurements. 

2. Surface-tension measurements for these solutions have been extended to 
lower concentrations than previously reported. 

3. The “Jones-Ray” minimum has not been observed for this system. 

4. The agreement between the experimental results and the Onsager-Samaras 
equation is only qualitative. 
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COMMUNICATION TO THE EDITOR 
NOTE ON ANTONOFF’S RULE 1 

In a paper by A. Yoffe and E. Hevmann (J. Phys. Chem. 47 , 409 (1943)) 
on the subject of Antonoff’s rule, objections are raised which are substantially 
answered in the author’s paper in this Journal (J. Phys. Chem. 46 , 497 (1942)). 
Yoffe and Heymann make allusion to it, but the explanations given failed to 
convince them. Let us, therefore, consider all existing experimental data and 


1 Received August 5, 1943. 
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discuss the question of the extent to which they support AntonofTs rule or other¬ 
wise. 

The author considers that, although considerable deviations have been pointed 
out by various experimentalists, none of these data can be cited against the law. 

In the first place all existing data have to be discarded, because none of the 
authors took into consideration the time factor without which the experimental 
material is meaningless. 

Secondly, in some cases the experimental figures obtained by existing methods 
are not sufficiently reliable. This explains divergence in results obtained by 
different authors. Considering the above, there does not exist a single reliable 
fact which can be cited against the law. 

The data recently published by the author show that when a system is brought 
into a state of equilibrium the law holds true. For this purpose systems were 
chosen in which the solubility is not too small, and not too great, and none of 
the constituents of which are too volatile. Thus the experimental figures are 
sufficiently good to give one a right to draw conclusions. So far there does not 
exist a single fact which indicates that orientation of molecules at the interfaces 
can disturb the equilibrium. 

The conclusions of Yoffe and Heymann can be criticized because they do not 
rest on firm experimental ground. The theory of Harkins, which serves them 
as a working hypothesis, might have some justification if one could think that 
the condition 

r>' 9 9 

r « — Tw To Two 

(notations of Yoffe and Heymann) could prevail in a state of equilibrium. 

Nowadays it is obvious that this is not the case, and a system can be brought 
into a state of equilibrium when Antonoff’s law holds true. Thus the theory 
of spreading coefficient no longer has sense and should be discarded once and for 
all. 

Yoffe and Heymann can be further criticized because they consider, for sim¬ 
plicity’s sake, systems in which mutual solubility is small. This is unfortunate 
from both theoretical and experimental points of view . If one takes the case 
when to = To (where to is the surface tension of the saturated liquid and 
7 o that of pure liquid), as they do, one deals with insoluble liquids. But mu¬ 
tually insoluble liquids do not exist. If they did, the system would be one in 
which both layers emit different vapors, and this is a perpetuum mobile of the 
second kind. 

In conclusion, the author wishes to state that so far there does not exist any 
theoretical or experimental evidence which clashes with AntonofTs law r , and if 
the existence of oriented layers is to be proven, entirely different methods will 
have to be used. 

George Antonoff. 

Chemistry Department 
Fordham University 
New York, New York. 
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The Chemistry of Large Molecules . Vol. I of Frontiers m Chemistry. Edited by R. E. Burk 
and Oliver Crummitt. Published under the auspices of Western Reserve University. 
6 x 9J in.; 313 pp.; 60 fig.; 31 tables. New York: Interscience Publishers, Inc., 1943. 
Price: $3.50. 

This collection of eight contributions by six well-known collaborators constitutes Volume 
I of a series entitled Frontiers in Chemistry and sponsored by the Western Reserve Univer¬ 
sity, at which the material was originally presented in the form of a series of lectures. 

Professor H. Mark contributes two sections,—“The Mechanism of Reactions of Polymer¬ 
ization,” and “The Investigation of High Polymers by X-rays. Dr. Elmer O. Kraemer 
treats two subjects,—“The Colloidal Behavior of Organic Macromolecular Materials,” 
and “The Ultracentrifuge and its Application to the Study of Organic Macromolecules.” 

“The Elastic Viscous Properties of Matter” are discussed by three joint authors, Arthur 
Tobolsky, Richard E. Powell, and Henry Eyring. “The Electrical Properties of High 
Polymers” is presented by Raymond M. Fuoss, “The Organic Chemistry of Vinyl Poly¬ 
mers” by C. S. Marvel, and “The Chemistry of Cellulose and Cellulose Derivatives” by 
P^mil Ott. 

This entire work, covering a field of intense present interest, is presented by eminent 
authorities in their respective subjects. Western Reserve University is to be congratulated 
upon the successful initiation of a splendid program. 

S. C. Lind. 

The Chemical Background for Engine Research. Vol. II of Frontiers in Chemistry. Edited 
by R. E. Burk and Oliver Crummitt. Published under the auspices of Western Re¬ 
serve University. 6 x 91 in.; 297 pp. New York: Interscience Publishers, Inc., 1943. 
Price: $3.50. 

The most intimate point of contact between chemical and engine research is to be found, 
of course, in the internal-combustion engine. Here chemical energy and mechanical power 
ctftne to grips in a way generally familiar to the layman who was quite conversant with the 
terms “knock”, “anti-knock”, “octane number,” and “high octane gasoline” even long 
before the present war. 

Although greatly aided by chemistry, the development of the combustion engine to its 
present status has been largely empirical. Synthetic organic chemistry has produced 
the pure hydrocarbons for research which has shown the way so successfully followed by 
the application of catalytic methods for industrial production of high octane gasoline in 
vast quantities. 

In the theory of combustion and the most effective utilization of chemical energy there 
has been a concentrated attack bringing all the modern principles of thermodynamics and 
of chemical kinetics to bear on the subject of flame propagation. 

The reader will recognize in the several collaborators authorities most competent to 
treat their respective subjects. E. F. Fiock, “Survey of Combustion Research”; F. I). 
Rossini, “Chemical Thermodynamics of Hydrocarbons”; F. C. Whitmore, “Synthetic 
Methods for Hydrocarbons”; G. von Elbe, “Kinetics of Flame and Combustion”; Bernard 
Lewis, “Experimental Side of Combustion Research in Engines”; O. Beeck, “Some Physico¬ 
chemical Aspects of Lubrication”. 

On account of the necessity of war secrecy the field is brought down only through 1940, 
though new and interesting revelations are promised later. 

S. C. Lind. 

Coke Formation Process and Physico-Chemical Properties of Coals. By W. Swietoslawski . 
6$ x 9} in.; viii 4* 145 pp.; 47 fig.; 15 tables. New York: Herald Square Press, Inc., 
1942. Price: $3.50. 
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This book, listed as the first of a Polish Institute series, is essentially a monograph 
describing researches conducted by the Coal Division of the Chemical Research Institute, 
Warsaw, Poland. The author has had to prepare the material for publication in this 
country without the aid of detailed notes or bibliography, as is readily apparent. The 
many inaccuracies, extremely poor editing, misspelling, unusual sentence structure, and 
limited bibliography detract materially from what is basically a sound attempt to correlate 
the various physicochemical phenomena occurring during the carbonization of coal. De¬ 
spite these deficiencies the book should be of interest to fuel technologists and to others 
interested in coke manufacture, and especially so to those whose interest lies in the utiliza¬ 
tion of the lower rank coals of the mid- and far-west. 

The first four chapters cover primarily the classification, the sorption phenomena, the 
activation, and the ignition temperature of coals. The A.S.T.M. classification of coals is 
incorrectly attributed to the Bureau of Mines and incorrectly reproduced and interpreted. 
This leads to numerous inconsistencies in later sections of the book. Several statements 
regarding the properties of the petrographic constituents of coals will be questioned by 
most fuel technologists. Almost no mention is made of the extensive literature on both 
the sorption properties and ignition temperature of^eoal, and most of the discussion and 
conclusions appear to be based upon rather limited experimental data. 

Chapters 5 to 7 deal with the plasticity, binding power, and agglutinating properties of 
coals. Although some of the data are misinterpreted, owing to misunderstanding of the 
A.S.T.M. classification, and some of the important researches along these lines are neg¬ 
lected, the subject is well presented. A new method is described for determining the 
binding power and for expressing the agglutinating properties of coals from measurements 
of the relative abrasion strength of bindcrless briquettes and of coke buttons, respectively. 

Chapters 8 to 10 cover swelling phenomena and the permeability of the plastic zone. 
The treatment of this important subject is somewhat sketchy, but several interesting 
ideas and research problems are suggested. Chapter 11 covers briefly the rather meager 
data on heat of carbonization, and chapter 12, a means for determining the volume and 
average molecular weight of the gas developed during the early stages of carbonization. 

Chapters 13 to 15 deal with an analysis of the coke formation process in the light of ihe 
physicochemical phenomena occurring in the five different zones—cold zone or raw coal 
zone, preplastic zone, plastic zone, critical or solidification zone, and semicoke or contrac¬ 
tion zone. From this analysis the author concludes that the properties of coke are largely 
fixed by the transformations occurring in the plastic and contraction zones. To secure 
optimum results the rate of heating through the plastic zone should be as rapid as possible, 
while the rate of heating in the contraction zone should be relatively slow. It is impossible 
to maintain these two opposing conditions in present-day coke ovens, but in chapter 16 
a two-stage coking process is described which accomplishes the desired result. The author 
points out both the technical advantages and the economic limitations of such a process. 

In general, illustrations throughout the book are poorly reproduced. Figure 20 is 
apparently an error, since the graph does not agree with either the title or the text. The 
tables are not numbered, and generally the basis of the analyses and, in some cases, even 
the units in which the data are presented are omitted. 

C. C. Wright. 

The Electron Microscope. By E. F. Burton and W. H. Kahl. 233 pp.; 110 fig. New 

York: Reinhold Publishing Corporation, 1942. Price: $3.85. 

Although the title might lead one to believe this to be merely a description of the electron 
microscope and its applications, it is much more. Quite properly an optical background 
is first presented, extending over six chapters. The physics of the electron and the dual 
theory of light and of the electron are then introduced. Midway in the text magnetic 
lenses are described. Later this electrostatic electron microscope is treated and finally 
the compound electron microscope of the magnetic type. 
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The accomplishments of this new instrument are already astounding, but as its use 
becomes more extended no one can foresee the developments that will result, especially 
when the instrument is made readily accessible through simplification and reduction in 
cost. Its thorough exposition by such competent authorities adds to the contributions 
they have already made in its development and introduction. 

S. C. Lind. 


Electronic Physics . By L. Grant Hector, Herbert S. Lein, and Clifford E. Scouten. 
355 pp. Philadelphia, Pa.: The lllakiston Company, 1943. Price: $3.75. 

This text is an introduction for beginners to the simpler phenomena of electricity and 
magnetism. Although it appears too elementary for college use, it is stated to have been 
used in freshman and sophomore college courses as well as in training courses for pilots, 
students in the Signal Corps radio classes, and in some high school classes. 

It is unusually well and prolifically illustrated with two-color line drawings, black and 
red, which enliven the appearance and help to clarify the illustrations. 

S. C. Lind. 

Electrical Covnting. With Special Reference to Counting Alpha and Beta Particles By 
W. B. Lewis. 14 x 22 cm.; vii + 144 pp.; 73 fig, London: Cambridge University Press, 
1942. Price: $2 50. 

This book contains, in admirably compact form, a large amount of useful information 
for the experimental nuclear chemist or physicist Its most striking characteristic is the 
concise style which the author employs to pack so much authoritative knowledge into so 
few pages. In the literature on the subject of counting, one might—and often has- read 
several times the volume of the present work without finding as much factual information 
as Dr. Lewis has here put at the reader’s fingertips. 

After a brief statement of the physical basis of the electrical method, the author takes 
up the design and operation of the various parts of a counting system in order: the ion 
chamber, the amplifier, and the recording devices, including scaling and mixing circuits. 
Each of these subjects is discussed with a nice balance between theory and practical details. 
A chapter is devoted to the principle of inverse feedback and to voltage stabilizers. The 
description of circuits, chiefly in terms of British makes of vacuum tubes and other parts, 
imposes a minor limitation on its usefulness to American workers. 

The chapter on Geiger-Midler counters includes an excellent review of the theories of 
counter operation and no less than seven varieties of extinguishing circuits Many readers 
will welcome the inclusion, in the chapter on statistics, of Bateman’s derivation of the 
Poisson formula for random distribution and the corollary square-root error relation. The 
writer noted one or two obvious errors in this part of the text. On page 115, the chance 
that no particles arrive in zero time, W r 0 (0), is stated to be zero, whereas, being certain, 
this chance actually has a probability of unity. 

A concise but complete account of the determination of the ranges of alpha-particles, 
with all the attendant corrections and an illustrative numerical example, occupies tin' final 
chapter and an appendix. A list of eighty-two citations to the literature covers only 
articles published before the war. 

The writer feels that this little book is a most useful addition to his library, and has no 
hesitation in recommending it as the best book on counting he has yet seen. 

D. E. Hull. 

Proteins , Amino Acids and Peptides as Polar and Non-Polar Ions. By Edwin J. Cohn 
and John T. Edsall. 686 pp.; 116 fig Reinhold Publishing Corporation, New 
York. Price: $13.50. 

This book was written by eight collaborators, E. J. Cohn, J. T. Edsall, J. D. Ferry, J. G. 
Kirkwood, J. W. Mehl, H. Mueller, J. L. Oneley, and G. Scatchard. Of these eight, Edsall 
contributed the greatest number of pages. 
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The book is well printed, and the figures are large and easily understood. It is remark¬ 
ably free from typographical errors and is written in clear and explicit language. Part one, 
which occupies nearly half of the book, deals almost exclusively with the electrochemistry 
of amino acids and peptides in solution. Part two is devoted to protein chemistry, a large 
portion of which is the electrochemistry of protein solutions. The thesis of the book is 
thus to a great extent the electrochemistry of solutions. It is curious, in view of this, that 
the discussion of electrophoresis is confined to a short chapter, is entirely of a general 
nature, and has nothing about proteins or amino acids in it. 

As will be gathered from these remarks, this book is not a general treatment of proteins 
or even of the physical chemistry of these substances, but is strictly limited in its scope. 
It is essentially a progress report from the Harvard Laboratories, supplemented by such 
references in the literature as bear upon the work of this group. Such a report should 
prove of great value to protein chemists. 

In a book so free from errors, it is surprising to see on page 196 and again on page 684, 
the general statement that the activities of a substance in two phases in equilibrium are 
equal to each other. The authors even go so far as to cite LewiB and Randall in support 
of this statement! 

Henby B. Bull. 
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